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PREFACE 


The  rapid  advance  of  electrochemistry  and  its  ever  closer  links 
with  and  mutual  enrichment  of  other  sciences,  and  the  continuous 
expansion  of  its  various  branches  makes  a  more  or  less  comprehensive 
presentation  of  electrochemistry  an  extremely  difficult  task. 

In  selecting  the  material  and  the  order  of  presentation  for  this 
work  I  have  been  guided  by  the  definition  of  electrochemistry,  gi¬ 
ven  by  Kislvakovsky  in  1912,  as  the  science  “concerned  with  the 
study  of  the  phenomena  accompanying  the  direct  conversion  o» 
chemical  energy  into  electrical  and  vice  versa  .  This  definition  was 
taken  further  by  Pisarzhcvsky,  who  was  the  first  to  formulate  cle¬ 
arly  the  prerequisites  for  mutual  conversion  of  chemical  and  elect¬ 
rical  forms  of  energy  and  introduce  the  concept  of  clectrochemica 
systems  in  which  this  process  is  possible.  Our  presentation  is  based 
on  the  theory  of  electrochemical  systems,  their  constituent  parts  and 
•heir  possible  slates.  It  seems  to  me  that  these  principles  permit  one 
to  visualize  electrochemistry  as  an  integral  whole  and  independent, 
self-contained  discipline  and  clearly  define  the  boundaries  separa¬ 
ting  it  from  closely  related  sciences.  ,  . 

Much  attention  is  paid  to  disclosing  the  physical  content  of 
electrochemical  phenomena  and  the  essence  of  the  related  theoretica 
conceptions.  The  mathematical  apparatus  is  relatively  simple,  and 
only  the  general  principles  of  electrochemical  experiment  are  given. 
Experimental  procedures  arc  described  in  more  detail  only  where  it 
is  necessary  for  the  understanding  of  the  nature  of  the  process  in 
question  or  the  essence  of  the  theoretical  views  concerned. 

In  writing  this  textbook  I  have  tried  to  cover  all  the  basic  aspects 
of  theoretical  electrochemistry  and  to  reflect  as  completely  as  possi¬ 
ble  the  latest  advances  and  trends  in  its  development.  I  hope  that 
thi«  has  been  accomplished  to  some  extent  but  though  I  have  tried 
to  be  objective,  I  have  probably  not  avoided  a  certain  preference 
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for  what  seemed  to  me  more  correct,  and  particularly  more  important 
and  interesting.  In  this  connection  it  would  seem  appropriate  to 
recall  Mendeleyev’s  words  in  the  preface  to  the  fifth  edition  of  his 
famous  “Fundamentals  of  Chemistry":  —  ‘in  all  objective  expositi¬ 
ons  of  science,  there  will  always  and  inevitably  be  much  that  is 
subjective,  bearing  the  stamp  of  the  times  and  place...  separate 
works,  like  a  mirror,  will  reflect  that  which  is  near  more  clearly 
and  strongly...  although  I  have  striven  to  make  my  book  a  true 
mirror— what  is  dear  to  me  has  involuntarily  been  reflected  most 
sharply  and  illuminated  more  clearly,  and  presented,  through  the 
reflection,  in  all  its  pristine  brightness'.  The  truth  of  these  words 
has  probably  been  felt  by  everyone  who  has  tried  to  generalize  the 
material  of  any  science  or  branch  of  it. 

In  preparing  the  original  Russian  text  for  this  English  edition 
I  have  taken  into  account  the  advice  and  comments  of  my  collea¬ 
gues  and  pupils,  to  all  of  whom  I  express  my  sincere  gratitude. 
Special  thanks  are  due  to  my  wife  who  contributed  so  generously 
of  her  time  and  experience  in  selecting  the  factual  material,  rea¬ 
ding  the  entire  book  and  making  a  host  of  suggestions  to  improve 
the  clarity  and  rigour  of  the  presentation.  Without  her  constant 
help  the  book  would  have  been  impossible.  1  ler  manv  services 
above  and  beyond  the  call  of  duly  are  gratefullv  acknowledged. 


April  1972 


f..  I.  Antropov 
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one  gram-ion) 

ij  =  Work  of  removing  of  an  ion  from  crystal  lattice  (in  terms  of 
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Peel,  =  Electrochemical  potential 
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a  (sigma)  =  Surface  tension 
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f  (plii)  =  Electrode  potential  on  correlative  scolo  (zero-point  scale) 

V.  (el»i)  -=  Quantity  inverse  to  radiusof  ionic  atmosphere;  surface  potential 

f  (P»i)  =  Redox  kinetic  potential 

<|>  (psi)  —  Electrical  |>olcntiol;  outer  potential 

<1*9  =  Volta  potential  difference  between  phases  a  and  P 
Q  (omega)  =  Cross-sectional  area;  surface  area 
<■>  (omega)  =  Angular  velocity:  work  function 
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|,j.  TIIE  SUBJECT  AND  SCOPE  OF  ELECTHOCIIEMISTBY 
lilcclrochemistry  is  concerned  with  study  of  mutual  wnvjwtoo 
ol  cbcmicnl  and  electrical  forms  of  energy  and  also  of  the  laws  and 
regularities  associated  with  this  process.  Cbcm'cal  reactions  are 
usually  accompanied  by  absorption  or  evolution  of  bent  (the  heat 
effect  of  the  reaction)  and  do  not  involve  electrical  energy.  F.lcctro- 
rhemistrv  deals  with  reactions  proceeding  at  the  expense  of  external 
elect ricni  energy  or  serving  as  a  source  of  this  energy.  Such  reactions 
nre  known  ns  electrochemical  reactions.  It  is  evident  that,  from  the 
viewpoint  of  thermodynamics,  electrochemical  reactions  arc  not 
identical  to  chemical  reactions,  and  electrochemistry  should  there¬ 
fore  lie  regarded  ns  an  independent  science. 

To  gel  a  clearer  understanding  of  electrochemistry  as  a  science, 
it  is  necessary  to  consider  in  more  detail  the  distinction  between 
electrochemical  and  chemical  reactions  and  to  elucidate  the  causes 
ilue  to  which  the  energy  effect  of  a  chemical  change  takes  the  form 
of  electrical  energy  in  the  first  caso  and  heat  in  the  second.  Let  us 
consider,  ns  an  example,  the  following  chemical  transformation. 

Fe**  +  Cu*  =  Fcw  +  Cu,f  (I  •  1) 

If  this  reaction  lakes  place  ns  a  chemical  process,  it  will  have  a  num¬ 
ber  of  specific  features.  .  ... ,  ...  _ 

The  reaction  is  feasible  only  when  (he  reactants  collide  with  one 
another.  Ilcnce,  the  necessity  of  contact  between  the  reacting  parti¬ 
cles  is  the  first  specific  feature  of  all  chemical  reactions. 

At  the  moment  of  collision,  when  the  reacting  particles  approach 
one  another  closely,  transfer  of  electrons  from  one  particle  to  another 
becomes  possible.  Whclhor  this  transfer  of  electrons  actually  occurs 
depends  on  the  internal  energy  of  the  reacting  particles  and  the  ratio 
of  that  energy  to  the  activation  energy.  The  activation  energy  is 
n  function  of  the  nature  of  a  chemical  reaction:  in  ionic  reactions 
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this  energy,  as  a  rule,  is  not  grcnl.  The  path  travelled  by  an  electron 
will  be  very  small,  this  being  the  second  charnel  eristic  feature  of 
a  chemical  reaction. 

Collisions  may  occur  at  any  point  of  the  reaction  space,  irrespec¬ 
tive  of  the  position  the  reacting  particles  occupy  relative  to  one 
another.  The  electrons  may  therefore  he  transferred  in  any  direction 
in  space  (Fig.  1. 1).  Tho  chaotic  nature  of  collisions  between  the 
reacting  particles  and  the  resultant  random  movement  of  electrons 

0—©  ©—0 


Fig.  1.1.  .Schematic  rcprcscnlolion^of  electron  transfers  (luring  the  chemical 

constitute  the  third  characteristic  feature  of  a  chemical  reaction. 

Owing  to  these  features  of  chemical  processes  live  energy  effect 
takes  the  form  of  heat. 

For  an  electrochemical  process  to  lake  plane,  the  reaction  condi¬ 
tions  must  be  altered.  The  gain  or  loss  of  electrical  energy  is  always 
associated  with  the  passage  of  an  electric  current,  which  is  a  flow 
of  electrons  in  one  direction.  The  condilions  of  a  chemical  reunion 
must  be  changed  so  that  electrons  move  not  randomly  hut  in  a  sing¬ 
le  definite  direction.  The  use  of  electrical  energy  is  possible  only  if 
the  path  traversed  by  electrons  is  great  as 'compared  to  the  size  of 
atoms.  Thus,  in  electrochemical  reactions  the  electrons  migrating 
from  one  participant  to  another  must  travel  a  sufficiently  long  path. 
Tho  path  of  electron  movement  however  cannot  be  long  if  the  reac¬ 
ting  particles  arc  brought  into  contact.  Therefore  separation  of  the 
reactants  in  space  is  a  necessary  condition  for  an  electrochemical 
process. 

But  separation  of  the  reactants  alone,  that  is.  the  absence  of  con¬ 
tact  between  them,  would  slop  the  chemical  reaction  rather  than 
change  it  into  an  electrochemical  one.  Obviously,  in  order  to  effect 
an  electrochemical  reaction  it  is  necessary  to  provide  additional  con- 
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ditions  in  which  lln-  absence  of  contact  between  the  reactants  would 
not  terminate  the  chemical  process.  The  electrons  mast  be  torn  on 
from  one  of  the  participants  (from  copper  ions  in  the  example  given 
above)  and  transferred  along  a  single  common  path  to  ibe  other 
reactant  (iron  ions).  This  can  be  achieved  if  a  direct  contact  between 
the  reactunts  is  replaced  by  their  contact  with  two  metal  plates 
connected  by  means  of  a  metallic  conductor  of  electricity,  for  the 
flow  of  electrons  to  be  continuous  on  electric  current  must  also  be 
passed  through  the  reaction  space.  This  is  usually  realized  by  the 
reactants  involved  in  an  electrochemical  reaction  (provided  they 
are  in  the  ionized  slate)  and/or  by  addition  of  special  compounds 
capable  of  exhibiting  high  ionic  conduction  under  the  particular 
conditions. 

In  an  electrochemical  reaction,  there  is  ne  direct  contact  between 
the  reacting  particles;  instead,  each  of  the  participants  is  brought 
into  contact  with  the  electrode.  In  this  case  the  reaction  and  the 
associated  energy  changes  remain  the  same  (no  matter  whether  the 
reaction  is  chemical  or  electrochemical),  but  the  kinetics  may  be 
different.  The  activation  energy  in  an  electrochemical  process  may 
differ  from  that  in  a  chemical  one,  owing  to  the  catalytic  properties 
of  the  electrodes.  Since  the  electrode  potential  may  vary,  the  energy 
of  activation  for  the  electrochemical  mechanism  of  a  chemical  reacti¬ 
on  will  depend  not  only  on  the  nature  of  the  reactants  and  the  elec¬ 
trode,  but  also  on  the  electrode  potential. 

From  the  foregoing  it  follows  that  the  rate  of  an  electrochemical 
reaction  depends  not  only  on  the  temperature,  the  activity  of  the 
reactants  and  the  material  of  the  catalyst,  i.c..  on  the  same  factors 
that  determine  tile  rale  of  a  chemical  reaction,  hut  also  on  the  elect¬ 
rode  potential.  Electrochemical  reactions  may  be  defined  as  chemi¬ 
cal  reactions  the  rate  of  which  is  a  function  of  the  potential.  They 
thus  differ  from  chemical  reactions  not  only  from  the  thermo¬ 
dynamic  (the  energy  effect  of  the  process)  hut  also  from  the  kinetic 
point  of  view  (the  energy  of  activation). 

The  mutual  conversion  of  chemical  and  electrical  forms  of  energy 
is  possible  only  in  electrochemical  systems,  study  of  which  is  the 
field  of  electrochemistry. 

A  system  in  which  an  electrochemical  process  lakes  place  is  illu¬ 
strated  in  Fig.  1.2.  It  consists  of  the  following  parts: 

(1)  the  reacting  substances  and  ionized  substances  or  substances 
contributing  to  ionization,  which  provide  the  passage  of  an  electric 
current;  this  part  of  the  system  is  nu  ionic  conductor  of  electricity 
(conductor  of  the  second  class)  and  is  termed  the  electrolyte ; 

(2)  two  metal  plates  in  contact  with  the  electrolyte,  which  bring 
about  an  exchange  of  electrons  with  the  reactants  as  well  as  a  trans¬ 
fer  of  electrons  cither  to  the  external  circuit  (sec  below)  or  from  the 
external  circuit;  these  platos  arc  known  as  electrodes; 


WJ  0  meiM  conductor  (conductor  of  the  first  class)  conncctine 
the  elec  rodes  and  ensuring  the  passage  of  an  electric  current  between 
them;  it  is  called  the  external  circuit. 

When  the  electrolyte  is  a  current-conducting  solution  of  one  or 
more  substances  in  water  or  some  other  solvent,  what  we  arc  conccr- 
nod  with  is  the  electrochemistry  of  aqueous  or  nonaqueous  solutions 
When  a  molten  salt  or  a  mixture  of  molten  salts  or  oxides  serves  as 


the  electrolyte,  we  have  the  electrochemistry  of  melts  or  molten 
®*d'0;  an<  whetn,  ,hc  sl,acc  between  the  electrodes  is  Tilled  with 
a  gas,  we  have  the  electrochemistry  of  gases 
An  electrochemical  system  may  be  in  an  equilibrium  (Fig.  I  oa) 
or  noncquilibrium  stale  (Fig.  1.26  and  c).  A  system  producing  elw- 
trical  energy  as  a  result  of  chemical  transformations  is  called  ndiemi- 
cal  source  of  electricity  or  galvanic  cell  (Fig.  1.26).  In  this  case  the 
[  “  [f  f  £om  wh,ch  electrons  arc  given  up  to  the  external  circuit 
is  called  the  negative  electrode,  or  the  negative  pole  of  the  cell  Ihc 
tlml»nd*/  "h,C/h  ?CCJ|,1S  clc.c,r0lls  from  the  external  circuit  is  called 
tlm  positive  electrode,  or  the  positive  pole  of  the  cell 
An  electrochemical  sys.lcm  in  "hicl1  chemical  reactions  are  indu- 
YulcluwTl  jr'n'"  .C,,,CT  is  cnUc'1  tl,c  electrolyzer  or  electro- 
thi  r^eiin  8'  •  •2r,ii  I  cy?  thc  e|cctrode  which  accepts  electrons  from 
eh.etrnn«  i«lnIS  ”  ‘hc  <"!ode  ,an<l  «he  electrode  which  donates 
e  ec  ^vii  in  ?|Pa  C,I>an  f  ,s.c?llc<l  lh«  cathode.  That  part  of  the 
,n  Jhe  immediate  vicinity  of  the  anode  is  the  anolyte, 
cathode  °8°US  y  h°  Catholyle  is  tho  electrolyte  surrounding  Uie 
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Since  l he  loss  of  electrons  implies  oxidation,  and  the  acceptance 
of  e  "“rolls  implies  reduction,  it  may  be  said  that  Iho  anode  .s  the 
electrode  at  which  the  reaction  of  oxidation  occurs,  and  «rth«b 
is  the  electrode  at  which  reduction  takes  place.  Hence  Uje  «i 
also  the  negative,  and  the  cathode  the  posit ive  polc  of  agalvaniccel. 

The  above  considerations  concerning  the  difference  between  elec¬ 
trochemical  and  chemical  reactions  and  *S'^,^I)xnoumlcd0by 

however,  be  somewhat  extended.  Some  authors  regard  M  bolongm^ 
to  electrochemistry  the  phenomena  associated  with  the  eleclrochem 
ial  propS  of  colloids',  with  chemical  reactions  caused  by  the  ac  - 
on  of  light  or  a  ffux  of  radioactive  particles  and  giving  rise  to  a  pohm 

1  s.*r,rL“'3£i  »•..«,  «o.  .f 

•heniical  sys'tem'un  c'ircuU 'composed  of scric^onnccledrconiluctore 

'I eLcausc  the  gases  exhibit  mixed  electronic  and  ionic  conduc- 
!ion  ^  these"  cond  I  I  ions  and  many  fundamental  laws  of  eloclroche- 
mislry  are  not  applicable  to  them. 

1.2.  THERMODYNAMICS  OF  ELECTROCHEMICAL  SYSTEMS 
12  1.  RELATION  BETWEEN  HEAT  F.PFF.CT. 

FREE  ENERGY  CHANGE  AND  ELECTRICAL  ENERGY 
IN  REVERSIBLE  SYSTEMS 

The  quantitative  relationship  between  chemical  •'nd  clcclrical 
inerL'ics'  the  study  of  which  constitutes  one  of  the  main  tasks  of 
theoretical  electrochemistry,  can  be  established  from  the  thermody¬ 
namic  treatment  of  electrochemical  systems. 

Suppose  the  following  reversible  and  isothermal  reaction  lakes 
place  in  an  electrochemical  system: 

vaA  +  vdB  +  . . .  v,  L + vSiM  -f  •  ■  •  ±  q 


(1.2) 
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where  vA,  vb,  l,  siQichiomclric  numbers  ,  .  0Q3  x 

,  =  number  of  elementary  charges  e  (e  =  4.8W  X 
X  10-'“  cleclroslalic  units)  corresponding  to 
stoichiometric  reaction 

0  =  thermochemical  heal  effect  of  reaction  cor- 
H  responding  to  <ir  in  an  isobar.c  and  qv  w 
an  isochoric  process. 

If  the  electromotive  force  (eml)  measured  "ndiUon* '  «  »  r«'' 

m  the  'Faraday number  (Faraday's  constant)  or  the J  "s 

as  the  product  of  Avogadro^s  number  NA  =  b.(U*  1U ' 

mentarv  choree  e  (F  =  NAe)  and  is  equal  to  96,o00  coulombs  (C). 

Sind  in  ai^clcclrocheraical  system  the  energy  changes  correspon¬ 
ding  to  a  current-producing  process  manifest  themselves  not  as  ine 
heal  effect  but  in  the  form  of  electrical  energy,  it  is  natural  to  assume 
that  _  ,T 

Esc  =  q  (J-3) 


EzF  =  Q 


(1.4) 


where  Q  =  NAq.  This  assumption  was  made  by  Thomson,  and  the¬ 
refore  Kq.  (1.4)  is  known  as  Hie  Thomson  principle.  This  principle 
however  is  not  valid  in  a  general  case.  A  correct  relation  between  heal 
effect  and  electrical  energy  can  be  found  as  follows. 

For  reversible  systems  the  first  and  the  second  law  of  thermodyna¬ 
mics  are  usually  expressed  by  means  of  four  independent  equations: 

V  =  TS  -  PV  (1.5) 

II  =  U  4-  PV  (1.6) 

fy  =  U  -  TS  (1.7) 

G  =  II  -  TS  (1.8) 


where  V  =  internal  energy  of  system 
II  =  enthalpy,  or  heal  content 
$v  =  Helmholtz  free  energy 
G  —  Gibbs  free  energy 
T  —  absolute  temperature 
6’  =  entropy 
P  =  pressure 
V  =  volume. 

The  internal  energy  U  is  defined  as  the  total  differential  of  the  entro¬ 
py  S  and  volume  V: 

dU  =  TdS  —  P  dV,  U  =  I  (S,  F) 


(19) 
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and,  consequently, 

dll  =  TdS  +  VdP,  U  =  /  (S.  P)  (I  |0) 

dfi  =  -S  dT  -PdV,%=l  ( T ,  10  ’  J 

dG  =  -  S  dT  -V  VdP,  G  =  /  (T,  P )  d-12) 

(I  12)  must  therefore  be  rewritten  thus: 

dV-  rdS-Pd  v-m 
dll  =  r  dS  -VdP  -  dll'  0-14> 

dZ^-  -SdT-PdV-dW  (J-15) 

dG  =  —SdT  +  I'd/*  —  rffP  (I1C) 

where  the  negative  sign  for  an  infinitesimal  work  dW  signifies j  that 
if  this  work  is  clone  by  the  system,  its  potential  energy  will  fall  ofi. 
From  Eqs.  (M3)  through  (1.16)  we  have: 

-dUsv=d\V  <I,7> 

—dlli  p  =  dW  (U8> 

-dWr.’v  =  dW  (I‘9) 

-dGT.„  =  d\V  d-20) 

that  is.  a  change  (decrease)  in  any  of  the  principal  ll'c^oclynnmic 
functions  for  the  given  characteristic  pnramelers  .s  equal  lo  work 
differing  from  the  work  done  against  external  forces.  If  the  work 
is  electrical  in  nature,  then 


W  =  zFE 
d\V  --=  zF  dE 
cvcrsiblc  isothermal  reaction  (1.2) 

tFffr.v  =  ~zF  dEr.\ 
dGT,p  =  — zF  dEr,P 

A5vt.v  =  —zFEt.y 
Mr.p  =  -zFEt.p 


(1.21) 

(1.22) 

(123) 

(1.24) 

(125) 

(1.26) 


Thus,  the  electrical  energy  produced  (or  consumed )  in  ®‘cclroc.^' 
mical  processes  is  determined  by  the  change  of  the  Helmholtz  free 
Energy  or  Gibbs  free  energy  rather  than  by  the  heat  eltoct of  the ^cor¬ 
responding  chemical  reaction  (the  fhomson  principle).  The  change  of 
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Ihe  Helmholtz  free  energy  or  Gibbs  free  energy  is  a  function  of  heal 
c fleets,  which  may  be  introduced  into  Eqs.  (1.25)  and  (I.2G),  this 
making  it  possible  to  determine  the  range  of  applicability  of  the 
Thomson  principle.  According  to  expressions  (1.11)  and  (1.12) 


(#),—* 

and 

(1.27) 

(1.28) 

Using  Eqs.  (1.7)  and  (1.8),  we  therefore  get: 

(1.29) 

°-"+T(w)r 

(1.30) 

(1.31) 

(1.32) 

where  Qv  and  Q,.  arc  llicrmochcmical  heat  effects  at  constant  volume 
and  at  constant  pressure,  respectively. 

Equations  (1.29)  through  (1.32)  are  known  as  the  Gibbs-llelmholiz 
equations.  For  electrochemical  systems  these  equations  should  be 
rewritten  in  the  form: 

,m,-Qv+,FT  ($) 

(1.33) 

and 

-.FE,=Gr+iFT 

(I.M) 

From  liqs.  (1.35)  and  (1.34)  it  follows  that  the  Thomson  principle’ is 
valid  only  in  those  cases  where  dEIOT  =  0  or  T  =  O'K.  The  emf  of 
electrochemical  systems  is  measured  at  temperatures  much  higher 
than  absolute  zero,  and  dEIOT  0.  i.o.,  this  principle  has  limited 
application  (for  rough  calculations,  where  the  temperature  coeffici¬ 
ent  of  the  cell  emf  is  small  (see  Table  1.1)1.  The  temperature  coeffi¬ 
cient  of  the  cell  emfjnny  he  cither  positive  or  negative.  If  A£/A7‘  > 
>0,  then  zFE>Q,  and  the  system  will  transform  into  electrical 
energy  not  only  the  heat  corresponding  to  the  heat  effect  of  the  reac¬ 
tion  but  also  the  additional  amount  of  heal,  equal  to  zFT  (dEIOT). 
which  is  taken  up  from  the  surroundings  (sec  cells  2,  3,  and  5  in 
Table  1.1).  In  the  case  of  adiabatic  work  of  the  system,  i.o..  under 
conditions  of  thermal  insulation,  when  no  exchange  of  heat  with  the 


TABLE 

Thermodynamic  Characteristics  i 


e  Electrochemical  Systems 


i 

« 

v 

1  | 

Is 

A 

■ 

Zn/ZnSOl((ol)//CuS01(sal)/Cu 

18.5 

(1.1030 

55.189 

-3.7IU 

1-4.29 

—50.440 

-3.770 

23.0 

0.0405 

—  1 .27(1 

3.39 

- 1 .050 

i’i.'i’b(CiijC.oo).//(:u(Cii3coo):Cu 

15 

0.47G4 

_ I 

10.520. 

21 .900 

surroundings  is  passible,  the  temperature  of  the  system  falls.  If 
\F-\T  C  U  then  zFE  <  Q  and  part  of  the  reaction  heat  will  be 

m&S  -  ..  n»  <“ 

cells  1  and  4  in  Table  I.l).  If  AE  .'AT  >  0  and  Q  <  0,  the  cell  mil 
absorb  all  the  necessary  quantity  of  heat  from  the  surround  mgs  oi r 
when  the  cell  is  thermally  insulated,  it  will  cool  off  (sec  cells  2  and  .< 

For' quant  native  calculations  of  the  cell  cmf  taking  account  of  the 
heal  equivalent  of  electrical  energy  and  the  Faraday  number, 
liqs.  (1.3:!)  and  (1.34)  may  be  rewritten  as: 

F  -  Qv  ■-  T  (—)  (1.33) 

fc>' -  23,0037  •  [or  I v 


(1.30) 


For  the  practical  use  of  ISqs.  (1.33)  through  (1.36)  it  is  necessary  to 
bear  in  mind  that  they  arc  applicable  only  to  reversible  clcclroclic- 
iniril  systems.  For  this  reason,  when  studying  the  temperature 
derendueo  ol  il.o  oml  ...  musi  .void  using  olvclrotlumic.l  system, 
with  a  liquid  junction,  since  the  diffusion  potential  arising  on  this 
junction  (liquid  junction  potential)  is  not  on  equilibrium  potential 
(sec  nose  150).  A  small  inaccuracy  in  cmf  measurements  arising  from 
the  presence  of  a  liquid  junction  potential  leads  to  considerable 
errore  since  at  2  =  1  an  error  of  1  millivolt  is  equivalent  to  23  cal. 
Similarly,  an  error  of  1  X  lO'*  V/dcg  in  the  determination  of  the 
temperature  coefficient  is  equivalent  to  about  7  cal  at  2o  C  and  t  =  1. 


1.2.2.  RELATION  BETWEEN  ELECTRICAL 
AND  CHEMICAL  ENERGIES  IN  REVERSIBLE  CELLS 
The  electrical  energy  involved  in  electrochemical  systems  is  asso¬ 
ciated  with  chemical  transformations  and  hence  with  the  chemical 
energy  of  the  reaction.  Like  any  other  form  of  energy— mechanical, 
thermal,  electrical,  etc.— chemical  energy  may  be  represented  as 
a  product  of  two  factors:  inlcnsivity  and  extensivily.  or  capacity. 
By  analogy  with  electrical  energy  (where  the  inlcnsivity  factor 
is  the  electrical  potential,  and  the  capacity  factor,  the  quantity 
of  electricity),  the  chemical  energy  of  each  component  of  a  system 
under  consideration,  for  example,  its  tth  component,  is  resolved  into 
the  chemical  potential  pi  (inlcnsivity  factor)  and  the  mass  m,, 
or  the  number  of  particles  of  a  given  species  n,  (capacity  factor).  Ins¬ 
tead  of  Eq.  (1.9)  we  may  write  the  expression 


dU  =  TdS  -  PdV 
and  the  summation  should  be  carried  o 


2Mn,  (1.37) 

...  ,  .  ,  .  .  -  .  0Vl“r  a,l  Hie  participants 

of  the  electrochemical  reaction. 

Equation  (1.37)  may  also  be  represented  as 

“Mf  )„"+  (»)„»  +  lffl,  (1.38) 


where  (0Uldn,)s.v.n-  —  Pi,  N  =  2n„  and  n'  signifies  that  the 
masses  of  all  the  components,  except  the  ah  one,  remain  constant. 
Equations  (1. 10)  through  (1.12)  may  be  transformed  in  a  similar 


*  (vL„*  C.30, 

[~i>T  )  V. K dJ  ~r  ('5i7)r..vdK  +  2  ('3^7 ) r.  v. „■ d"' 

=  (#),.. .v*?’  +  (w)r.sdt,  +  *  (<&),., *•«> 


Here  the  third  term  on  the  right-hand  side  of  each  of  these  equations 
corresponds  to  the  change  of  chemical  energy  in  a  corresponding 
chemical  reversible  process,  i.c.,  to  the  quantity  £p, lienee,  the 
chemical  potential  is  a  partial  quantity  and  may  be  defined  as  a  chan¬ 
ge  in  the  thermodynamic  function  with  respect  to  the  number  of 
purticles  of  a  given  com|ioncnt  provided  that  the  number  of  parti¬ 
cles  of  all  oilier  components  and  the  parameters  (entropy,  lempern- 

llint’  Kr0m  ll,C  “’'P'*"1011  C-40)  »l  constant  temperature  ami  volume  it  follows 
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lure,  pressure)  characterizing  a  particular  thermodynamic  function 
arc  constant.  It  may  he  considered,  ns  a  certain  approximation,  that 
the  chemical  potential  expresses  the  fraction  of  energy  (internal 
energy,  heal  content,  Helmholtz  free  energy  or  Gibbs  free  energy) 
per  one  particle  or  per  unit  moss  if  instead  of  the  number  of  particles 
n,  use  is  made  of  the  mass  m,  of  a  given  component.  At  constant  tem¬ 
perature  and  pressure  Eq.  (1.41)  reduces  to 

Z  „  n.  dii  =jSfil  dni  <■■«) 

or,  after  integration, 

Gt,p  =  Zp,n,  (1-43) 

Differentiation  of  Eq.  (1.43)  gives 

dGr,P  =  2p idn,  -i-  Zb, dp,  (1.44) 

From  Eqs.  (1.42)  and  (1.44)  it  follows  that 

Zb, dp,  =  0  (1.45) 

Equation  (1.45)  is  colled  the  Gibbs-Duhem  equation.  A  comparison 
of  Eqs.  (1.24)  and  (1.42)  shows  that  if  the  reaction  inking  place  in 
a  system  corresponds  to  n  current-producing  (electrochemical)  pro¬ 
cess,  then 

— zF  dE  =  2  p,dn,  or  zFE  =  — Zp,n,  (1.46) 

Equation  (1.46)  expresses  a  relation  between  the  electrical  energy 
of  an  electrochemical  system  and  the  chemical  energy  of  a  chemical 
change  occurring  in  the  system.  This  equation  also  reflects  the 
relation  between  the  electrical  energy  and  the  chemical  composition 
of  an  electrochemical  system. 

1,2.3.  IllUEVEnSIBLK  EI.IXTHOCIIEMICAL  SYSTEMS 

We  have  assumed  so  far  that  nil  electrochemical  system  is  in  a  sla¬ 
te  of  thermodynamic  equilibrium.  If  a  measurable  electric  current  / 
is  passed  through  a  system,  the  latter  is  no  longer  thermodynami¬ 
cally  reversible  and  begins  to  function  as  a  galvanic  or  electrolytic 
cell!  Since  the  useful  work  done  by  the  system  under  irreversible 
conditions  is  always  less  than  its  maximum  work  in  a  reversible 
process,  the  electrical  energy  generated  by  the  galvanic  cell  will  be 
less  than  the  maximum  work: 

(zF /■:,)«.  <  ir 
(zFEiht  <  zFE 


(1.47) 

(1.48) 


The  quantity  (£',)«  is  called  llio  voltage  of  the  galvanic  cell  and  dcsig- 
nalod  as  £/,e.  The  energy  corresponding  to  the  difference  :/•'  (/••'  — 

—  Use)  is  dissipated  us  heal.  Conversely,  if  lliu  electrochemical  sys¬ 
tem  operates  as  an  electrolytic  cell  under  u  current  load  /,  then  not 
all  the  electrical  energy  imparled  to  the  system  hut  only  part  of  it 
is  converted  into  the  useful  energy  of  the  chemical  reaction.  In  this 

(zF/-,U>  W  (1 .40) 

(: sPE ,)„  >  zFE  (1.50) 

Hie  quantity  (E,)cc  is  termed  the  cell  voltage  and  is  denoted  as  U.c- 
The  energy  corresponding  to  the  difference  zF  —  1C)  is  dissipa¬ 
ted  as  heal. 

In  contrast  to  the  reversible  value  of  the  emf,  E.  llte  E,  quantities, 
i.c.  U~c  and  U,c •  cannot  be  estimated  on  the  basis  of  llu  rmodvnamic 
calculations  alone. 


PART  ONE 

Equilibrium  in  Electrolyte 
Solutions 


CHAPTER  I 

Theory  of  Electrolytic  Dissociotion 


I  j  rmNCiri.cs  or  TiiBTiiBOHr  or  electrolytic 
DISSOCIATION 

The-  lirst  quantitative  theory  of  electrolyte  solutions,  i.e.. . join- 
lions  of  substances  capable  of  conducUng  electricity.  <  ■  gfe 

'  \rr|ienitis  in  the  period  1883-87.  'I be  theory  was  further  dote 
one,!  in  the  works  of  YV.  Qslwald,  P  YValdcn.  L.  1  isarzhevsky  and 
others  It  is  based  on  the  following  three  postulates 
° 7  Certain  substances,  called  electrolytes  are  capable  o  split  ing 
into  oppositely  charged  particles  (ions)  when  dissolved  .n  appro  ) 
SI.  solutions,  say;  in  water  (which  was  or.g.nally  referred  to  in 

***.«£,  i»»  m 

process  of  electrolytic  dissociation.  Hence  the  name  for  Arrnmius 
llieorv  -the  theory  o/  electrolytic  dissociation  i  „  vest  iM  tors 

Tbi,  basic  posU.lalu  had  M  r*  forward  b>  » »>  r> 

't  'JSL 

up  into  its  polar  electrical  elementary  particles  .  „lcctrolvlc 
The  number  of  ions  v  formed  on  dissociation  of  an  cieciroijic 
molecule  is  well  as  the  magnitude  and  sign  of  the  charge  s  of  lh*-c 
ions  do Lnd  on  the  nature  of  the  electrolyte.  Electrolytes  may  atcor- 
dinglv  be  classified  into  the  following  types: 

'SI  S, ,  »  cledrolylc  b  CM 

as  a  1  :  1  electrolyte;  if  the  ions  arc  bivalent,  ns  is  the  case  wun  zinc 


Port  One.  Equilibrium  in  Electrolyte  Solulia 


sulphate  ZnSO,.  the  latter  is  called  a  bi-bivalent  electrolyte  (2  :  2 
electrolyte),  etc.  Binary  electrolytes  arc  symmetrical  electrolytes. 

(l>)  Ternary  electrolytes  giving  rise  to  three  ions  on  dissociation. 
These  include  uni-bivalent  (c.g.  Na2SOt)  and  bi-univalent  (c.g. 
CaCU)  electrolytes.  They  arc  designated,  respectively,  as  1  :  2  ami 
2  :  1  electrolytes. 

(c)  Quaternary  electrolytes  dissociating  into  four  ions.  To  this 
group  belong  uni-lrivnlonl  (c.g.  KjPO,)  and  tri-univalent  le.g. 
AI(NO,),|  electrolytes.  They  arc  abbreviated,  respectively,  to  1  :  3 
and  3  :  1  electrolytes.  Ternary  and  quaternary  electrolytes  arc  non- 
syminctrical. 

2.  Klcclrolyles  do  not  dissociate  completely  into  ions  on  dissolu¬ 
tion.  Only  a  certain  part  of  the  dissolved  molecules  is  present  as  ions. 
The  fraction  of  the  total  number  of  molecules  which  are  dissociated 
into  ions  at  equilibrium  is  the  degree  of  dissociation  a.  The  degree  of 
dissociation  is  equal  to  the  ratio  of  the  number  of  molecules  n  dis¬ 
sociated  into  ions  to  the  total  number  of  dissolved  molecules  .V 
(ionized  n  and  unionized  n„  molecules): 


The  degree  of  dissociation  of  a  substance  dissolved  in  a  given  sol¬ 
vent  depends  (at  constant  temperature  and  pressure)  on  the  n  .lure 
and  concentration  of  this  substance.  If  a  substance  docs  not  dissoci¬ 
ate  into  ions  on  dissolution  (n  —  0,  n„  --  Ar,  a  --  0),  it  cannot  be 
regarded  as  an  electrolyte.  If  a  is  close  to  unity,  then  n  ~  V  and 
the  substance  is  a  strong  electrolyte.  For  many  chemical  compounds 
0  <  a  «  I,  and  hence  n  <  N.  Such  compounds  are  weak  electro¬ 
lytes. 

The  theory  of  electrolytic  dissociation  relates  the  qualitative 
changes  observed  in  electrolyte  solutions  when  the  concentration 
increases  or  decreases  to  the  change  of  the  degree  of  dissociation. 
The  degree  of  dissociation  is  treated  by  this  theory  as  one  of  the  prin¬ 
cipal  quantitative  characteristics  of  an  electrolyte  solution. 

Another  quantitative  characteristic  is  the  dissociation  constant  K 
of  an  electrolyte.  The  relation  between  the  dissociation  constant  K 
and  the  degree  of  dissociation  a  can  be  established  by  using,  for 
example,  a  binary  electrolyte  MA.  which  dissociates  according  to 
the  reaction 

MA  =  M1*  +  A:- 

Lcl  the  total  concentration  of  the  electrolyte  be  c,  the  concentration 
of  undissocialcd  molecules  c„,  that  of  cations  c+,  and  of  anions  c  . 
Then 


K  =  ±±- 


(1.1) 
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If  the  degree  of  dissociation  nl  the  given  total  concentration  c  is  ac, 
then  c+  =  c.  =  aec.  and  c„  ==  (1  -  a C)c.  Hence 

K==T=k  (,’2) 

If  the  concentration  c  is  replaced  by  the  inverse  quantity,  the  dilu¬ 
tion  V.  then 

C-3) 

liquations  (1.2)  and  (1.3)  were  derived  by  Ostwald  and  arc  known 
as  OslwaltTs  dilution  law. 

Unlike  the  degree  of  dissociation,  the  dissociation  constant  does 
not  depend  on  concentration  and  is  determined  primarily  by  the 
nature  of  an  electrolyte.  At  'xc  <  1  llie  degree  of  dissociation  «e  and 
the  dissociation  constant  K  arc  related  as  follows: 

‘L^yHV  (1.4) 

3.  No  forces  of  interaction  operate  between  ions,  and  electrolyte 
solutions  behave  like  ideal  gas  systems.  Though  not  stated  explicitly 
by  the  authors  of  the  theory,  this  principle  underlies  all  the  quan¬ 
titative  relationships  involved. 

Using  these  three  postulates,  the  theory  of  electrolytic  dissociation 
successfully  explained  a  number  of  properties  of  solutions,  provided 
thc-jr  quantitative  characteristics  and  interpreted  numerous  experi¬ 
mental  facts  and  laws. 


1.2.  APPLICATIONS  OF  THE  THEORY 
OF  ELECTROLYTIC  DISSOCIATION 

'I  lie  theories  of  electrical  conductance  and  diffusion  in  electrolyte 
solutions,  the  osmotic  theory  of  generation  of  cmf.  etc.,  have  been 
developed  on  the  basis  of  tbc  concepts  of  electrolytic  dissociation. 

1.2.1.  THE  OSMOTIC  PROPERTIES  OF  ELECTROLYTES 

Electrolytic  solutions  arc  known  to  exhibit  certain  anomalies  as 
regards  osmotic  pressure,  vapour  pressure  above  the  solution,  vari¬ 
ation  of  boiling  and  freezing  points  (elevation  of  the  boiling  point 
and  depression  of  the  freezing  point)  with  composition,  etc.  The 
effects  observed  in  all  these  cases  are  different  from  those  to  be  expe¬ 
cted  at  a  particular  mole  fraction  of  the  solute,  and  correspond  to 
higher  concentrations  of  the  latter.  In  this  connection  van'l  Hoff 
suggested  introducing  an  empirical  factor  t  (i  >  1)  by  which  the 
concentration  should  be  multiplied  to  obtain  agreement  between 

3* 
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theory  and  experiment.  If  this  factor  is  taken  into  account,  the  equ¬ 
ation  for  osmotic  pressure  n  in  electrolyte  solutions,  for  example 
will  assume  the  following  form 

"  =  iRTc  (1.5) 

where  W  is  the  gas  constant. 

The  physical  meaning  of  the  empirical  factor  i,  known  as  the 
isotonic  factor,  remained  obscure  until  the  theory  of  electrolytic 
dissociation  was  developed.  In  the  Arrhenius  theory  this  factor  is 
regarded  os  a  measure  of  the  increase  in  the  total  number  of  particles 
in  the  solution  which  occurs  when  the  solute  dissociates  into  ions 
The  isotonic  factor  must  therefore  be  a  function  of  the  degree  of 
dissociation.  Thus,  if  one  molecule  of  an  electrolyte  splits  into  v 
ions  and  a  is  the  degree  of  dissociation,  then  the  true  number  of 
particles  given  by  the  product  ic  (where  c  is  the  molar  concentration 
of  the  electrolyte)  will  be: 


ic  =  (1  -  etc)  c  -i-  vocc 

whence 

i  =  I  -  <xc  +  vae  =  1  +  etc  (v  -  1) 
Equation  (1.7)  relates  the  isotonic  factor  (van’t  Mod’s 
the  degree  of  dissociation.  For  strong  binary  electrolytes' 
v  =  2,  from  which  i  =  2,  and  consequently  the  actual  co 
of  particles  will  be  twice  ns  high  as  the  molar  concenlr; 


(1.6) 


(1.7) 


1.2.2.  THERMOCHEMICAL  EFFECTS 
IN  ELECTROLYTIC  SOLUTIONS 

As  was  found  by  Hess  in  1842,  the  thermal  cdocls  of  chemical 
reactions  in  electrolytic  solutions  also  show  certain  anomalies. 
Thus,  the  heals  of  neutralization  of  strong  acids  by  strong  bases  are 
constant  and  practically  independent  of  the  nature  of  an  acid  or  base, 
despite  the  fact  that  their  mixing  produces  entirely  di Keren t  salts. 
1-or  instance,  the  neutralization  of  aqueous  nitric  acid  bv  potassium 
hydroxide  yields  a  solution  of  potassium  nitrate: 

UNO]  +  KOH  =  KNOj  +  II-O  Q,  (1.8) 

and  the  neutralization  of  aqueous  hydrochloric  acid  by  sodium 
hydroxide  results  in  a  solution  of  sodium  chloride: 

MCI  +  NaOII  -  NnCI  +  H.O  i-  Q-  (J.tJ) 

In  spite  of  this,  the  measured  heats  of  formation  of  both  salts  arc 
practically  tho  same,  i.o.,  0!  =  Q2. 
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The  mixing  of  sail  solutions  involves  no  noticeable  thermal 
effect,  though  exchange  reactions  may  give  rise  to  new  compounds, 
as,  for  example,  in  a  reaction  between  potassium  chloride  and 
sodium  sulphate: 

2KC1  +  NasSO«  =  K*SO,  4  2NaCl  -S-  Q 
The  heat  effects  for  this  and  many  other  similar  reactions  are  prac¬ 
tically  nil.  , 

According  to  the  theory  of  electrolytic  dissociation  such  experi¬ 
mental  thermocbcmical  regularities  arc  accounted  for  by  the  fact 
that  salts  as  well  as  strong  acids  and  bases  almost  completely  dis¬ 
sociate  into  ions  in  water  and  in  a  number  of  other  solvents,  i.c., 
for  these  substances  ac  =  1.  Under  these  conditions  the  reaction 
of  neutralization  reduces  to  the  formation  of  water  from  H  '  and  OH 
ions;  the  base  cation  and  the  acid  anion  remain  unchanged  and  are 
present  as  free  ions  as  before.  Indeed,  if  we  rewrite  the  above  reac¬ 
tions  of  neutralization  in  an  ionic  form 

H*  4-  NO;  4  K*  4  Oil"  =  K*  4  NO;  4  H*0  (1. 10) 
H*  4  Cl-  4  No*  4  OH-  =  Nn*  4  Cl"  4  H-0  (1.11) 

and  cancel  out  those  particles  that  undergo  no  change,  the  process 
that  is  actually  taking  place  in  both  cases  will  then  be  the  reaction 
between  hydrogen  and  hydroxyl  ions: 

H*  4  OH-  =  H20  (1.12 

involving  a  characteristic  thermal  effect.  When  solutions  of  diffe¬ 
rent  salts  with  degrees  of  dissociation  close  to  unity  arc  mixed,  the 
resulting  solution  will  retain  the  free  ions  from  the  initial  solutions. 
No  chemical  transformation  takes  place  in  this  case  and  hence  no 
heat  effect  is  observed. 


1.2.3.  CHEMICAL  EQUILIBRIUM  IN  ELECTROLYTIC 
SOLUTIONS 

The  theory  of  electrolytic  dissociation  has  made  it  possible  to 
supply  scientific  definitions  for  the  concepts  “acid”,  “baso".  “solu¬ 
tion  buffer  capacity”,  to  develop  the  theory  of  indicators,  to  elu¬ 
cidate  the  processes  of  step  dissociation,  hydrolysis  of  salts,  etc. 

Some  examples  of  the  application  of  this  theory  to  chemical  equi¬ 
librium  in  solutions  arc  discussed  below. 

Electrolytic  Dissociation  of  Water.  The  dissociation  of  water 
proceeds  according  to  the  scheme: 

1I20  =  H*  4  OH-  (M3) 
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and  ils  dissociation  constant  may  be  expressed  as 


Since  the  degree  of  dissociation  of  water  is  very  small,  c M  0  mav 
be  taken  as  constant  and  included  in  the  dissociation  constant: 

ffriijo  =  cii.coh-  =  K,„  (1.15) 

Equation  (1.15)  is  called  the  ionic  product  of  water.  At  25°C,  K...  = 
=10'M  and  consequently 

Cii+coii-  =  10'14 

According  to  the  theory  of  electrolytic  dissociation  hydrogen  ions 
are  carriers  of  acidic  properties  and  hydroxyl  ions  are  carriers  of 
basic  properties.  A  solution  is  neutral,  that  is.  neither  acidic  nor 
ffSW  CH,+.  1  f0H"  =  25JC-  *>*  quantity  K,,  is  equ- 

\  10  s0.«*?  fo,‘  a  "ou,ral  solution  c„-  =  1U-'  gram-ions/litre 

and  co„-  =  10-’  gram-ions/lilrc.  If  use  is  made  of  the  term  pH 
suggested  by  Sorensen  in  1901).  which  is  a  negative  common  logarithm 
of  the  hydrogen  ion  concentration  (pll  =  —log  c,,*).  a  pH  value  of 


7  will  then  correspond  to  neutrality.  A  solutioi 
and  alkaline  at  pH  >  7. 

It  must  be  remembered  that  a  solution  of  pH  —  7  w 
only  at  25°C.  In  using  the  pH  scale  one  should  keep  in  : 
dissociation  constant  '»  of  water  Kw  varies  great  I  v  with 
increasing  almost  hundredfold  between  20  and'  100’C 


1  pl  l  <  7 

e  neutral 
:  that  the 

pc-rnturc, 


For  this  reason  the  point  pH  7  will  correspond  to  an  acid  solution  at 
fic“Sc®  bC,°"'  25X’  and  10  a"  alka,inc  solution  at  temperatures 

Since  the  hydrogen  ion  concentration  serves  as  a  measure  of  aci¬ 
dity,  the  strongest  in  a  scries  of  acids  will  be  the  one  whose  hvdrogen 
ion  concentration  is  the  highest  at  equal  molar  concentration.  The 
hydrogen  ion  concentration  is  defined  as  a Cc  and  hence  a  is  a  measu¬ 
re  of  strength  of  an  acid.  It  is  quite  obvious  that  a.  i«  aUo  a  measure 
of  strength  of  a  base. 

In  addition  to  the  dissociation  constant  K  and  the  ionic  product 
Au,  of  water,  there  is  still  another  important  characteristic  of  water 
namely  the  equilibrium  constant  K„,0  corresponding  to  the  reaction 

h2o-:-h2o4-h,o*~  oh- 


oxpressed  in  terms  of  ionic  activity  inslcadof  ionic  concentration"^^  Chap!*  2)! 


o/  Electrolytic  Ulssocta 


The  value  of  this  constant 


2  X  10"*  mole  -li- 


oflon  called  the  aulohydrolysis  constant,  nl  25°C,  is 
ire'1;  *  and  A  are  the  rale  constants  for  a  forward  and  a  reverse  rcnc- 

^ft’iir'cr' Capacity  of  Solutions.  The  hydrogen  ion  concentration 
(pH)  plays  an  important  part  in  many  phenomena  and  processes. 
Certain  physicochemical  and  biochemical  phenomena  occur  only 
nl  definite  pH  values.  Numerous  chemical  reactions  proceed  in  me 
desired  direction  only  at  some  definite  pH  value,  which  must  thero- 

^Thc^eshs'lance  "of*  absolution  to  pH  change  on  addition  of  an  acid 
or  alkali  is  known  as  buffer  action  (solutions  exhibiting  this  behavio¬ 
ur  arc  called  buffer  solutions).  The  effectiveness  of  buffering  of  a  solu¬ 
tion  is  measured  by  its  buffer  capacity  P,  which  may  he  defined  as  the 
amount  b  of  an  alkali  (or  an  acid)  in  gram-equivalents  required  to 
cause  a  unit  change  of  pH.  The  buffer  capacity  P  may  be  expressed 
in  differential  form  as  follows: 


For  pure  water  the  number  of  gram-equivalents,  b.  of  alkali  added 
must  be  equal  to  the  concentration  of  alkali  cation  rM,.  Since  the 
eniireiil  rat  ions  of  hydrogen  and  hydroxyl  ions  arc  equal  for  pure  water 
(rj...  B,  f0|I_)  and  a  strong  alkali  is  completely  dissociated,  then 
A' 

cm*  =  b  =  con —  cn*  “  7^-  -  c«* 

Differentiation  with  respect  to  pH  (i.  e.,  with  respect  to  -log  cn.) 
gives  l> 

p..  J£r~2.3Ci3(.„,-r-i^)=2.3«3(«i,.  +  4i)p)  ll.ll) 

This  equation  is  valid  for  any  aqueous  solution  of  a  strong  acid  and 
a  strong  base  (alkali).  Indeed,  if  a  certain  amount  b  (g-eq)  of  a  strong 
base  MOII  is  added  to  a  solution  of  aslrong acid  HA,  then  this  amount 
b  will  correspond  to  the  concentration  of  metal  ions,  b  —  cM*. 
as  the  degrees  of  dissociation  of  the  acid  and  base  and  of  the  resul¬ 
ting  salt  arc  equal  to  unity.  According  to  the  law  of  electroneulralily 
cm+  +  cn+  =  b  +  c,i+  =  cA-  -r  coh- 


ii  Differentiation  is  easily  carried  out  if  one  lakes  into  account  that 
Au, 

2.303pH=  -lucH,  and  dlu«H.  =  — 
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or 

b  =  CA-  +  COH - C|I+ 

from  which,  Inking  into  account  that  the  concentration  of  acid  ani¬ 
ons  cA-  is  independent  of  the  amount  of  base  added,  we  obtain  for 
the  buffer  capacity 

p“4ff“2-303(",*+',>,r) 

which  is  identical  to  Eq.  (1.17).  From  Eq.  (1.17)  it  follows  that  the 
buffer  capacity  of  pure  water  (or  a  solution  containing  a  salt  of 
a  strong  base  or  acid)  is  very  low.  Buffer  capacity  becomes  noticeable 
if  an  excess  of  a  strong  acid  or  base  is  present  in  the  solution. 

Buffer  capacity  increases  in  the  case  of  solutions  of  weak  acids  or 
weak  bases,  especially  in  the  presence  of  the  corresponding  salts. 
If  we  add  6  g-cq  of  n  strong  base  to  n  solution  containing  originally 
a  g-eq  of  a  weak  acid  (a  being  greater  than  b),  then 


and 


b  =  c,\-  t'on - Ch* 

On  the  basis  of  Eq.  (1.18)  the  dissociation 
which  is  equal  to 


(1.18) 
(1.19) 
of  the  acid, 


may  be  represented  as 


(1.20) 

(1.21) 


Solving  the  last  equation  for  cA-  and  substituting  its  value  into  Eq. 
(1.19),  we  gel  for  the  number  of  grain-equivalents  of  the  base: 


I.  _  a*HA  „ 

whence  it  is  easy  to  arrive  at  the  buffer  capacity 

P  ~  dpiT  =  2,303  |  (K,IA'Ij'c1,I*)»+  c'f  T  coir  j  (1-22) 

®'ncc  (A'ha+c^)*  '>  l*,u  buffer  capacity  of  a  solution  of  a  weak  acid 
and  its  salt  is  always  higher  than  that  of  water,  a  salt  solution,  or 
a  solution  of  a  strong  acid  ora  strong  base,  for  which  formula  (1.17) 
is  valid.  In  this  case  llto  quantity  p  must  depend  on  the  dissociation 
constant  Aha  of  tho  weak  acid.  Solutions  containing  mixtures  of  weak 
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acids  and  Iheir  salts  (or  weak  bases  and  their  salts)  arc  used 
to  preparo  so-called  standard  buffer  solutions.  Analysis  of  Eq.  (1.22) 
shows  that  the  solution  of  the  weak  acid  in  question  must  have  the 
greatest  buffer  capacity  in  the  pH  range  close  te •  pKha.  P  ~ 
=  0  at  pH  --=  iiKha-  For  example,  for  acetic  acid  (HAc)  auac  = 
=  176  --  10'1  pKhac  =  4.77  and  the  maximum  buSer  capacity 
will  be  observed  at  pH  values  around  4.8.  A  standard  buffer  solution 
of  high  buffer  capacity  in  a  wide  pH  range  can  be  prepared  by  selec- 
Ung  acids  with  different  values  of  PK„A.  Buffer  solutions  are  use 
for  measuring  the  pH  of  solutions  as  well  as  for  carrying  out  various 
chemical  processes  at  constant  pH  values. 


1.3.  SHORTCOMINGS  OF  THE  THEORY 
OF  ELECTROLYTIC  DISSOCIATION 


In  its  early  stages  the  theory  of  electrolytic  dissociation  made 
great  advances  within  a  short  period  of  lime.  It  should  however  be 
noted  that,  along  with  the  brilliant  successes  achieved,  there  have 
been  weighty  failures  pointing  to  certain  drawbacks  of  the  theory. 

The  degree  of  dissociation  etc,  which  determines  the  fraction  of 
ionized  molecules  in  a  solution,  should  be  the  same  under  the  given 
conditions  (irrespective  of  the  method  of  its  measurement).  Accor- 
,  its  physical  meaning  ac  must  always  be  between  0  and  1. 


ding 


TABLE  1.1 

The  Degree  ol  Dissociation  of  Some  Electrolytes 
Based  on  Measurements  ol  Conductance  (at) 
and  Osmotic  Pressure  (a,) 


KC1 

KC1 

Bad- 

MgSOj 

La(NOj)j 

LatNOjIj 

La(NOs), 


lxtO-s 

2x10-5 

5xl0-= 

ixto-i 


0.434 

0.920 

0.788 


0.918 

0.885 

0.788 

0.324 


How  well  this  agrees  with  experiment  can  be  seen  front  Table  1.1, 
which  compares  the  values  of  «c  found  by  measurements  of  osmotic 
pressure  and  electrical  conductance  for  a  number  of  electrolytes. 
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The  best  agreement  between  (lie  degrees  of  dissociation  a,  deter¬ 
mined  by  the  indicated  methods  is  round  in  the  case  of  dilute  solu¬ 
tions  of  uni-univalent  electrolytes.  Increasing  the  electrolyte  concen¬ 
tration  or  passing  to  ions  of  higher  valency  affects  the  agreement  bet¬ 
ween  the  values  of  a,  and  et2  (sec  Table  1.1).  the  difference  exccedine 
possible  experimental  errors.  8 

The  values  of  a:  for  solutions  of  hydrochloric  acid  calculated  on 
the  basis  of  measurements  of  conductance  (a,)  ami  electromotive 
force  (gcj)  arc  listed  in  I  able  1.2. 


of  HCI  from  Conductance  (a.) 
and  Electromotive  Force  (o,)  Measurements 


The  discrepancy  between  the  values  of  «e  obtained  bv  lltcse  met¬ 
hods  also  increases  with  increasing  electrolvtc  co.uenirilioii 
being  greater  than  unity  in  the  range  of  high' concentrations  From 
the  viewpoint  of  the  Arrhenius  theory,  this  result  would  make  no 
sense  because  in  this  case  a  greater  number  of  molecule-!  must  hive 
been  dissociated  into  ions  than  arc  actually  present  in  the  solution 
For  instance,  in  6.0:V  IIC1  the  number  of  particles  split  into  ions  is 
found  to  exceed  by  a  factor  of  3.4  the  number  of  all  the  HCI  molecules 
present  and  tn  1B.V  HCI,  by  a  factor  of  1-J  and  .something  Hence 
here  the  degree  of  dissociation  ac  loses  the  physical  meaniim  ascribed 
to  it  by  the  Arrhenius  theory. 

A  second  quantitative  characteristic  of  an  electrolyte  in  the  Arrhc- 
f!"™°ry  »  U'c  dissociation  constant,  which  must  remain  constant 
for  a  gnen  electrolyte  at  a  spccilied  temperature  and  pressure,  irres- 
of  U'c  concentration  of  the  solution.  The  values  of  the  disso- 
e  ven  n  Tabu  t  f  i°r?  solulio,,s  of  <‘ifTerii.fr  concentration  arc 
S'"'"7*  Is-  9ny  fo,r,  vcry  wt“ak  electrolytes  (c.g..  solutions 
of  ammonia  and  acetic  acid)  docs  the  dissociation  constant  remain 
ore  or  less  constant  upon  dilution.  For  strong  electrolytes  (e.e  , 
potassium  chloride  and  magnesium  sulphate)  it  varies  by  tens  of 
limes  and  cannot  therefore  be  regarded  as  a  constant. 
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The  Iheorv  of  electrolytic  dissociation  thus  appears  to  he  applica¬ 
ble  only  to  dilute  solutions  of  weak  electrolytes.  The  behaviour  of 
concentrated  solutions  of  weak  electrolytes  and  of  solutions  of  strong 
electrolytes  of  any  concentration  cannot  be  described  quantitatively 
on  the  basis  of  the  theory  proposed  by  Arrhenius.  The  degree  of  dis¬ 
sociation  does  not  have  the  physical  meaning  assigned  to  it  by  the 
Arrhenius  theory.  The  dissociation  constant  is  not  constant,  but  is 

a  function  of  llic  solution  concentration. . ,  .  , 

A  fundamental  deficiency  of  tile  Arrhenius  theory  is  the  fact  that 
:  i  ,|ocs  not  indicate  the  factors  responsible  for  the  ionization  of 
ml  vies  in  solution.  The  process  of  ionization  however  requires 
considerable  amount  of  energy.  This  can  be  exemplified  by  such 
a  typical  electrolyte  as  potassium  chloride.  It  is  known  that  the 
bonding  between  the  atoms  in  a  KCI  molecule  is  electrostatic  and 
that  potassium  and  chloride  ions  are  located  at  the  points  of  Us 
crystal  lattice.  The  bond  energy  for  ions  in  a  single  molecule  may 
be  represented  as  an  integral 


=  (i  .23) 

where  r  =  distance  between  ionic  centres  in  molecule 
e  =  ionic  charge.  . 

Assuming  r  equal  to  2.79  A,  which  corresponds  to  the  KCI  lattice 
constant,  we  gel 

(4.803  x  IO-io)S 
7  2.79XlO-» 
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or,  in  terms  of  a  gram-molecule, 

-7-  =  4.98  x  10“  erg/mole  =  1 19.0  kcal/mole1* 

At  the  same  time  the  average  amount  of  thermal  energy  stored  in 
molecules  at  25°C  is  about  3.4  kcal/mole.  Using  these  values  and  ap¬ 
plying  Boltzmann's  formula,  one  can  express  the  number  of  parti¬ 
cles  n.  possessing  an  amount  of  energy  sufficient  to  split  them  into 
10ns,  through  the  total  number  of  particles  N  of  potassium  chloride 


n  =  Me 


•*  =  A'e-“  =  AM0-,» 


o  n'N,  is  then  equal 


The  degree  of  dissociation,  defined  as  the  r 
to  10-». 

The  value  of  o  for  an  aqueous  solution  of  potassium  chloride  is 
known  to  be  close  to  unity,  i.c.,  almost  each  of  its  molecules  is 
dissociated  into  free  10ns.  The  process  of  dissolution  must  evolve  an 
Cr?rf7  sufQcicnl  10  break  ‘he  bonds  existing  in  the  mole- 
no  th^na?,. I  Mr0'”!1,0,"  ,nl,°  i0,,s-  However,  neither  the  source 
thanrv  * 1 1  ,  f  ndd,ll0,}al  e"crgy  is  considered  by  the  classical 
theory  of  electrolytic  dissociation. 

The  limited  range  of  applicability  of  the  theory  of  electrolytic 
auTTanll’ihb?  "f^ocment  between  experimental  values  of  a 
tl  eorf  and  the physical  meaning  within  the  framework  of  this 
h..t  d  tlh.c.obsc“rLc  explanation  of  the  main  process  could  not 
®  cr,l,c,snl-  Th«  essence  of  this  criticism  and  the  possible 
ZT,  lmPr®vcment  of  the  theory  of  solutions  were  outlined  by 
Mondolcycv.  He  wrote  in  ''Fundamentals  of  Chemistry"  that  ihecri- 

"  ll|°  lhcory  electrolytic  dissociation  as  well  as  the  cause 

of  all  its  shortcomings  lies  in  the  neglect  of  the  interaction  between 
soluto  particles  and  between  solute  and  solvent.  lie  Kioto, )  out 
that  not  only  the  processes  of  dissociation  but  also  those  of  formation 
of  new  compounds  involving  the  participation  of  solvent  m.dccu- 
cs  are  essential  to  solutions.  These  ideas  were  further  developed  at 
the  close  of  the  last  and  the  first  quarter  of  the  present  ceuim  v  by 
h"  7r.f  workcl*  (Konovalov,  Kablukov.  Kislyakovskv,  Pisar- 
th ™ky»  N?y,CS  an<' ?lhcrs)-  They  formed  the  basis  of  the  modern 
theorj  of  solutions.  The  quantitative  formulation  of  the  idea  of  ion- 
lon  and  ion-solvent  interactions  was  given  much  later. 

l>  The  lattice  onorvy  of 
Prcciso  calculations  wilt  n< 
extent. 


rysiaiuno  au  will  ol  course  diner  from  this  value, 
however  chango  tho  final  results  to  any  considerable 


CHAPTER  2 

Theory  of  Ionic  Interaction 


2.1.  IONIC  ACTIVITY  AND  ACTIVITY  COEFFICIENT 

A„  analogy  mav  be  found  in  the  development  of  I  he  theory  of 
electrolytic  solutions  ami  the  theory  of  the  gas  stale  of  aggregation. 
In  either  ease  it  was  originally  thought  that  the  system  behoved  like 
•in  ideal  one  and  thal  no  forces  of  interaction  existed  between  its 
constituent  particles.  The  application  of  the  laws  obtained  on  the 
basis  of  these  conceptions  led  to  considerable  disagreement  between 
theory  and  experiment.  In  connection  with  this,  it  was  suggested 
thal  ihe  simple  equation  of  the  gas  state 

PV  =  nr 

be  replaced  by  other,  more  complicated,  equations  inking  into  acco¬ 
unt  the  forces  of  interaction  between  the  particles.  One  of  these  was 
(lie  van  der  Waals  equation 

when-  a  and  b  are  corrections,  respectively,  for  the  forces  of  mutual 
attraction  and  the  final  volume  of  gas  particles  or,  to  a  first  approxi- 
in.itioii,  for  repulsive  forces. 

•(!.,.  development  of  the  theory  of  solutions  could  have  followed 
«  -imilnr  path.  But  it  took  quite  a  different  turn.  The  form  of  the 
.  qua  Ions  describing  the  properties  of  solutions  remained  unaltered. 
b„.  ,.jr  applicability  to  real  systems  was  ensured  by  introducing 
quaatities  taken  from  experiment  in  plucc  of  the  conventional  quan- 
lii  i.  -  .■haraelcri'/.ing  a  system  (pressure,  concentration).  Thus,  vapour 

|ir . is  replaced  by  a  quantity  known  ns  volatility  or  fugacily. 

ami  .•■I'leont  ration  by  a  quantity  called  activity.  For  example,  accor¬ 
din'  lo  Lewis.  Eq.  (1.20),  which  defines  the  dissociation  constant  of 
a  weak  acid  and  is  valid  for  ideal  systems,  con  be  made  applicable  to 
real  systems  by  rewriting  it  as  follows: 


It  can  easily  be  seen  that  though  this  equation  coincides  in  form 
with  Rq  (1  20),  it  correctly  describes  the  behaviour  of  a  real  solu¬ 
tion.  This  is  because  Eq.  (2.1),  ns  distinct  from  Eq.  (1.20),  contains 
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not  the  concentrations  of  ionsc^  and  e.  and  of  undissocinled  electro¬ 
lyte  molecules  ea.  but  the  corresponding  activities  a+,  a.  and  a  . 
Activity  values  arc  selected  so  that  the  dissociation  constant  rema¬ 
ins  the  same,  irrespective  of  the  total  concentration  of  the  electro¬ 
lyte.  Unlike  the  dissociation  constant  K.  given  bv  Eq.  (1.20).  the 
dissociation  constant  Ka  will  therefore  be  a  true  constant  for  a  <*ivon 
electrolyte  at  a  definite  temperature. 

There  arc  three  ways  of  expressing  activities,  corresponding  to 
the  three  methods  for  expressing  the  quantitative  composition  oi 
a  solution  (Table  2.1). 


Methods 
a  Solut 


L'scd  for  Expressing  the  Composition  of 
ion  Through  Concentration  and  Activity 


Symbol 

TT- 

Definition 

was 

r.;v 

Molarity 

molt- 

Molality 

litre  of  solution 

kg  of  solvent 

m 

a„. 

Moh*  fraction 
(rational  sea- 
!*•) 

a ii in  her  of  moles  of  solute 
total  number  of  moles  ill  solution 

V 

1  he  concept  of  activity  differs  front  that  of  concent  rat  ion  in  that 
it  includes  the  forces  of  interaction  existing  in  solutions  and  inde¬ 
pendent  of  the  nature  and  concentration  of  the  solute  particles 
Activity  may  therefore  be  defined  as  the  product  of  conceal r., lion 
and  a  certain  variable  known  ns  the  activity  coefficient: 


•  =  tfc. 


=  mlm, 


=  a V.v 


(2.2) 


where  /,.  =  molar  activity  coefficient 
fm  =  rnolal  activity  coefficient 
/.v  ~  rational  activity  coefficient. 

Ihe  activity  coefficient  contains  a  correction  for  the  forces  of 
interaction. 

The  activity  of  a  single  ionic  species,  and  hence  its  activity  coc- 
llicicnt.  cannot  be  determined  from  experimental  data.  Equations 
that  could  be  employed  to  find  activities  contain  the  product  of  the 
activities  of  all  the  ions  of  a  given  electrolyte  rather  than  the  aclivi- 
uy  ?nc  l,on,c  sPecies-  F<>r  this  reason  the  concept  of  mean 
activity  had  to  be  introduced,  which  is  defined  as  the  geometrical 
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mean  of  the  activities  of  the  ions  constituting  a  given  electrolyte. 
For  an  electrolyte  dissociating  into  v+  positive'  and  v_  negative 
ions,  the  mean  activity  is  given  by 

a±=(a':>al-y^  (2.3) 

and  for  a  binary  electrolyte 

=  Va+a-  (2  A) 

The  mean  activity  cocfricicnls  of  an  electrolyte  dissociating  into  v+ 
and  v.  ions  can  be  determined  in  a  similar  way: 

l±  =  (2.5) 

and,  accordingly,  of  a  binary  electrolyte 

/*  -  VT7T-  (2.6) 

The  same  concepts  may  also  be  applied  to  concentrations.  For 
example,  if  the  composition  of  a  solution  is  to  be  expressed  through 
molality,  the  following  relations  can  be  written,  which  hold  for  any 
type  of  electrolyte: 

-=  »*■/*  “  (<v.m,)v*  (v.m.)v-|‘^r  (m/v.m/v.)T^T  (2.7) 


or  for  a  binary  electrolyte 


ma±  =  Vni+ml+m.„J.  (2.8) 

In  the  case  of  infinite  dilution  the  forces  of  interaction  between  the 
particle.-'  of  a  solute  become  vanishingly  small.  'Die  ionic  activity 
here  coincides  with  concentration,  and  the  activity  coefficient  is 
equal  to  unity,  no  matter  in  which  way  it  is  expressed,  i.c.. 

(<ic  —  c)t-o 

(a,„  m)m_„  (2.9) 

(n.v  -*■  -V).v-.o 

(/«=/«  -  /.V  -  Dc.  ».  X-.0 

At  infinite  dilution  (also  at  low  concentrations  of  the  electrolyte, 
with  a  certain  degree  of  approximation)  the  difference  in  the  acti¬ 
vity  coefficients  fc,  /„,  and  fx  is  small  and  it  may  be  assumed  in  many 
calculations  that 

fe=fn,=  /v  =  / 
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The  state  of  an  infinitely  dilute  solution  could  therefore  be  taken 
as  a  standard  one  irrespective  of  the  way  in  which  concentration  and 
activity  are  expressed.  This  choice  however  cannot  be  considered 
appropriate  because  of  the  resulting  uncertainty  in  the  values  of 
concentrations  of  solutes.  Instead,  as  the  standard  state  we  choose 
the  state  of  an  imaginary  solution  in  which  the  concentration,  acti¬ 
vity,  and  activity  coefficient  expressed  by  the  same  method  are  each 
equal  to  unity.  On  the  molarity  basis,  this  corresponds  to  a  solution 
one  litre  of  which  contains  one  gram-molecule  of  the  solute  (c  =  1), 
ae  and  fc  being  also  equal  to  unity.  If  the  molality  system  is  used, 
a  solution  in  which  one  gram-molecule  of  the  solute  is  dissolved  in 
one  kilogram  of  the  solvent  will  correspond  to  the  standard  state 
in  this  case  not  only  m  is  unity,  but  also  am  =  1  and  fm  =  1.  And, 
finally,  if  the  solution  composition  is  expressed  in  terms  of  mole 
fractions,  the  standard  state  will  be  a  pure  solute  for  which  A'  =  1, 
aN  1,  and  fN  =  1. 

If  we  assume,  under  these  conditions,  that  for  a  given  electrolyte 
the  standard  values  of  ionic  activities  satisfy  the  relation 

«Ei«-.i  =  1  (2.10) 

then  the  following  expression  can  be  obtained  for  the  total  activity 
of  the  electrolyte  ae i 


Equation  (2.11)  is  valid  for  a  completely  or  partially  dissociated 
electrolyte.  If  a  =^=1.  the  total  activity  of  the  elect  roly  ii-  will 
coincide  in  magnitude  with  the  activity  of  its  midissocialcii  mole¬ 
cules  a„. 

When  use  is  made  of  activity  coefficients.  Kq.  (2.1)  can  lie  rewrit¬ 
ten  for  the  dissociation  constant  of  a  weak  acid  in  the  following  form: 


«»./h.«a-/a-  cll*eA~  a- 
'iia/iia  fIIA  !ll\ 


From  Kq.  (1.20)  it  follows  that 
anil,  consequently, 

•  XM-Sgp  (2-'a» 

or 

I>K|[A(a)  —  P^HA  —  2  log  /±(|IA)  +  log /(HA)  (2.14) 

Since  the  activity  coefficient  of  uncharged  particles  varies  with 
solution  composition  much  slower  than  that  of  ions,  and  is  but  sligh¬ 
tly  different  from  unity  in  the  range  of  moderate  concentrations. 
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|.;(|  (2.14)  cnn  be  replaced  by  an  approximate  expression: 

PKHA(..)  =  PKHA  —  2  lOg  f±( HA) 

liquations  (2.12)  to  (2.15)  establish  a  relation  between  the  values 
the  dissociation  constant  expressed  in  terms  of  activity  and  con- 
.•eii  I  ration.  A  similar  relationship  can  also  be  established  for  other 
cases  of  chemical  equilibrium  in  ideal  and  real  solutions.  For  exam¬ 
ple  the  pH  value  for  real  solutions  must  be  equal  to  the  negative 
common  logarithm  of  the  activity  of  hydrogen  ions: 

pi'I(o)  =  —  log  ati-r  (2.  !<*) 


Substituting  the  product  cii*/nt  for  «h*.  we  get 

pH(a)  =  pH  —  log  /„*  (2.17) 

equation  (2.17)  however  is  applicable  only  to  dilute  solutions, 
for  which  the  activity  coefficients  of  individual  ions  can  be  deter¬ 
mined. 

2.2.  KXPE RIMENTA  L  DETERMINATION 
OF  ACTIVITY  COEFFICIENTS. 

IONIC  STRENGTH  OF  SOLUTIONS 


\ctivilv  coefficients  can  be  found  by  comparing  analytical  con- 
central  ions  with  those  quantities  which  should  be  substituted  into 
conation-  for  electrolytic  solutions  in  order  to  provide  agreement 
with  experiment.  H  must  be  remembered  that  activity  coefficients 
mav  l)i  different,  depending  on  the  slate  of  the  electrolyte  and  hence 
•m  the  mil ure  of  the  forces  of  interaction.  The  character  of  inlerac- 
lion  (ami  the  relevant  correction  factor)  depends  on  whether  the 
electro)  vie  solution  is  at  equilibrium  or  under  tbc  action  of  an  exter¬ 
nal  elec"  l  ie  field,  or  in  the  stale  of  uneslablislied  equilibrium  when  its 
ion  is  not  completely  homogeneous.  Activity  coefficients 
•izc  interaction  forces  in  equilibrium  conditions  and  should 
lie  calculated  using  the  results  of  measurements  made  for 
in  equilibrium,  for  instance,  data  on  osmotic  pressure, 
mil  freezing  points,  electromotive  force,  etc. 

,  the  degree  of  dissociation,  the  activity  coefficients  oblaiiied 
n-nt  methods  agree  with  each  other  (sec  Table  2.2).  Correcti¬ 
on  factors  reflecting  the  effect  of  interaction  in  nonequilibrium  con¬ 
ditions  g  .  in  the  case  of  electronic  conduction  or  diffusion)  will  be 
different  for  the  same  solutions.  The  activity  coefficients  given  in 
lable  2  2  have  been  calculated  from  the  results  of  vapour  pressure 
measurements  (,/±  ami  ,/±).  and  from  freezing  point  depression 
(i/±)  and  cmf  (3/*). 

The  activity  coefficient  of  all  electrolytes  i 
lions  i<  equal  to  unity.  It  gradually  decrea.* 


by  differ 


infinitely  dilute  solu- 
with  increasing  con- 
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TAULK  2 .2 


Mean  Activity  Coefficients  for  KOI  -Solutions  Obtained  by 
Different  Methods  at  25'  C 


lo/lilre 

— 

coefficient 

..... 

... 

l.i,  1 

y 

11.905 

0.900 

0.813 

Mg 

0.038  | 

0.501 

0.905 

0.905 

0.899 

0.899 

0.809 
0.815  | 

0.702 

0.704 

0.044  j 

o^t 

cent  ration  and  becomes  a  minimum  at  a  certain  concentration  de¬ 
pending  m  the  nature  of  the  electrolyte  and  the  solution  tempera- 
lure.  F  rllicr  rise  of  concentration  leads  to  an  increase  of  the  activity 
coefficient,  which  may  even  exceed  unity  for  highly  concentrated 
solutions;  this  is  exemplified  by  MnCL  solutions: 

*mim'i-  *  K'*n/,"re 


in 

1.0 

These  results  do  not  contradict  the  physical  meaning  of  ihe  acti¬ 
vity  coefficient  as  a  quantity  associated  with  forces  of  ionic  interac¬ 
tion.  Indeed,  at  infinite  dilution,  when  the  ions  arc  loo  far  apart, 
no  forces  of  interaction  exist  between  them.  Since  the  solution  beha¬ 
ves  like  an  ideal  system  and  the  concentration  does  not  differ  from 
the  activity,  the  activity  coefficient  must  be  equal  to  unify.  As  the 
concentration  increases  the  ions  approach  one  another  and  forces  of 
interaction  arise  between  them,  mainly  the  forces  of  mutual  attrac¬ 
tion,  and  the  activity  coefficient  decreases.  At  definite  concent  rat  ions 
there  also  arise  repulsive  forces  in  addition  to  the  forces  of  attrac¬ 
tion.  When  these  forces  balance,  which  is  equivalent,  to  a  certain 
extent,  to  the  absence  of  ionic  interaction,  the  activity  coefficicnl 
will  again  be  equal  to  unity.  At  still  higher  concentrations  Ihe  repul¬ 
sive  forces  become  predominant  and  the  activity  coefficient  acquires 
values  greater  than  unity. 

A  study  of  the  dependence  of  .activity  coefficients,  and  also  of 
activities,  on  the  solution  composition  led  Lewis  and  his  coworkers 
to  the  discovery  of  a  number  of  important  empirical  laws  and  rules. 
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Kor  out-  thing,  they  found  that  at  low  concentrations  the  mean  acti¬ 
vity  coefficients  of  on  electrolyte  are  determined  by  the  valency  of 
ihc  ions  formed  and  arc  independent  of  other  properties.  For  instance, 
under  these  conditions  the  mean  activity  coefficients  of  potassium 
bromide,  sodium  nitrate  and  hydrochloric  acid  arc  equal.  It  was  also 
found  that  the  mean  activity  coefficients  for  very  dilute  solutions 
depend  on  the  total  concentration  of  all  the  electrolytes  present  and 
(heir  valencies,  but  not  on  their  chemical  nature.  This  observation 
led  to  the  concept  of  ionic  strength  suggested  by  Lewis  and  Randall. 
The  ionic  strength  of  solutions  J  is  defined  as  the  half  sum  of  the  pro¬ 
ducts  of  the  concentration  of  ions  by  the  square  of  their  valency 

/  =  4-Sc,2?  (2.18) 

From  Eq.  (2.18)  it  follows  that  the  ionic  strength  of  uni-univalent 
electrolytes  coincides  in  magnitude  with  their  concentration,  while 
for  other  electrolytes  it  is  always  higher  than  the  concentration. 
For  example,  in  the  case  of  a  strong  2  :  2-valent  electroly  te  with  mola¬ 
rity  c  (assuming  that  a  —  1  and  c+  =-  c.  =  c)  the  ionic  strength  is 
equal  to  the  quadruple  concentration 

/  =  4-(o2*  +  c2»)  =  4c 

It  has  also  been  established  that  for  dilute  solutions  of  strong  elec¬ 
trolytes  the  logarithm  of  the  mean  activity  coefficient  of  the  electro¬ 
lyte  depends  linearly  on  the  square  root  of  its  ionic  strength 

log  f±  =  (2.19) 

This  law  breaks  down  at  increased  concentrations.  Experimental 
data  for  a  wide  range  of  concentrations  are  presented  in  Figs.  2.1 
and  2.2  (sec  page  52). 

2.3.  THERMODYNAMIC  FOUNDATIONS 
OK  THE  THEORY  OF  IONIC  INTERACTION 

Activity  coefficients  were  originally  introduced  as  empirical  quan¬ 
tities  which  can  be  found  by  studying  the  effects  characteristic  of 
solutions  in  equilibrium.  For  this  purpose  use  is  made  of  such  pheno¬ 
mena  as  Ihc  variation  of  vapour  pressure  above  solut  ion  with  a  change 
in  electrolyte  concentration,  the  dependence  of  reversible  emf  on  the 
solution  composition,  and  others.  Since  the  necessity  of  introducing 
activity  coefficients  into  equations  for  ideal  systems  is  due  to  the 
difference  between  real  and  ideal  solutions,  their  value  is  independent 
of  the  method  of  determination  and  is  the  same  for  any  type  of  equi¬ 
librium  with  given  conditions  and  composition.  For  this  reason  the 
same  activity  coefficients  may  be  used  to  describe  different  equili¬ 
brium  phenomena.  Tables  containing  empirical  activity  coefficients 
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no  of  great  value.  Al  the  same  lime,  within  the  framework  of  the 
Lewis  theory  activity  coefficients  are  only  formal  correction  factors 
which  hear  no  direct  relation  to  the  nature  of  solutions  and  do  not 
lend  themselves  to  theoretical  calculations.  Real  solutions  are  known 
to  differ  from  ideal  ones  by  the  presence  of  additional  onergy  of  intc- 
riclion  between  their  constituent  particles.  Activity  coefficients  as 
i  quant  i  la  live  expression  of  the  change  of  electrolyte  properties  when 
switching  from  ideal  solutions  to  real  ones  must  be  functions  of  the 
energy  of  interaction  between  the  particles. 

Activity  coefficients  con  be  related  to  the  energy  of  interaction 
i,v  means  of  general  thermodynamic  equations.  The  free  energy 
C  of  a  real  solution  must  be  greater  than  that  of  an  ideal  solution. 
C,  by  an  amount  corresponding  to  the  energy  of  ionic  interaction.  G*: 

G=<f+C*  (2-20) 

From  Kq.  (2.20)  it  follows  that 

(£)„,  <«» 

If  we  denote  the  quantity  dG*/dn,  by  gt  and  lake  into  account  Eq. 
(1.42).  Mien  Eq.  (2.21)  may  be  replaced  by 

Pi  =  l1!  +  St  (2.22) 

where  n  and'iij  —  cheinicul  potentials  of  an  ith  component  in 

a  real  and  an  ideal  solution,  respectively 
gf  -=  partial  energy  of  interaction  referred  to  the 
ith  ion. 

Since.  i>j  Kqs.  (116)  nnd  (1.41), 

(2.23) 


where  / 
Accord  i 


,  =  partial  pressure 
=  partial  molecular  volume  of  an 
ig  to  the  law  of  ideal  gases 


nnd.  consequently  '■ 


=  pi  +k7’  In  pi 


<>  The  composition  of  a  solution  is  expressed  hero  by  the  number  of  particles 
(molecules,  atbms  or  ions)  per  unit  volume.  The  equation  therefore  contains 
Boltzmann’s  constant  k  in  place  of  tho  gas  constant  fl,  which  is  HA  tunes  as 
Croat  ns  tho  fnrmor. 
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eoosluil  or  ll.o  lo-o.llcd  .landard  d,,m- 
cal  potential.  Equation  (2.2a)  can  be  Iransformed  to  read: 

■e  ...  =  Hfio  +  k  T  In  c,  (2.26) 

if  we  consider  Dial  ' 

Pi  =  kTc, 

and  introduce  the  notation 

H*.«  =  +  krin  kr 

Equation  (2.26)  rewritten  for  a  real  system  will  have  the  form 

Hi  =  1*!  +  kT  In  a,  (2.27) 

or  (since  a,  =  c,ft) 

lii  =  |4  +  krinc,  +  krin  f, 

Comparing  Eqs.  (2.26)  and  (2.28),  wc  find  that 


(2.28) 


Hi  =  )‘i  +  kT  In  /,  (2.29) 

Comparison  of  expressions  (2.22)  and  (2.29)  shows  ilia! 

kn,./,.rf_(-gl)r  r  >  (2.30) 

and  that  the  activity  coefficient  can  be  determined  from  tlm  interac¬ 
tion  energy  gf.  The  latter  can  be  calculated  if  the  mutual  arrangement 
of  ions  in  solution  and  the  forces  operating  between  them  are  known. 
Neither  of  these  is  known  with  sufficient  accuracy,  and  therefore  one 
has  to  make  certain  assumptions  in  order  to  solve  the  problem. 


2.3.1.  DISTRIBUTION  OK  IONS  IN  SOLUTION 
ACCORDING  TO  ARnilENlUS  AND  GHOSH 

Tho  third  postulate  of  the  Arrhenius  theory  defines  electrolyte 
solutions  as  ideal  systems.  According  to  this  postulate  it  should  be 
assumed  that  the  ions  in  solution  arc  arranged  in  a  random  fashion 
and  tho  interionic  forces  arc  equal  to  zero.  This  assumption  leads 
(irrespective  of  the  composition  of  a  solution)  to  a  single  value  of 
activity  coefficient,  namely  to  the  quantity  f±  equal  to  unity.  This 
conclusion  contradicts  experiment  and  indicates  the  invalidity  of 
the  solution  model  proposed  by  Arrhenius. 

A  different  view  on  the  nature  of  electrolyte  solutions  was  expressed 
by  Ghosh,  an  Indian  scientist,  in  the  period  between  1918  and  1920. 
According  to  Ghosh's  theory  the  ions  in  solution  arc  arranged  in  the 
same  strict  order  as  in  the  crystal  lattice  of  the  corresponding  solid 
body.  Tho  difference  lies  mainly  in  that  the  distance  between  two 
neighbouring  ions  is  found  to  be  greater  in  solution  than  in  the 
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original  crvstul.  In  this  case  Hie  process  of  solution  is  idcnliliud  with 
swelling,  'flic  spaces  between  the  ions  urc  filled  with  solvent  molecu¬ 
les  and  the  inlerionic  forces  arc  weakened  as  a  result  of  increase  of 
the  dielectric  constant  and  of  the  distance  between  the  ions.  Ionic 
interactions  arc  electrostatic  in  origin. 

On  the  basis  of  these  and  some  other  postulates  Ghosh  succeeded 
in  deriving  formulas  for  calculating  the  free  energy  of  solution, 
activity  coefficient,  heats  of  dilution,  etc.  Within  the  range  of  mode¬ 
rate  concentrations  these  formulas  arc  in  qualitative  agreement  with 
experiment.  The  premises  of  Ghosh's  theory  however  do  not  agree 
with  present-day  data  on  the  structure  of  solutions  and  many  of  its 
inferences  are  iii  conflict  with  experimental  facts.  For  example,  from 
this  theory  it  follows  that  the  temperature  dependence  of  the  poten¬ 
tial  energy  of  a  solution  is  contingent  on  the  variation  in  the  dielec¬ 
tric  constant  of  the  solution.  In  fact  the  potential  energy  of  a  solution 
depends  directly  on  temperature.  The  results  of  X-ruy  and  other 
methods  of  studying  the  structure  of  solutions  do  not  support  Ghosh's 
ideas  (hat  the  crystal  lattice  of  the  original  substances  is  preserved 
in  electrolytic  solutions.  The  discrepancies  between  the  Ghosh 
llieorc  and  experiment  should  primarily  be  attributed  to  the  fact 
that  HO  account  is  taken  in  this  theory  of  the  role  of  thermal  motion 
which  hound  to  distort  the  ordered  lattice-like  structure  of  the 


2.3.2.  THE  DEBYE-HtCKEL  THEOHY 

The  Debyc-Hiickel  Model  of  Electrolytic  Solutions.  The  modern 
theory  of  electrolytic  solutions,  the  basic  propositions  of  which  were 
formulated  by  Debye  and  Hiickcl  in  1923.  arose  as  an  attempt  to 
improve  Ghosh's  theory.  Debye  and  Hiickcl  attempted  to  build 
up  such  a  concept  of  solutions  that  would  reflect  ion-ion  interactions 
and  the  effect  of  thermal  motion.  It  should  be  noted  that  Ghosh  was 
not  the  only  predecessor  of  Debye  and  Hiickcl.  Van  Laar,  Sutherland 
Hjerrnm.  Hertz,  Milner  and  others  had  anticipated  in  their  works  so¬ 
me  of  the  basic  propositions  of  the  Debye-IIiickcl  theory.  Hut  these 
earlier  works  attracted  little  attention  at  the  lime  and  none  of  them 
influenced  noticeably  the  development  of  the  theory  of  solutions. 

Debye  and  Hiickcl  accept  Ghosh's  basic  idea  that  the  distribution 
of  ions  peculiar  to  crystals,  where  each  ion  is  surrounded  predominan¬ 
tly  liy  ions  of  opposite  sign,  is  retained  in  solution.  As  distinct  from 
crystals,  however,  due  to  thermal  motion  the  ions  in  solution  do  not 
retain  their  fixed  position  in  the  lattice  points,  but  are  arrunged 
-pherically  around  an  arbitrarily  selected  central  ion.  Considering 
that  the  principal  type  of  motion  in  solutions  is  translational  (not 
vibrational,  as  in  crystals),  the  sphere  surrounding  the  central  ion 
cannot  always  contain  the  same  ions.  There  is  continuous  interchange 
between  the  ions  contained  in  tile  sphere  and  other  ions.  Such  a  sin- 
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listical  sphere  around  the  central  ion  is  called  the  ionic  almosphere 
or  Ionic  cloud.  All  the  ions  in  solution  are  equal  in  all  respects;  each 
<>f  them  is  surrounded  by  an  ionic  atmosphere  and  at  the  same  limi- 
each  central  ion  makes  part  of  the  ionic  atmosphere  of  some  other 
ion  (Fig.  2.3).  It  is  the  existence  of  ionic  atmospheres  that,  accordirn> 
to  Debye  and  Hiickcl,  distinguishes  real  electrolytic  solutions  from 
ideal  one*.  The  extra  energy  G*  of  real  solutions  must  therefori- 
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reflect  the  cumulative  eflect  of  ionic  atmospheres  on  central  ions. 
Calculation  of  activity  coefficients  reduces  to  finding  an  expression 
for  this  energy  in  terms  of  properties  of  solutions  accessible  to  direct 
measurement. 

Calculation  of  the  Energy  of  Ionic  Interaction  and  Activity  Coeffi¬ 
cients.  The  energy  associated  with  the  ionic  atmosphere  is  electri¬ 
cal  in  origin.  It  must  therefore  be  a  function  of  the  charge  density 
and  (he  potential  produced  by  the  ionic  atmosphere.  Since  the  lat¬ 
ter  is  a  statistical  formation,  we  may  ignore  the  discrete  distribution 
of  charges  and  use  the  Poisson  equation  to  relate  the  mean  charge 
density  p  to  the  corresponding  mean  value  of  the  potential 

— TP  (2-31) 

whore  D  dielectric  constant 

V’  Laplacian  operator,  which  may  be  expressed  in  rectangu¬ 
lar  coordinates: 
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Poisson  s  equation  contains  two  unknown  quantities.  i>  and  if. 
To  find  them,  it  is  necessary  to  have  a  second  equation  connecting 
these  two  variables.  Debye  and  Huckel  derived  the  required  equation 
as  follows.  ...  ..i 

Let  the  volume  of  a  solution  be  V  and  let  there  be,  per  unit  volu¬ 
me.  .V|  ions  of  type  I .  each  bearing  charge  ez ,V.  ions  of  type  2  with 
charge  «».  -Vf  of  type  i  with  charge  ez,.  and  .V»  of  the  last  type  k 


with  charge  ezk.  Since  the  number  of  charges  of  the  positive  ions  of 
an  electrolyte  is  equal  to  that  of  the  negative  ions, 

S  N,ez,  =  0  and  2N,z,  =  0  (2.:«> 

The  law  of  elcctroneutrality  is  valid  not  only  for  a  solution  os  a  whole, 
but  iiso  for  any  given  clement  of  its  volume  sufficiently  large  as 
comp. i red  to  the  ionic  size.  If  the  selected  volume  of  the  solution  is 
equal  t<>  unity,  then 

2n,ez,  =  0  and  2n,z,  =  0  (2.34) 

where  «,  is  the  number  of  ions  of  the  species  i  per  unit  volume  (say. 
one  millilitre).  However,  the  charge  of  a  certain  volume  elemental 
situated  in  the  vicinity  of  an  ion  and  moving  together  with  it  thro¬ 
ugh  the  solution  during  the  thermal  motion  (Fig.  2.4)  will  be  diilc- 
rent  from  zero  due  to  the  presence  of  an  ionic  atmosphere.  If  tlu.* 
central  ion  (or  reference  ion)  located  at  the  coordinate  origin  is  positi¬ 
vely  charged,  the  volume  element  dV  will  then  have  an  excess  nega¬ 
tive  charge.  Assuming  that  the  Boltzmann  principle  is  applicable  in 


the  ionic  distribution  in  solution  and  Hint  the  forces  operating  bet¬ 
ween  the  ions  arc  electrostatic  in  nature,  one  can  express  the  number 
of  negative  ions  in  the  volume  element  dV  as  follows: 

d«-  =  «-<rk^*dl/ 

iiiul  the  number  of  positive  ions  as 


The  charge  of  the  volume  element  will  then  lie 

{ez-n.e*r"*-eztn.e~  ~&"*)d\- 
and  the  charge  density 


Taking  into  account  that  there  are  different  ionic  species  in  the 
solution  and  ascribing  to  the  valency  of  an  ion  a  sign  corresponding 
to  its  charge,  one  may  write  b 


p  —  lez/H/c  kr 

Substitution  of  the  value  of  p  from  liq.  (2.35)  ir 


(2.35) 
ii  cqua- 


— /Te2z 


(2.36) 


Equation  (2.3b)  in  its  general  form  is  difficult  to  salve  To  sim. 
plify  't,  Debye  and  Hiickcl  made  an  assumption  that  cz  ii  <r  k7 
ll,nl  we  electrostatic  interaction  is  small  compared  to  I'n*  ther¬ 
mal  energy.  Expanding  the  exponential  function  into  a  -uiii-s 

*  ,2'37) 
they  confined  their  consideration  to  the  first  two  terms  and  obtained 
the  following  equation  for  p 

p  =  leztn,  —  SsJ/i,!):  (2.38) 

The  first  term  on  the  right-hand  side  of  Eq.  (2.38)  is  equal  to  zero 
according  to  the  law  of  electrical  neutrality,  from  which 


and.  consequently, 


P  -  —  SzJ/i/ip 

**-S£i*m 


(2.39) 
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Introducing  n 


ew  variable  /  defined  by 

x=/w  SzJ"' 


(2.40) 


V*if  =  **♦  (2.41) 

The  quantity  %.  or.  more  precisely  1  'yr,  is  of  great  value  in  the  theory 
of  electrolytic  solutions,  as  will  be  shown  below.  Taking  into  account 
the  spherical  symmetry  of  an  ionic  atmosphere,  we  may  write,  in¬ 
stead  of  V*if. 

Substituting  this  value  of  V*if  int0  Eq.  (2.42)  gives 

TT-h  (>*£) -rt  (2-«) 

where  r  is  the  distance  from  the  central  ion  to  the  point  where  the 
electrostatic  potential  if.  is  determined. 

The  general  solution  of  this  differential  equation  is 

tf  =  /l,  - p  At— —  (2.44) 

The  integration  constants  A,  and  .4.  arc  evaluated  from  the  boun¬ 
dary  conditions.  As  follows  from  the  basic  lows  of  electrostatics,  the 
potential  if  vanishes  at  sufficiently  great  distances  from  the  central 
ion  (if  — Onsr-*-  oo),  this  being  the  first  boundary  condition.  This 
condition  would  be  satisfied  only  if  At  =  0;  otherwise,  with  incre¬ 
asing  distance  from  the  central  ion  the  electrostatic  potential  would 
shoot  up  to  infinity,  i.o..  if  -oo  as  r  —  oo  (e*'is  a  quantity  of  high¬ 
er  order  than  r).  Hence,  taking  into  account  that  .1;  —  0.  hq.  (2.-»4) 
may  he  replaced  by 

if  (2-45) 

To  evaluate  the  integration  constant  At,  it  is  assumed  in  the  first 
approximation  of  the  Dcbye-Hiickcl  theory  that  ions  may  be  regar¬ 
ded  as  material  points  possessing  a  certain  charge.  In  tins  case  at 
r  —  0  the  potential  if  must  tend  to  the  potential  if/  of  the  ion  itself, 


+V-o  -tt-Tjr 

s  the  second  boundary  condition, 
is  expanded  into  a  scries,  then 

if  =  ,| ,  LZ-  _  A .  i  ( 1  -  yr  + jr  (XT)* - ) 


(2.46) 
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with  unity.  Then 
and  one  has 


Hence,  combining  Eqs.  (2.45)  and  (2.47),  we  gel 


Tti,  quaulity  ,  in  Eq.  (2.48)  i,  lh,  tbe 

poiul  r  produced  by  the  ionic  atmosphere  and  the  central  ior 
solutions  are  characterired  by  the  potential  of  the  ionic  atm. 
*la  which  iS  found,  using  the  law  of  the  superposition  of  poU 
as  the  difference  between  if  and  if,  p 

i!,lefaclion  energy.  it  is  necessary  io  del 
ihc  potential  of  the  ionic  atmosphere  at  the  site  of  the  renlr 
i.c.,  to  find  the  limiting  value  of  if,a  for  r  0.  Using  the  sm 
nod* ;  ®xPa.nj1'nS  the  exponential  function  in; 
ries  and  neglecting  the  higher  terms  of  the  series,  one  lim 


♦'V.o-'f' =—§-X 


(2.40) 


According  to  Eq.  (2.49),  the  quantity  tf'  may  be  defined  as  tin-  poten¬ 
tial  produced  at  the  site  of  the  central  ion  by  an  opposite!',  ei Tired 
ion  situated  at  a  distance  of  1  /%  from  the  central  ion.  The  qua  ill  it  \- 
ir  I'"?  ,  d,m?n,si0lls  of  'englh  and  is  referred  to  as  the  l),-bne- 

Ifuckel  reciprocal  length  <>,  Since  the  potential  is  produced  not  l,v 
'°',nbVl.bKy  “?.,2nic  Cl0,,d  “  «wholc.  the  quantity  I  /  y*  nia  v 
Thn  mfnnrl  *'  h°  *“*»“*■«  of  the  ionic  atmosphere, 

fci  P  40).l>  *’  an<  ,C,ICC  1  ,C  radiUS  Ux'  be  computed  from 

thnnrv /.‘k.  “b°?\in  tl,c  flrst  ?PPn>*imalion  of  the  Debve-lluckel 
theory  (the  point-charge  approximation)  it  is  assumed  that  the  ener- 
delild°«C.l.  r#CUOnt,\C,eC^r°sUlic  in  oriein-  It  may  therefore  he 
defined  as  the  energy  of  charging  n  central  ion  in  the  electric  field  of 
an  ionic  cloud.  It  is  known  that  the  energy  of  charging  up  a  particle 
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from  a  stale  of  zero  charge  lo  a  charge  of  q  in  the  field  ip  is  equal  (o 

j  =  jr/ifq  =  y-^=  (2.50) 

since  q  -=  Cip.  where  C  is  capacitance. 

Substituting  into  (2.50)  the  magnitude  of  the  charge  on  the  ccntrul 
ion  instead  of  q.  and  the  quantity  ip'  from  Eq.  (2.49)  in  place  of  i|> 
yields  the  following  expression  for  the  energy  of  charging,  which  is 
equal  lo  the  energy  of  interaction  between  the  central  ion  and  the 
ionic  atmosphere: 

'■-T(f‘)-4  <251> 

a  conjunction  with  (2.30).  we  gel  for  the 


e  of  y,  from  Eq.  (2.40)  into  (2.52).  one  has 

(2.53) 

To  express  the  composition  of  a  solution  in  terms  of  the  concentra¬ 
tion  in  moles  per  litre  instead  of  the  number  of  particles  per  unit 
volume,  the  quantity  n,  must  be  replaced  by  C/A' A/1000.  The  follo¬ 
wing  formula  is  Ihcn  obtained  for  the  activity  coefficient  of  the  ionic 

In  most  cases  it  is  necessary  to  know,  apart  from  the  activity 
coefficient  //  of  a  particular  ionic  species,  the  mean  activity  coeffi¬ 
cient  f±  of  the  electrolyte,  the moreso that  experimental  data  enable 
one  to  determine  this  quantity  rather  than  An  expression  for  the 
mean  activity  coefficient  f±  can  be  found  from  (2.54),  taking  into 
account  I  hat 


where  v  is  the  number  of  ions  into  which  an  electrolyte  molecule  is 
dissociated:  it  is  equal  to  2v,.  This  expression  is  written  down  as 

_ -iwii.wUkrr)"' gw;)1*  «■»> 

11  Here  and  further  in  tile  text  the  difference  between  the  three  methods  of 
expressing  the  activity  coefficient  is  ignored,  which  is  quite  permissible  for 
dilute  solutions. 
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Equation  (2. 55)  can  be  modified,  passing  over  from  nalural  lo  de¬ 


cimal  logarithms,  by  introducing  the  ionic  strength  J  = 

and  lumping  together  all  the  concentration-independent  quantities 

into  a  new  constant  h 

log  f±=  -hVJ  (2.58) 

h  =  1 .283  x  10*  ^  Sv,s?  (DT)-’1'  (2.57) 

For  a  binary  electrolyte  dissociating  into  ions  of  valencies  z.  and  z,. . 
from  Eqs.  (2.56)  and  (2.57)  it  follows  that 

log/±  =  -1-283  x  10*  |  z+z.\  ( DT)-*i*VJ  (2.58) 

and  for  a  binary  I  :  1  -valent  electrolyte 

l°S/±  -  -1  283  x  10‘(D7)-»/-V7  (2.59) 


For  the  mean  activity  coefficient  of  a  uni-univalent  electrolyte  at 
room  tcmiieraturc  (25°C)  and  with  a  solution  having  a  dielectric 
constant  equal  lo  that  of  water  (D  =  78.3)  the  following  formula, 
corresponding  lo  the  point-charge  approximation  of  the  Dcbyc- 
Hiickol  theory,  is  valid: 

log/±  =  -0.5  iVc  (2.60) 

Comparison  of  the  Dcbye-Hiickcl  Theory  with  Experiment.  The 
Dcbye-Hiickcl  theory  permits  one  to  obtain  the  same  equation  for 
the  activity  coefficient  as  has  been  experimentally  found  lor  dilute 
electrolytic  solutions.  The  theory  thus  appears  to' be  in  qualitative 
agreement  with  experiment.  Before  proceeding  to  a  quantitative 
comparison  of  the  Debyo-Hiickcl  theory  with  experiment  il  is  appro¬ 
priate  lo  consider  the  following  assumptions  underlying  this  llieorv: 

1.  The  number  of  ions  in  solution  can  be  determined  from  the 
analytical  concentration  of  the  electrolyte  since  il  is  considered 
to  be  completely  dissociated  (a  -  :  I).  For  this  reason  (lie  IVhyo-IIiic- 
kel  theory  is  sometimes  referred  lo  as  the  "theory  of  complete  disso¬ 
ciation".  However,  it  may  also  be  employed  incases  where  a^tl. 
Indeed,  having  determined  the  degree  of  dissociation  of  a  solution 
of  a  weak  electrolyte  from  the  intensity  of  light  absorption,  one  can 
find  the  true  concentration  of  its  ions  and  then,  by  liq.  (2.60),  the 
mean  activity  coefficient. 

2.  The  distribution  of  ions  around  a  central  ion  obeys  the  clas¬ 
sical  Maxwcll-Boltzmann  statistics.  From  the  physical  point  of 
view  il  is  unclear  lo  what  extent  the  classical  statistics  is  applicab¬ 
le  lo  an  assembly  of  charged  particles  (such  as  ions).  The  Dcbye- 
Hiickcl  theory  in  fact  uses  an  ionic  distribution  of  a  type  different 
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from  tliu  Boltzmann  distribution  since  after  (lie  exponential  fnnr- 
lion  is  expanded  ns  a  series  the  latter  is  terminated  after  the  first 
(for  misynmielricnl  electrolytes)  or  the  second  term  (for  syinniclri- 
cal  electrolytes).  This  distribution  function  may  thus  he  written  as 
a,  (:,cH>)  -  n,  (l  (2.1.1) 

A  nuinber  of  attempts  have  been  made  to  replace  this  partition 
function  by  a  different  one.  but  they  did  not  receive  general  recogni¬ 
tion  because  they  complicated  the  mathematical  formulation  without 
substantially  improving  the  accuracy  of  calculations.  The  use  of  Kq. 
(2. Of)  in  place  of  the  Boltzmann  formula  is  tantamount  to  assuming 
that  (Z|<n|:/k 7)  <  1.  The  lower  the  concentration  and  valency  of  ions, 
the  more  valid  is  this  inequality. 

3.  The  ionic  size  may  be  neglected  compared  with  interionic  dis¬ 
tances  and  the  total  volume  of  the  solution.  Ions  arc  thus  regarded 
as  point  charges  and  all  their  pro|>crties  are  reduced  to  the  magnitude 
of  charge.  This  assumption  is  valid  only  for  dilute  solutions.  With 
increasing  concentration  the  error  becomes  larger  ond  may  considerab¬ 
ly  distort  the  results  of  calculations. 

'  4.  The  interaction  between  ions  is  completely  determined  bycoulom- 
bic  forces.  The  superposition  of  electrostatic  forces  upon  thermal 
forces  leads  to  such  a  distribution  of  ions  in  a  solution  which  is 
characterized  by  a  random  spherical  ionic  atmosphere.  This  assum¬ 
ption  is  also  valid  only  for  dilute  solutions.  With  increasing  concen¬ 
tration  the  mean  interionic  distance  decreases  ami,  in  addition  In 
electrostatic  forces,  there  appear  other  forces  operating  at  a  shorter 
distance,  mainly  van  dcr  Wants  forces.  The  concept  of  ionic  atmos¬ 
phere  must  also  be  modified  in  this  case  since  it  becomes  necessary 
to  lake  into  account  not  only  the  interactions  between  a  particular 
ion  and  its  surroundings  hut  also  between  two  neighbouring  ions. 
It  can  be  seen  from  Table  2.3  that  as  the  ionic  concent  rat  ion  and  tin 


Thickness  of  the  Ionic  Atmosphere  for  Various 
Types  of  Electrolytes  as  a  Function  of  Their 
Cmirenlration  (Water  used  as  solvent.  r-25°C) 

|  Thickness  of  Ionic  atmosphere,  A. 

mole  litre 

mol,- 'Hire 

-W . 

1  :  1 

1  : .’.  and  2  :  1 

1  :  3  and' 3  :  1 

06.4 

55.8 

48.2 

30.4 

Isis  1 

13.6 

9.64 

4l82 

3.94 

charge  on  the  ions  increase,  the  size  of  the  ionic  atmosphere  becomes 
comparable  with  the  ionic  size,  which  contradicts  the  concept  of  the 
ionic  atmosphere. 

5.  In  creating  the  theory  of  the  molecular  (microscopic)  structure 
of  solutions  one  may  use  the  dielectric  constant,  which  is  a  macro¬ 
scopic  properly  of  a  system.  It  was  assumed  in  calculations  that  the 
dielectric  constant  of  a  solution  is  equal  to  that  of  a  pure  solvent. 
These  assumptions  may  hold  true  in  the  case  of  dilute  solutions. 
For  more  concentrated  solutions  it  is  necessary  to  lake  into  account 
that  the  dielectric  constant  varies  with  electrolyte  concentration  and 
the  use  of  an  averaged  dielectric  constant  will  not  be  suflicientlv 
rigorous. 

Thus,  with  the  assumptions  made  by  Debye  and  Hiickel  their  the¬ 
ory  can  be  applied  only  to  dilute  electrolytic  solutions  containing 
low-valency  ions.  Equations  (2.52)  to  (2.56)  and  (2.58)  to  (2.00) 
correspond  to  this  limiting  case  and  express  the  so-called  Debye- 
Ifiickel  limiting  law  or  the  first  approximation  of  the  l)ebye-lliickol 
theory.  For  this  reason,  when  testing  the  Debye- 1 1  iickol  theory  as 
the  limiting  law  it  is  necessary  to  lake  into  consideration  that  the 
higher  the  concentration  of  an  electrolyte  and  the  magnitude  of  the 
charges  of  its  ions  and  the  lower  the  dielectric  constant  of  the  solu¬ 
tion,  the  poorer  will  be  the  agreement  between  this  limiting  law  and 
experiment. 

The  Debyc-Iliickol  limiting  law  yields  correct  values  of  activity 
coefficients  for  a  1  :  I- valent  electrolyte  (sodium  chloride),  particu¬ 
larly  in  very  dilute  solutions  (Table  2/i).  The  lit  between  theory  and 

TABLE  2.4 

Comparison  of  Experimental  and  Calculated  Activity 
Coefficients  tor  Solutions  of  NnCI  and  ZnSO, 

(Water  used  as  solvent.  I  25CC) 


experiment  becomes  poorer  as  the  concentration  increases.  In  the 
case  of  a  2  :  2-valcnl  electrolyte  (zinc  sulphate)  there  is  a  discrepancy 
between  the  calculated  and  experimentally  observed  activity  coeffi¬ 
cients  even  at  very  low  concentrations  (see  Figs.  2.1  and  2.2).  For 
example,  at  a  concentration  of  0.01  mole  per  litre  the  divergency 
exceeds  30  per  cent. 


Ch.  2.  Theory  of  Ionic  Interaction 


The  experimental  and  calculated  values  of  the  slope  of  log  f±  ver¬ 
sus  Y~i  straight  lines  for  dilute  electrolyte  solutions  in  water-ethanol 
mixtures  are  listed  in  Table  2.5. 

Experimental  and  Calculated  Values  of  the  Slope  of  log  /_ 
versus  \/~!  Straight  Lines  for  Various  Types  of  Electrolytes 
(A  mixture  of  water  and  ethyl  alcohol  used  as  solvent.  r--25*C) 


1.51 

2.t>5 

.1.98 


In  this  case  loo  the  discrepancy  between  theory  and  experiment 
becomes  larger  with  the  growth  of  forces  of  interaction  between  the 
ions,  i.e.,  as  the  valency  of  the  ions  increases  and  the  dielectric  con¬ 
stant  of  the  solvent  decreases.  These  and  other  experimental  data 
indicate  thal  the  Dchyc-liiickcl  theory  provides  a  correct  description 
of  the  behaviour  of  electrolytes  in  the  region  where  the  assumptions 
involved  remain  valid. 

Further  Development  of  the  Debye-Hiickel  Theory.  'Hie  first  attempt 
to  improve  the  Debye-Hiickel  theory  and  extend  the  range  of 
its  application  was  made  by  the  authors  of  the  theory.  In  the  so- 
called  second  approximation  Debye  and  Huckel  abandoned  the 
concept  of  inns  as  point  charges  (assumption  3)  and  tried  to  consider 
ions  as  entities  of  finite  size,  every  electrolyte  being  given  a  certain 
mean  diami.!  r  a  (with  the  result  that  assumption  4  is  also  changed). 
Assigning  dd-aite  dimensions  to  ions,  Debye  and  Hiickcl  thereby 
look  into  mini  the  repulsive  forces  of  noncoulombic  origin  that 
prevent  opn  :ir)y  charged  ions  from  approaching  one  another  closer 
than  a  certain  distance  depending  on  the  nature  of  the  electrolyte. 

In  the  ii n ; :  -ion-size  model  (the  second  approximation),  after  the 
same  transnr  nalions  as  in  the  derivation  of  the  limiting  law  •>,  the 
activity  coefficient  of  the  ionic  species  i  is  given  by 

ln/'=  —  2oRr‘T+5x  (2-62) 

_  l°sl‘=-7$W  (2-63) 

ii  it  is  assumed  in  calculations  that  the  ion-size  paramoter  a  corresponds  to 
the  minimum  potential  enorgy. 


Equilibrium  in  Eltclrolylt  i'o/i 


where  b  =  /  Y  J  and  h  retains  its  previous  menu  inn.  Kor  the  mean 
activity  cocflicient  of  an  electrolyte  dissociating  into  v  ions,  of 
which  \>  have  a  valency  of  and  v.  a  valency  of  the  linitu- 
ion-sizc  approximation  leads  to  the  equation 


l,l/±=  - 


All  the  equations  involved  in  the  second  approximation  differ  from 
the  corresponding  equations  of  the  point-charge  approximation  bv 
a  factor  of 


According  to  its  physical  menning  the  parameter  a  depends  not 
only  on  the  nature  of  thcclcctrolylc,  the  mean  activity  coefficient  of 
which  is  to  be  calculated,  but  also  on  tbc  nature  of  oilier  electrolytes 
present  in  the  solution  since  all  the  ions  in  solution  participate  in 
the  formation  of  an  ionic  atmosphere.  In  this  connection  the  crystal¬ 
lographic  radii  of  individual  substances  cannot  be  used  to  determine 
the  mean  ionic  diameter  a  of  an  electrolyte;  it  is  found  by  experi¬ 
ment.  Hence,  in  contrast  to  the  point-charge  model,  the  equations 
of 'the  linitc-ion-sizc  model  contain  an  empirical  constant. 

The  best  agreement  with  experiment  was  obtained  by  La  Mer 
and  his  coworkers,  who  also  started  from  the  assumptions  made  by 
Debye  andlluckcl  in  their  second  approximation  but  pi.o  ;„cda  more 
precise  mathematical  solution  of  the  basic  diflereoii  .i  equal, on 
They  showed  that  if  one  lakes  into  account  not  two  |.  ,i  „r>rt.  lcrills 
in  a  series  into  which  the  exponential  function  e  i  xpnuded 

then  the  equation  for  the  mean  activity  coefficient  of  .•  i  .  .,  \  electro¬ 
lyte  assumes  I  lie  form 


I"  .4  = 


20kT 


I-:- a 


(2.(i5) 


and  (2.1 


file  third 


ICquation  (2.05)  differs  from  Kqs.  (2.02)  a 
contains  the  tern,  1H„.  which  is  the  sum  of  the  .. 

to  the  fifth  or  sixth.  If  the  extra  terms  in  the  sei . 

account,  it  will  be  tantamount  to  partial  removal  of  tin  assumption 
that  «,t|)  k?’.  Here  the  energy  of  ionic  interaction  heroines  compa¬ 

rable  in  magnitude  with  the  energy  of  thermal  motion  of  ions.  1  bough  it 
remains  lower  as  before;  this  circumstance  must  extend  the  range  of 
application  of  the  theory.  As  shown  by  experimental  data  (see  Tab¬ 
le  2.0).  Eq.  (2.03)  allows  one  and  the  same  positive  value  of  Ibe  mean 
effective  diameter,,  to  be  used  for  calculating  /.,  while  in  the  linitc- 
ion-sizc  version  of  the  Debyc-lliickcl  theory  the  diameter  a  is  not 
a  constant  and  may  be  negative,  which  contradicts  its  physical 
meaning. 


Ynlurs  of  tin*  Parameter  a  in  Kqs.  (2.02) 
(mil  (2.65)  nl  which  Ihc  Calculated  Value 
of  the  Mean  Aclirily  Coeffteienl  of  ZnS0( 
dncnlcs  with  I  lie  Kxperimontal  Value,  t  25° 


The  drawback  of  (lie  La  Mor  formula  is  the  cumborsomo  procedure 
for  calculating  I  he  sum  2  li„.  lu  order  lo  facilitate  calculations, 
special  tables  have  been  compiled,  which  contain  values  of  li  for 
various  values  of  n.  a  and  /.  Since  Ihc  sum  of  the  first  Iwo  terms  in 
a  decreasing  scries  is  always  greater  than  the  sum  of  the  subsequent 
three  or  four  terms,  it  follows  that 


2l)kT 


->2fl„ 


and  \  .i  1  in  - '  ..r  the  mean  activity  coefficient  /t  greaier  than  unity 
cannot  In  »!•< Mined  front  formula  (2.<>5).  which  renders  it  inapplicahle 
in  i he  r.i'i-  ul  ronccnlrated  solutions. 

Semi-empirical  Formulas  for  Calculating  Activity  Coefficients. 
A  nninln  '  •  investigators  have  made  an  assumption  that  when  two 
opposite!'  •  fiargeil  ions  approach  eacli  oilier,  ion  pairs  may  he  for¬ 
med.  A'  ■  i-lincl  from  molecules,  ion  pairs  are  held  together  hv 
conlomlui  -mces.  flic  probability  of  formation  of  ion  pairs  and  also 
of  more  •  -.j-le\  ionic  assemblies  is  not  taken  into  account  by  the 

Debye* 1 1  -  ■  1 1  theory.  This  is  one  of  the  reasons  behind  its  disagre¬ 
ement  w i 1  ■  ■  ■xpi-rimcnl.  The  ilegrce  of  association  of  ions  into  pairs 
lias  been  nlaled  and  compared  with  experimental  ilnia.  The  results 
of  tins  C"-  I'.irison  show  that  ion  association  does  play  an  important 
part.  i-s|" .  i  .tty  in  solvents  with  a  low  dielectric  constant 

Iliickcl  tried  to  lake  into  account  the  variation  of  dielectric 
constant  with  concentration  of  solution.  Assuming  ions  to  have 
a  finite  size  but  neglecting  all  the  terms  of  a  scries  into  which  llto 
exponential  function  is  expanded,  except  for  the  first-order  term, 
Iliickcl  inferred  that  Ihc  dielectric  constant  decreases  with  increasing 
concentration  of  the  solution.  The  fall  in  the  dielectric  constant  is 
due  lo  the  orientation  of  solvent  dipoles  around  the  ions  with  the 
resulting  decrease  in  their  response  lo  the  ollect  of  the  external  field. 
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Electrolyte  Solution 


In  spile  of  the  physical  plausibility  of  this  hypothesis,  the  derivati¬ 
on  of  the  equation  for  the  activity  coefficient  given  by  lliickcl  cannot 
be  considered  correct.  This  follows,  for  example,  from  the  fact  that 
the  decrease  of  the  dielectric  constant  and  the  associated  growth 
of  the  forces  of  ionic  interaction  progressively  invalidate  the  assum¬ 
ption  that  «Z|i|>  <  k7\  The  equation  derived  by  Hiickcl  is  cumberso¬ 
me,  but  it  can  be  replaced  by  a  simpler  one: 

""a  vT-'rBJ  <2-“> 

where  A  and  B  arc  empirical  constants.  If  the  values  of  A  and  B  are 
chosen  correctly,  the  Hiickcl  formula  (2.66)  agrees  well  with  experi¬ 
ment  and  is  convenient  for  empirical  calculations.  It  enables  one  to 
obtain  positive  values  of  log  /*  in  the  region  of  strong  inlcrionic  for¬ 
ces,  where  the  product  HJ  will  be  greater  than  the  lirsl  term.  This 
makes  it  possible  to  use  the  Hiickcl  formula  at  high  concentrations. 

With  successively  decreasing  interionic  forces  I  lie  Hiickcl  formu¬ 
la  is  transformed  first  into  the  formula  of  the  Dobyo-Hiickcl  linitc- 
ion-sizc  model  (but  not  into  the  La  Mer  formula)  and  then  into  the 
Debyc-Huckel  limiting  law.  For  practical  calculations  it  is  conveni¬ 
ent  to  use,  along  with  the  Hiickcl  formula,  the  following  semi- 
empirical  equations: 

lo«/-=-AifT7rL  (2-67) 

log /±  =  -  BJ  (2.68) 

Thus,  in  the  course  of  the  development  of  the  theory  of  solutions 
on  the  basis  of  the  concepts  introduced  by  Debye  and  Hiickcl  it 
became  necessary  to  resort  to  various  semi-empirical  equations  in 
all  cases  where  the  electrolyte  concentration  was  high.  The  deriva¬ 
tion  of  theoretical  equations  applicable  over  a  wide  range  of  con¬ 
centrations  requires  the  development  of  more  realistic  conceptions 
of  the  molecular  structure  of  electrolytes  and  of  the  nature  of  forces 
operating,  along  with  coitlombic  and  thermal  forces,  between  all 
the  particles  in  solution. 


CHAPTER  3 

Solvation  and  Hydration  of  Ions 


3.1.  EMPIRICAL  HEATS  OF  HYDRATION 
OF  ELECTROLYTES 

The  thermal  effect  observed  on  dissolution  of  one  gram-molecule 
of  a  substance  is  called  the  heat  o/  solution  QL.  Heats  of  solution  are 
usual  I  v  small  and  may  be  cither  positive  or  negative.  Considering 
that  the  ions  in  solution  move  independently  of  each  other  and  beha¬ 
ve  as  independent  particles,  it  may  be  supposed  that  during  the  pro¬ 
cess  of  dissolution  the  bonds  between  the  ions  in  molecules  or  in 
a  crystal  lattice  arc  broken.  The  energy  of  bond  rupture  in  the  mole¬ 
cule  and  the  lattice  energy  are  high.  Small  heats  of  solution  there¬ 
fore  indicate  that  the  energy  required  to  break  up  a  crystal  lattice, 
(j  is  generated  in  the  process  of  dissolution. 

Though  this  energy  is  experimentally  inaccessible,  it  can  be 
evaluated  with  sufficient  accuracy  by  indirect  methods.  According 
to  the  views  widely  accepted  at  present  and  based  on  the  works  of 
Kablukov,  the  energy  bringing  about  the  rupture  of  bonds  in  the 
molecules  of  an  electrolyte  is  produced  by  interactions  between  its 
ions  and  solvent  particles  (when  water  is  the  solvent,  the  process  is 
known  a.  hydration).  This  energy  is  equal  to  the  change  of  the  Gibbs 
free  energy  taking  place  during  the  reactions 
M'*  -f-  *H20  =  M(HjO)J* 

A*-  +  yH»0  =  A(H«0)j* 

which  give  rise  to  hydrated  ions.  Similar  processes  are  also  found  to 
occur  in  nonaquoous  solutions,  but  leading  to  the  formation  of 
solvated  ions  (the  process  known  ns  solvation).  The  energy  effects  of 
these  two  types  of  reactions  are  known  as  the  hydration  energy  [:h 
and  the  solvation  energy  Us,  and  the  corresponding  thermal  effects  as 
the  heat  of  hydration  Qh  and  the  heat  of  solvation  Qs  (as suggested  by 

^  The  heals  of  hydralion  were  first  calculated  by  Haber  and  Born 
with  the  aid  of  cycles  based  on  the  well-known  thermodynamic  law 
(Hess's  law).  The  application  of  the  Born-Haber  cycle  is  exempli¬ 
fied  by  the  determination  of  the  heat  of  hydration  of  potassium  chlo¬ 
ride. 
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In  the  first  step  of  the  cycle  one  gram-molecule  of  crystalline 
potassium  chloride  is  broken  up.  giving  rise  to  free  gaseous  polas- 
swm  and  chloride  ions:  the  energy  used  up  is  the  lattice  energy 
Kelt/*-  The  ions  arc  transferred  into  the  solvent  where  they  form  a  so¬ 
lution  of  potassium  chloride.  This  process  leads  to  the  evolution  of 
the  total  heal  of  hydration  of  a  potassium  ion  K.~Qh  and  a  chloride 
ion  ct -Qh-  In  the  second  step  one  gram-molecule  of  crystalline 
potassium  chloride  is  transferred  directly  into  the  same  volume  of 
solvent  to  form  a  solution  of  potassium  chloride;  this  process  is 
accompanied  by  the  thermal  clfect  Kci<?r.-  The  entire  cycle  may  be 
represented  schematically  as  follows; 


Assuming  all  the  steps  of  the  cycle  to  be  reversible  ai 
mal  and  applying  Hess's  law.  we  obtain 

K*9a+ci-^a  =  KCi5x.-i-KCitr« 

Equation  (3.1)  allows  the  heal  of  hydration  to  be  foiia 
heals  of  solution  and  the  lattice  energy  arc  known. 

Unlike  the  heat  of  solution,  the  lattice  energy  cannot  he 
ed  experimentally.  Its  value  is  calculated  by  using  the 
lion: 

v,.xa£*S±(!=L) 

where  KM  =  Modelling  constant  depending  on  the  niutu 
inont  of  positive  ami  negative  ions  in  i 
(its  values  for  various  types  of  crystal 
known) 

r  —  equilibrium  distance  between  oppositely  cli 
in  a  given  typo  of  lattice 
"  ■=  repulsion  coefficient  ranging  from  5  to  12 
found  experimentally  from  the  compressibi 
crystal). 

Kapuslinsky  proposed  formulas  which,  though  less  pi 
the  Horn  equation,  arc  more  universal  and  do  not  require  c, 
calculations  associated  with  the  determination  of  Kv  an 

UK  =  256.lv 

.  *'  I",  »*'"*  Eq.  (3.1)  it  should  be  borne  in  mind  that  it  is  not  n 
since,  along  with  the  heats,  it  contains  the  lattice  energy  L'e  q 


(3.4) 


Ut  =  287.2v  ( •  —  rJ  — ) 

where  v  -  number  of  ions  in  a  molecule  of  an  ionic  substance 
Ij.  and  Z-  ■=  valencies 

r  and  r  radii  of  positive  and  negative  ions 
'in  determining  the  heat  of  hydration  it  is  possible  to  avoid  calcu¬ 
lating  the  lattice  energy  by  using  a  more  complicated  cycle: 


[KCU- 


-(10 


(K) 

“I  \ 

-(K*)  ,eh 


Merc  -.O'  heal  of  formation  of  crystalline  potassium  chlori- 
*"  do  IKCI1  from  potassium  and  chlorine  taken  in 

their  standard  slate,  i.c..  in  the  form  of  solid 
metallic  potassium  IKI  and  gaseous  molecular 
chlorine  (Cl2) 

~Sk  =  heal  of  sublimation  of  potassium  with  the  forma¬ 
tion  of  gaseous  atomic  potassium  (K) 

_L  =  energy  of  dissociation  of  molecular  chlorine  into 

gaseous  atoms  (Cl) 

_/K,  =  energy  corresponding  to  the  first  potential  of 
ionization  of  potassium  atom  with  the  formation 
of  gaseous  potassium  ion  (K ’) 

—  energy  which  is  a  measure  of  electron  aflinity  of 
chlorine  atom. 

The  remaining  quantities  have  the  same  meaning  as  before,  from 
this  cycle  it  follows  that 

K+Qh  -•  ct-Cbi  =  KCI<?L  +  KCI Q/  +  Sk  T  j  Da,  •  I K'  —  An-  (3.5) 


The  heals  of  hydration  have  been  determined  for  various  compounds 
with  the  aid  of  the  empirical  methods  discussed  above.  Some  of 
the  data  obtained  are  given  in  Table  3.1.  ~ 
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_ Ilents  ot  Hydration  of  Some  Compounds 

^unS0’  !  '■"'“S"'  Ov  P  Compo-  IJ.  1  Compu 

*  kcal/molpl  uni  kcil/molc'.1  und  kcnl^inolr!  SB 

F  229  5  LiCl  210  LilJr  20't  »  I  il 

'F  NnCI  185  NnBr  It7  S 

F  *82  KCI  105  KBr  150  j  Kl 

ff*  ill  j  n*5?i  *  013  Mgl. 

,  B"C1,  400  BoBr,  ago  i  ii.fi  ‘ 

RS  'S!  SAJCIj  1378  AIBr,  1354  I  VI  .; 

F  ««  j  1  Cl  348  HBr  341  C  III 

OH  208  i  NaOH  182  KOH  102  ("  till 


3.2.  HEATS  OF  HYDRATION  OF  INDIVIDUAL  IONS 

3.2.1.  DEPENDENCE  OF  THE  HEAT  OK  HYDRATION 
OF  AN  ION  ON  ITS  PROPERTIES 

The  differences  in  the  heals  of  hydration  of  clcctrnlvle<  with 
a  common  ion,  for  example,  *  ‘ 

or  urQn— and  lici?*— saCi5» 

n.p<?p— n.ciC*-.  and  KrQh— KaQh 

arc  closely  similar  (see  Table  3.1).  Hence,  the  heals  of  hydration  of 
substances  aro  additive,  being  composed  of  the  heals  of  [••drat  ion  of 
the  constituent  ions.  1 

It  can  be  seen  from  Table  3.1  that  ir  the  hydration  em-i-y  of  »  cesi- 
,'s  la*cn  l0,  be  ®V|aI  to  zero  in  the  series  of  alkali  metal  liydro- 
Xidcs,  then  the  values  of  the  conditional  hydration  cner'iiv-  of  rations 
will  increase  in  the  sequence  indicated  in  Table  3.2.  ” 

In  a  similar  way,  using  experimental  data  on  the  heals  of  kvdrnlion 
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id  Hi/dratlon  of  Ions 


of  lithium  halides  uml  pulling  i-<?»  =  0,  wo  compile  a  similar 
table  for  anions  (Table  3.3).  The  relative  values  of  the  heals  of 
hydration  obtained  indicate  that  the  ionic  size  plays  on  important 
pari  in  the  process  of  hydration.  The  heals  of  hydration  in  a  series 
of  ions  similar  in  their  properties,  as  u  rule,  increase  ns  their  radii 
decrease. 

TAOLB  1.4 

Variation  of  Ihc  Relative  Heal  ol  Hydration 
of  Metal  Halides  with  Cationic  Charge 


A«Clj 
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A  comparison  of  the  heals  of  hydration  of  inclal  halides  having 
dilferi  iil  valencies  shows  that  Ihc  heat  of  hydration  increases  with 
increa.-:,ig  ionic  charge  (Table  3.4). 

3.2.2.  EXPERIMENTAL  HYDRATION  HEATS  OF  IONS 
The  heats  of  hydration  of  individual  ions  can  be  obtained  from 
experimental  values  of  the  heals  of  hydratiou  of  substances  by  making 
certain  assumptions  ns  to  what  fraction  of  the  total  heat  should  be 
assigned  to  each  of  the  ions.  The  heats  of  hydration  of  single  ionic 
species  thus  obtained  arc  called  cxperimenlal,  though  they  are  all 
more  or  less  arbitrary  und  depend  on  how  close  to  reality  the  assum¬ 
ptions  are.  These  heals  therefore  cannot  be  regarded  as  experimental 
and  their  comparison  with  calculated  heals  does  not  indicate  the 
degree  of  reliability  of  the  theoretical  method  employed. 

We  shall  now  discuss  the  principal  methods  of  determining  expe¬ 
rimental  heats  of  hydration. 


An  assumption  has  boon  made  that  since  the  valencies  and  crystal¬ 
lographic  radii  of  the  ions  K  •  ami  F"  are  equal  (rK.=rK.  |.Ji,\) 
their  heats  of  hydration  must  also  be  equal  and  can  be  determined 
simply  by  dividing  in  half  the  experimental  heat  of  hydration  or 
potassium  fluoride.  This  assumption  made  by  Denial  and  Fowler 
docs  not  lake  into  account  the  fact  that  anions  are  more  hydrophilic 
than  cations,  which  means  that  the  F'  ion  requires  a  relaiivelv  lar¬ 
ger  fraction  of  the  total  heal  of  hydration. 

A  more  realistic  suggestion  was  made  by  Mishchenko  in  l'J17, 
who  assumed  that  the  heals  of  hydration  of  the  Cs’  and  I '  ions  une¬ 
qual  in  size  arc  equal.  The  radius  of  the  iodide  ion  is  about  0.55  \ 
larger  than  that  of  the  cesium  ion.  According  to  Mishchenko,  the 
larger  radius  (compared  with  the  cesium  ion)  and  the  associated 
decrease  of  the  heat  of  hydration  of  the  iodide  ion  must  compensate 
for  its  excess  hydrophilic  capacity  (as  a  nogalivelv  charged  ion)  and 
the  consequent  increase  of  the  heat  of  hydration.  Owing  to  the  asvih- 
melry  of  their  dipoles  molecules  of  water  can  come  closer  to  anions 
than  locations.  The  asymmetry  factor,  as  determined  on  the  basis 
of  various  water-molecule  models,  lies  in  the  range  of  U. 22-0. 28  A. 
The  minimum  possible  distances  between  the  centres  of  positive 
and  negative  ions  of  equal  size  and  the  centre  of  the  water  dipole 
must  differ  by  twice  tins  figure.  The  difference  in  the  radii  of  the  I" 
and  Cs'  ions  is  0.55  A  and  provides  mutual  compensation  of  the 
effects  of  ionic  size  and  hydrophilic  capacity. 

To  resolve  the  total  heats  of  hydration  into  individual  values  for 
the  component  ions  extrapolation  methods  have  been  proposed, 
based  on  the  dependence  of  heats  of  hydration  on  ionu  radii.  The 
method  developed  by  Izmailov  (19(50)  is  of  particular  interest. 
It  is  known  that  the  total  heals  of  hydration  of  ions  forming  a  given 
substance,  as  well  as  the  differences  in  heals  of  hydration  for  like- 
charged  ions  can  be  determined  quantitatively  from  rxot.rimcntal 
data.  Since  with  increasing  ionic  radius  r  or  with  a  decrease  in  its 
inverse  1/r  heats  of  hydration  lend  toward  zero,  with  increasing 
anionic  radius  the  sum  of  the  heats  of  hvdration  of  the  ions  of 
electrolytes  with  the  same  cation  M*  but  different  anions  A"  must 
lend  to  i.o., 

lint  (m *Qh  +  ^  —  y\*Qh 

The  difference  in  the  heats  of  hydration  of  two  cations  will  lend  to 
the  same  limit  if  the  radius  of  one  of  them  (for  example,  the  second) 
increases,  i.o., 

lim  [yi’Qh  - <M_i_  _0  lf& 
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Tims,  if  („.<?/,  a.<?a)  «"•  („;<?*  is  l'1""0*1  •lBni,,sl 

IV  anil  the  curves  arc  extrapolated  lo  l/rA.  0  or  I  VJt .  0.  the 


intercept  of  the  ordinate  will  correspond  I 
lue  of  the  sums  and  differences  of  the  heats 


quantity 


:o  The  . 
of  hydration. 


must  also  tend  in  the  limit  lo  MT<fc  with  increasing  mean  radius  of 
cation  MS  and  anion  A",  i.e..  tile  quantity  r,„  determined  from  the 
equation  ^  ^  ^  ^ 

The  determination  of  the  hydration  energy  for  a  hydrogen  ion  hy 
this  method  is  illustrated  in  Fig.  3.1. 

It  should  he  noted  that  the  heals  and  energies  of  hydration  obtai¬ 
ned  hy  Mishchenko  and  Izmailov  for  individual  ions  arc  very  close 


;>eu-rnii nation  of  the  hydration  energy  of  io 
. ...  .,f  the  total  hydration  heat  of  aclda  in  a  tunetton  . 

n  the  hydration  heats  of  aclda  and  their  salts  as  a 
e-aee  sums  ..nd  differences  of  the  hydration  heals 
a  function  of  the  mean  radius  of  salt  catuu 


to  each  other,  though  their  methods  of  resolving  the  total  heats  arc 
based  on  different  principles.  Therefore  the  experimental  individual 
heals  of  hydration  as  obtained  by  Mishchenko  and  Izmailov  arc  con¬ 
sidered  lo  he  the  most  reliable. 


One  of  the  first  attempts  lo  calculate  theoretically  the  heats  of 
hydration  of  individual  ions  was  made  by  Born.  His  method  of  cal¬ 
culation  is  based  on  the  assumption  that  the  energy  of  solvation 
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(hydration)  of  nn  ion  must  equal  the  difference  between  its  potential 
energies  in  vacuum  Uv  end  in  solution  U i.: 

Ua=Uv-  UL  (3.0) 

The  energy  of  an  ion  in  vacuum  is  given  by 

u*- 

where  it  =  ionic  charge 
r  ionic  radius. 

The  energy  of  an  ion  in  a  medium  of  dielectric  constant  I)  is 

and  the  solvation  energy  in  terms  of  a  gram-ion  is 


Since  the  heal  and  energy  of  hydration  are  interrelated  hv  the  Gihbs- 
Hclmholtz  equation  <1 .32).  which  in  this  particular  ease.  i.c.,  for 
Us  =  —  AGS.  may  be  rewritten  as 

U,-Q,+t!£  ,3.8, 

it  follows  that 

(3.9| 

Thus,  according  to  Dorn,  the  solvation  energy  of  an  ion  is  determi¬ 
ned  by  its  charge  and  dimensions  ns  well  as  bv  the  dielectric  eonstonl 
of  the  solvent  liquations  (3.7)  and  (3.9)  can  be  applied  l„  any  soluti¬ 
on  provided  that  its  dielectric  constant  is  known. 

Since  electrolytes  dissociate  owing  to  the  energy  of  solvation,  it 
should  bo  expected,  if  Dorn's  ideas  arc  accepted,  that  the  dissociating 
power  of  the  solvent  is  in  direct  proportion  to  its  dielectric  constant. 
This  regularity  was  established  by  Walden  (1903)  even  before  Dorn's 
solvation  theory  appeared.  Walden  formulated  the  following  empiri¬ 
cal  rule  (known  ns  Walden's  rule)  for  the  tclrasuhstituted  series  of 
ammonia: 

const  (3.10) 

where  Va  is  the  dilution  required  to  attain  a  definite  degree  of  disso¬ 
ciation  a  equal  for  all  solutions  compared.  The  data  obtained  at 
a  =  0.83  arc  presented  in  Table  3.5. 
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Walden's  rule  however  is  of  limiled  «|>|)lical)ility.  n  circumstance 
noted  first  by  I’isar/hevsky. 

To  use  Horn's  equation  for  calculations  it  is  necessary  to  know, 
along  will)  the  dielectric  constant  of  the  solution,  the  valency  and 
radius  of  the  ion  concerned.  The  valencies  of  ions  arc  known,  and 
their  radii  are  taken  by  Horn  to  be  equal  to  crystallographic  radii. 
The  latter  are  effective  ionic  radii  and  depend  on  the  type  of  crystal 
lattice.  The  use  of  effective  radii  in  place  of  ionic  radii  in  solutions 
may  lead  to  errors  in  calculations.  Another  drawback  of  the  Born 
theory  i"  that  the  dielectric  constant  of  a  solution  is  assumed  to  be 
identical  with  that  of  a  pure  solvent,  which  contradicts  experimental 
data.  If  we  calculate  the  heals  of  hydration  for  sodium,  potassium, 
fluoride  ;.:id  chloride  ions  on  the  basis  of  these  assumptions,  the  fol¬ 
lowing  .‘■■"ids  will  result: 

I„n  . Xa*  K-  K-  Cl- 

kcal/g-ion  .  .  166  123  123  90 
A  comparison  of  the  heats  of  hydration  of  the  compounds  NaF.  NaCI, 
Kl'  and  iv'l  calculated  from  the  Born  equation  with  their  experimen¬ 
tal  valu-s  (sec  Table  3.1)  reveals  that  the  theoretical  values  are 
higher  lli.ti  the  experimental  data,  though  Horn’s  equation  yields 
a  quali’.:)  ivelv  correct  relation  between  the  energies  (heats)  of  sol¬ 
vation  ai.'i  the  properties  of  ions.  For  instance,  in  full  accord  with 
ex  peri  in:  a  I .  the  heals  of  hydration  become  greater  as  fluoride  or 
sodium  ions  are  substituted  for  chloride  or  potassium  ions,  respecti¬ 
vely.  in  the  molecule,  i.c..  as  the  ionic  radius  decreases. 

An  attempt  to  reline  Horn’s  equation  was  made  by  Webb,  who 
introduced  corrections  for  a  fall  in  the  dielectric  constant  of  a  soluti¬ 
on  in  the  immediate  neighbourhood  of  the  ion  and  for  the  work  of 
compressing  the  solvent  during  the  introduction  of  an  electrolyte 
(this  phenomenon  is  known  as  eleclroslriclion).  In  making  these 
corrections  Webb  proceeded  from  the  dependence  of  the  dielectric 
constant  of  a  dielectric  on  the  properties  of  its  constituent  particles 
and  their  behaviour  in  an  electric  field. 
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It  is  known  that  with  a  constant  charge  density  on  the  plates  of 
a  parallcl-plalc  condenser  the  field  strength  between  them  is  found 
to  he  greater  in  vacuum.  i|v,  than  in  a  dielectric,  ifi,.  The  ratio 


is  called  the  dielectric  constant  D  of  a  substance,  assuming  that  in 
vacuum  D  is  equal  to  unity. 

Equation  (3.11)  implies  that  part  of  the  charges  on  the  capacitor 
plates  arc  compensated  for  by  the  charges  of  the  dielectric.  If  (he 
molecules  of  the  dielectric  are  polar,  i.c..  the  centres  of  gravity  of 
the  positive  and  negative  charges  do  not  coincide,  then  such  mole¬ 
cules  possess  a  permanent  dipole  moment  u„.  The  dipole  moment  is 
here  defined  as  the  product  of  any  one  of  the  dipole  charges,  //.  and 
the  distance  between  Ibcir  centres  of  gravity.  I: 

P  =  <)l  (3.12) 

The  charge  (/  is  a  multiple  of  the  electron  charge  ('i.803  x  It)-1"  esu), 
and  /  is  equal  to  several  angstroms  (I  A  —  10  "  cm).  Consequently, 
the  dipole  moment  must  be  of  the  order  of  10  IS.  The  magnitude 
of  the  dipole  moment  equal  to  I  >:  l<)-'»  is  called  the  debye  (D). 
Under  the  influence  of  an  electric  field  polar  molecules  are  oriented 
so  that  their  positive  ends  are  directed  toward  the  negative  capa¬ 
citor  plate,  and  their  negative  ends  toward  the  positive  plate.  Iherehv 
compensating  part  of  the  capacitor  charges.  The  degree  of  molecular 
orientation  increases  with  increasing  field  strength  and  for  large 
fields,  when  all  the  molecules  of  the  dielectric  become  oriented,  its 
response  to  the  electric  field  will  not  differ  formally  from  that  of 
vacuum.  Under  these  conditions  a  state  reached  which  is  called 
dielectric  saturation,  and  the  dielectric  co:m!,:!i(  of  the  substance  app¬ 
roaches  unity.  The  orienting  effect  of  the  fi»*!.!  is  counteracted  by  the 
thermal  motion  of  particles.  Willi  equal  !i<-l.l  strengths,  the  higher 
the  temperature  the  lower  is  the  degree  of  m iciii.il ion  and  the  later 
will  the  slate  of  dielectric  saturation  iie  attained  li.e..  at  increased 
field  strength). 

It  should  be  kept  in  mind  that  the  particles  of  dielectrics  having 
no  permanent  dipole  are  capable  of  altering  their  shape  under  the 
inlluencc  of  an  external  field,  as  a  result  of  which  they  may  acquire 
a  dipole  moment.  The  moment  due  to  an  electric  field  is  called  the 
induced  dipole  moment  pin.  The  displacement  of  charges  in  a  die¬ 
lectric  particle  giving  rise  to  an  induced  dipole  will  always  reduce 
the  field  strength  irrespective  of  the  temperature.  For  nol-loo-largo 
fields  the  magnitude  of  an  induced  dipole  is  proportional  to  the 
field  strength: 

Pi.,  =  a*’ 

where  a  is  the  polarizability. 


(3.13) 
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TI10  dielectric  constant  as  11  macroscopic  cliaracloristic  of  a  sub¬ 
stance  is  related  with  the  microscopic  properties  of  the  particles 
making  up  a  |rjveu  substance,  namely,  with  their  dipole  moments  and 
polarizability.  Various  equations  have  been  proposed  to  describe 
this  relation!  One  of  the  earliest  and  most  widely  used  is  the  Debye 
equation 


where  .1/  molecular  weight 

d  density  of  the  substance 
|T,,  -  component  of  the  permanent  dipole  moment  in  the 
direction  of  the  field. 

If  an  electrolyte  is  introduced  into  a  pure  solvent  of  dielectric 
constant  D„.  part  of  the  solvent  molecules  will  orient  themselves 
in  an  electric  held  set  up  by  the  ion  charges  of  the  electrolyte.  The 
dielectric  constant  of  the  solvent  must  then  decrease  because  some  of 
its  molecules  will  be  oriented  around  the  ions  and  become  passive 
in  respect  of  the  external  held.  The  dielectric  constant  of  the  solution 
is  therefore  lower  than  that  of  the  initial  solvent.  The  lowest  value 
of  the  dielectric  constant  is  observed  in  the  vicinity  of  an  ion.  In 
the  case  of  ions  of  different  size  but  equal  charge,  the  smaller  the 
ionic  radius,  the  more  pronounced  is  the  depression  of  the  dielectric 
constant.  Accordingly.  Webb  introduces  into  the  IJorn  equation  the 
values  of  dielectric  constant  corresponding  to  each  radius  (AM. 
which  is  always  lower  than  the  dielectric  constant  of  a  pure  solvent. 
The  second  effect  taken  into  account  by  Webb  is  associated  with  the 

plienom . .  of  elcctroslriclion.  i.e..  compression  upon  dissolution. 

As  a  result  of  elect  restriction  the  volume  of  the  solution  becomes 
smaller  than  the  sum  of  the  volumes  of  the  pure  solvent  and  solute. 
A  certain  amount  of  energy  is  required  for  tile  work  of  compression. 
Both  these  effects  being  taken  into  account,  the  energy  and  heal  of 
hydratiui;  calculated  from  the  Born-Webb  formula  diminish  and 
approai  h  experimental  values.  In  the  Webb  theory,  however,  the 
solvent  i.-  still  regarded  as  a  continuous  medium  and  neither  the 
struct  111'e  of  its  molecules  nor  the  constitution  of  the  liquid  is  recko¬ 
ned  wilii.  But  these  properties  may  be  more  significant  lliiin  the 
value  of  dielectric  constant.  For  example,  comparing  the  data  of 
Tables  .1.1  and  3.6.  one  can  sec  that  in  alcohols,  the  dielectric  con¬ 
stant  of  which  is  lower  than  that  of  water,  the  heals  of  solvation 
arc  approximately  the  same  as  for  water.  In  some  cases  they  are  even 
higher  than  the  corresponding  heats  of  hydration. 

Thus,  the  assumption  of  the  exclusive  role  of  dielectric  constant 
in  the  solvation  and  dissociation  of  electrolytes  does  not  agree  quan¬ 
titatively  with  experimental  facts.  To  work  out  a  correct  idea  of 
these  phenomena,  one  must  consider  the  interaction  between  the 
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solute  and  the  solvent,  i.o.,  following  Mendeleyev,  one  must  view 
the  process  of  electrolytic  dissociation  not  only  as  the  decomposition 
of  the  initial  particles  but  also  as  the  formation  of  new  ones.  Kablu¬ 
kov  was  the  first  to  suggest  combining  Mendeleyev’s  hydrate  theory 
and  the  Arrhenius  theory  of  electrolytic  dissociation.  As  far  back  is 
1891  he  noted  the  presence  of  interaction  between  the  molecules  of 
| he  solvent  and  those  of  the  solute,  as  a  result  of  which  the  bonds 
in  the  electrolyte  molecules  arc  disrupted  and  complexes  arc  formed 
between  individual  ions  and  solvent  molecules.  This  phenomenon 
was  later  given  the  name  of  solvation  in  general,  or  hydration  in  the 
particular  ease  of  aqueous  solutions. 


Van  Arkel  and  dc  Boer’s  Methm 
theory  (i.e.,  the  concept  of  a  snivel 
homogeneous  medium)  and  com.-uk- 
clrolyle  ions  and  solvent  molecule.-, 
data  on  the  structure  and  propcrl:?: 


abandon  the  continuum 
i  certain  continuous  and 
interaction  between  cle¬ 
ms!  have  at  his  disposal 
e  molecules  of  a  solvent 


<iaia  on  the  structure  and  properties  of  tile  molecules  of  a  solvent 
and  on  the  forces  responsible  for  the  i.ro.  ess  of  solvation  (ion-solvent 
interaction). 

One  of  the  first  model  methods  of  calculating  the  energy  of  hydra¬ 
tion  was  that  proposed  by  van  Arkel  and  do  Boer.  They  suggested 
separating  the  energy  of  hydration  inu.  two  components,  one  corre¬ 
sponding  to  the  energy  of  formation  of  the  fust  hydrate  shell  and 
the  other  to  the  subsequent  process  of  hydration.  The  energy  of 
hydration  was  computed  on  the  basis  of  the  following  cycle: 

1.  Hie  number  of  molecules  or  water  (»)  required  for  the  formation 
of  the  primary  shell  of  hydration  is  evaporated  (in  agreement  with 
the  most  usual  coordination  numbers  n  is  taken  as  equal  to  4.  6  or 
8).  Hie  amount  of  energy  spent  on  this  process  is  «/.,  where  >.  is  the 
latent  heat  of  evaporation  of  one  molecule  of  water. 

2.  The  evaporated  n  molecules  of  water  react  with  an  ion  in  the 
gaseous  phase  to  form  a  hydrated  ion  of  radius  rB;  the  energy  y 
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evolved  iii  III  is  process  is  composed  of  (lie  energy  of  ion-dipole  inte¬ 
raction,  the  energy  of  aUrnction  mid  repulsion  of  dipoles,  llic  energy 
of  producing  induced  dipoles  and  finally  the  Dorn  repulsive  energy. 

;t.  The  resulting  complex  of  radius  r„  (r„  =;  r  -j-  2 rlr.  where  r 
is  the  crystallographic  ionic  radius,  and  r,r  the  radius  of  a  water 
molecule)  is  introduced  into  the  solution.  The  energy  evolved  is 
calculated  from  the  Born-Wcbh  formula: 


The  heal  of  hydration  in  terms  of  a  gram-ion  is  the  sum  of  all  the 
partial  energy  effects,  i.c., 

!/,  ..Y„  |  -n>.  -y-  <3-1B> 

This  formula  provides  a  heller  agreement  with  experiment  than 
Dorn  s  formula.  The  van  Arkcl-dc  Doer  method  differs  from  the 
Dorn  method  in  that  the  process  of  hydration  is  divided  into  two 
steps.  The  energy  of  formation  of  the  primary  shell  of  hydration  is 
computed  on  the  basis  of  the  interaction  between  the  gaseous  ion 
and  the  polar  water  molecules,  i.c.,  the  interaction  taking  place 
outside  l lie  liquid  phase.  This  method  of  calculation  permits  one  to 
lake  into  account  the  properties  of  individual  water  molecules 
(their  dipole  moments,  polarizability,  etc.).  Therefore,  in  considering 
the  process  of  formation  of  the  primary  hydration  shell,  where  these 
properl. -s  acquire  special  significance,  it  is  possible  to  discard  the 
concept  of  water  as  just  a  medium  of  definite  dielectric  constant. 
Since  she  second  step  of  the  cycle  an  ion,  which  is  already  partly 
hydra 1 1  ■  and  has  a  radius  much  larger  than  the  radius  of  the  initial 
ion,  is  introduced  into  water,  an  identical  error  in  the  determination 
of  the  radius  of  the  initial  ion  will  be  of  less  significance  here.  The 
perturb  lions  caused  by  the  introduction  of  such  a  hydrated  ion 
into  tin  water  will  be  smaller  and  the  concept  of  water  as  a  continuum 
of  delii  dielectric  constant,  and  hence  the  use  of  formula  (.l.lo). 
appear  be  more  justified  than  in  the  Born  method.  Van  Arkel 
and  dr  Doer  view  the  water  molecule  as  a  sphere  with  a  radius  of 
1.25  A  and  a  dipole  moment  equal  to  1.85  debyes. 

Tin  van  Arkcl-de  Doer  method  has  been  developed  and  relined, 
particularly  by  Mishchenko  and  his  associates,  in  his  works  Mish¬ 
chenko  takes  into  account  the  asymmetry  of  a  water  dipole,  i.e.. 
the  fact  that  the  positive  charge  of  the  molecules  of  water  is  situated 
nearer  its  periphery  than  the  negative  charge.  This  modified  model 
of  the  water  molecule  made  it  possible  to  consider  the  difference 
in  the  hydrophilic  capacity  of  anions  and  cations  of  equal  dimensions 
and  valencies.  Further,  Mishchenko  look  into  account  some  additio¬ 
nal  effects  that  had  not  been  reckoned  with  by  previous  investiga¬ 
tors,  for  example,  the  thermal  motion  of  molecules  in  the  hydrate 
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shell,  nml  dispersion  forces.  All  lliis  made  calculations  more  accurate 
and  rigorous. 

The  Bernnl-Kowlor  Method  and  Its  Modifications.  Another  trend 
in  theoretical  work  on  heats  of  hydration  was  initialed  bv  the  inve¬ 
stigations  of  Bernal  and  l-'owler  concerning  the  nature  of  water  and 
ice  (1933).  Water  displays  a  number  of  anomalies.  Some  of  its  pro 
porlios  prove  to  lie  extremal  at  a  definite  temperature  Water  has 
a  maximum  density  at  •i'C  and  the  lowest  heal  capacity  at  ill  Vr 
etc.  The  density  of  water  at  a  temperature  close  to  the  freezing  point 
is  higher;  than  that  of  ice.  the  ratio  4‘,o  /d|iV£j  being  equal'll,  1.1 
Attempts  were  made  to  explain  these  anomalous  properties  of  w-iler 
ns  follows.  Water  molecules  exist  in  the  form  of  associates  of  the 
type  (HjO)b,  where  n  may  be  any  integer  from  1  to  18.  With  a  chain... 
of  temperature  (or  pressure)  the  association  equilibrium  is  dislur 
bod.  the  relative  fraction  of  each  of  these  complexes  is  altered  and 
as  a  consequence  the  properties  of  the  water  arc  changed.  .Some  addi- 
tional  considerations  have  recently  been  put  forward  in  favour  of 
this  theory  but  the  concepts  of  the  quasi-crystalline  structure  of 
water  underlying  the  theory  of  Bernal  and  Fowler  are  now  considered 
detail"*  proba^  c‘  for  w,uch  reason  we  shall  discuss  them  in  more 

The  polar  nature  of  the  water  molecule  and  its  triangular  structure 
cause  each  molecule  to  exert  an  orienting  effect  on  its  nearest  “cigh- 


.11 

hours.  The  angle  0'^  in  the  water  molecule  is  close 

hcdral  angle  and  therefore  the  most  probable  «tlncliu 
a  tetrahedral  one.  X-ray  and  other  techniques  indir.it. 
nary  pressures  and  near-freezing  temperatures  .< 
structure  similar  to  the  tridvmilc  siruduru  pred. 
increasing  temperature  the  Iridymile  structure  r,  , 
irregular  analogue  of  the  quart?  structure  which  |,.i-  ; 

than  Iridymile  The  maximum  density  of  water  it  i 
to  the  superposition  of  the  packing  effect  (a«ociitcd 
malion  from  Iridymile  to  quarts)  on  the  effect  of 
A  lurllier  rise  of  lcm|ieralure  disturb-  the  ordered 
the  liquid  particles  and  converts  the  water  to  an  amo 
At  near  critical  temperatures  water  doc«  not  rev'i 
quas.-cryslallinily.  However,  under  ordiiiarv  condili, 
Mrudur!.!.  iyl!r#,i0n  UM,al|y  -'^milled.  the 

l*x  Sbv.N™.„.,by„11» 

°i  “J  Ev“  09381  ™|  *  * 


')  the  tetra- 
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'jJie  tetrahedral  group  of  water  is  taken  out  of  the  solution 
into  the  gas  phase.  This  is  achieved  at  the  expense  of  the  energy  of 
interaction  L,  between  the  tetrahedron  molecules  and  the  surrounding 
liquid.  The  removal  of  the  group  leaves  a  cavity  in  the  solution. 

2.  The  group  is  then  split  in  the  gas  phase  into  five  free  water 
molecules.  The  disruption  of  the  bonds  holding  together  these 
molecules  requires  energy  {5. 

3.  Four  out  of  the  five  water  molecules  formed  arc  joined  to  the 
free  gas  ion  with  the  release  of  energy  n  associated  with  the  intera¬ 
ction  between  the  water  dipoles  and  the  ion. 

4.  Now  the  group,  in  which  one  water  molecule  is  replaced  by 
an  ion,  is  transferred  back  into  the  cavity  formed  in  step  1.  This 
process  may  involve  evolution  or  absorption  of  energy  y  as  a  result 
of  the  reorientation  of  the  water  molecules  in  the  layer  adjacent  to 
the  group.  This  is  caused  by  a  change  in  the  size  of  the  group  and 
by  the  reorientation  of  its  molecules  as  well  as  by  the  inleractjon 
between  the  group  and  the  surrounding  molecules.  This  interaction 
is  now  of  a  different  nature  due  to  the  appearance  of  a  net  charge. 

5.  The  water  molecule  is  returned  to  the  solution  with  the  libe¬ 
ration  of  energy  X.  ....  .  ,  ,  .  , 

According  to  Eley  and  Evans  the  hydration  energy  is  determined 
from  the  following  formula: 

Uh  =  Na  (-  A,-p  +  a-  v  +  *)  (3-17> 

Some  of  the  quantities  in  Eq.  (3.17)  are  independent  of  the  nature 
of  the  ion  and  can  be  computed  in  advance.  For  instance,  one  can 
calculate  the  energy  of  dissociation  P  of  the  tetrahedron  into  five 
free  molecules.  If  all  the  coulombic  effects  are  taken  into  account, 
this  energv  is  21  kcal/mole  after  Eley  and  Evans.  The  heat  of  con¬ 
densation  V,,/.  of  one  gram-molecule  of  water  is  equal  to  10  keel. 
The  value  of  n  is  determined  in  the  same  manner  as  p.  with  account 
taken  of  culombic  forces  of  interaction  between  the  water  dipoles 
and  between  these  dipoles  and  an  ion  of  a  given  charge  and  radius. 
The  values  of  y  and  L,  arc  not  determined  separately,  but  their 
difference  can  be  computed.  In  calculations,  the  difference  in  the 
dimensions  of  the  formed  and  initial  tetrahedra  is  ignored.  When 
one  water  ■•■olecnlc  is  replaced  by  an  ion  in  the  tetrahedron,  four 
molecules  uf  water  are  reoriented  around  the  ion  introduced.  Ine 
forces  of  interaction  between  the  reoriented  water  molecules  and 
the  water  molecules  which  surround  them  but  are  not  part  of  the 
tetrahedron  will  be  different  from  the  forces  observed  for  the  origi¬ 
nal  group.  The  change  of  the  interaction  energy  is  denoted  by  b. 
When  the  charged  tetrahedron  is  transferred  back  into  the  solution, 
an  energy  is  produced  that  is  given  by  the  Born  formula: 
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and  so 

V  — 1|  =  -2^-  (  l  — o')  —  6 

Hie  overall  value  of  hydration  energy  for  a  gram-ion  is 

+  AVi-  A’., «-2!  +  10  (3.i8) 

For  negative  univalent  ions  ,VA6  =  20  kcal,  and  for  positive  uni¬ 
valent  ions  .VAS  =  8  kcal.  i.e..  for  A"  anions 

-  A'i  ik  (i -  i ) +  '■•a — 81  (A.i9) 

and  for  M*  cations 

*+u h  =  ‘V.i  ■£-  ( 1  -  ^  )  +  .V*,i  - 1  il  (3.20) 

The  Eley-Evans  method  assumes  the  hydrophilic  capacity  of  cati¬ 
ons  and  anions  to  be  equal  and  lakes  into  account  only  thicoulom- 
bic  forces  of  interaction  between  electrolyte  ions  and  water  dipoles 
Besides,  the  quantitative  treatment  in  their  method  is  based  sololv 
on  the  coordination  number  4.  which  narrows  the  vam-e  of  its  annli 
cabililv.  1 


3.2.5.  COMPARISON  OK  THE  HYDRATION  ENERGIES 
OF  INDIVIDUAL  IONS.  CHEMICAL  AND  K!  AI, 
HYDRATION  ENERGIES 


Now  that  we  arc  acquainted  with  the  principal . ... 

ques  employed  in  the  study  of  the  energetics  of  tin  .  , 

it  is  interesting  to  compare  the  resulis  obtained 
methods.  Tins  comparison  helps,  in  die  lirsi  pin 
tbo  values  of  heats  and  energies  of  liydr.il ion  and 
how  well  the  data  of  various  authors  agree.  The  <.  . 

and  energies  of  hydration  obtained  by  die  medio., 
are  presented  in  Tables  3.7  and  .I  S.  respect. v.  I-  II 
calculations  made  by  other  methods  are  aUo  m.  b.  . 
son.  In  the  l-ajans  method,  use  i-  made  of  cycles  i.,,.,i . , 
cation  of  hydrogen  and  potassium-amalgam ilcitro.i.-.  . 
of  hydration  arc  calculated  accordingly  for  the  proton  ni 
sium  ion.  Combining  the  thus  obtained  values  with  i 
boats  of  hydration  of  electrolytes  enables  one  to  liud  he 
lion  for  any  other  ions.  Though  in  this  case  use  is  ma 
called  Ostwald  -absolute" scale  of  potentials,  which  canno 
as  scientifically  founded,  the  data  obtained  bv  l',i 
certain  interest  as  the  first  results  of  theoretical  c 
hydration  heats. 


•  .ml  of  these 
judge  about 
•ndlv.  to  sec 
■d  the  heats 
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n  1 1 ! h firs' 'n v  1 d  !•  °«!  H  c  1  iln'l  3.8  one  should  remember  that  not  all 

/  ,Sl!ncl‘0n  belwccn  and  energies  of  hyd- 
1  r' ,1  f  ,  0f  !,y,'rnl,on  heals  therefore  included  terms  corre¬ 
sponding  to  changes  in  freo  energy,  and  those  of  hydration  energies 


Chemical  Heats  of  Hydration  for  Individual  Ions 


heats  and  energies  of  hydration  was  drawn  by  Elcy  and  Evans, 
Izmailov  and  a  group  of  authors  including  Vasilyev,  Zolotarev, 
Kapusliu.-kv.  Mishchenko,  Podgornaya,  and  Yatsimirsky  (1960). 

As  first  noted  by  Lange  and  Mishchenko  (1930),  all  the  known 
methods  of  calculating  ionic  heats  and  energies  of  hydration  ignore 
the  electrical  work  done  by  an  ion  in  traversing  the  vacuum-solution 
interface.  In  calculations,  account  is  taken  of  only  the  ion-solvent 
interaction;  the  calculated  energies  and  heats  of  hydration  thus  obtai¬ 
ned  were  named  by  these  authors  the  chemical  energies  and  heats 
of  hydration.  If  the  charge  of  a  gram-ion  is  tF  and  the  potential 
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TABLE  3.8 

Chemical  Energies  ol  Hydration  for  Individual  Ions 

|  I _ ul>  (eft)  =  —ACh  (c />)■  Jteal/g-lon 


jump  across  the  vacuum-solvent  interface  is  represented  hv  v  (lien 
the  olcctrical  work  involved  in  traversing  this  interface  will  be 

zF X  (3.21) 

V,th?  s“mo  l‘mo  thc  experimental  data  on  the  heals  and  energies 
of  hydration  of  ions  include  electrical  terms.  It  should  ho  noted  that 
llio  presence  of  a  potential  jump  ■/.  and  the  associated  electrical 
energy  Of  ion  transfer  does  not  affect  the  cncrgv  of  hydration  0f  an 
electrolyte  ns  a  whole  since  thc  law  of  elcclroneiilralit v  holds  for 
any  electrolyte: 

2v,s,  =  0 

and,  consequently, 

2v,z,Fx  =  0 

The  heals  and  energies  of  hydration  which  include  the  energy 
eliungc  on  passage  of  nil  ion  across  the  potential  difference  v  were 
named,  respectively,  the  real  heats  and  energies  of  hydration  as  sug¬ 
gested  by  Lange  and  Mishchenko.  Thc  real  and  chemical  energies  of 
hydration  aro  connected  by  the  following  relation 
A G„,r,  =  AG*  ±  zFx 


(3.22) 
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An  analogous  equation  *>  is  used  to  interrolalc  the  real  and  chemical 
heats  ot  hydration: 

Af/M,>  =  A/f„,eW  ±  zPy.  (3.2.1) 

The  chcmical'licals  A//*  and  chemical  energies  AGh  are  given 
in  Tables  3.7  and  3.8. 

A  comparison  of  the  values  of  chemical  heats  of  hydration  A///, 
and  chemical  energies  of  hydration  A Gh  shows  that  the  difference 
between  them  is  not  great.  For  each  particular  ion  the  difference 
between  the  heal  and  the  energy  of  hydration  is  smaller  than  that 
between  the  values  of  A//*  or  A Gh  obtained  by  different  authors. 
Since 

A  Hh  =  A  Gh  +  TASh 

the  closeness  of  the  values  of  and  AGh  for  a  given  electrolyte 
implies  that  the  entropies  of  hydration  ASh  arc  small. 

Real  Energies  of  Hydration  for  Individual  Ions 


In  Kqs.  (3.22)  nnd  (3.23)  the  plus  sign  refers  to  anions,  and  the  minus  sign 
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n-yi?rT£i!1.  aml,  subsequently  employed  by  a  number  of  million, 
lablo  3.9  lists  the  values  of  real  hydration  energy  for  sonic  ions 
obtained  by  various  investigators. 

For  each  particular  electrolyte  the  sum  of  the  chemical  heats  or 
chemical  energies  of  hydration  of  ions  must  equal  the  sum  of  the 
real  heals  or  real  energies  of  hydration  of  the  same  ions  and  express 
the  overall  heat  or  energy  of  hydration  of  the  substance  in  question 
A  comparison  of  the  data  of  Table  3.1  with  those  presented  in  Tab¬ 
les  3.7,  3.8  and  3.9  will  show  that  this  condition  is  not  observed  with 
sufficient  consistency.  The  discrepancy  between  theory  and  experi¬ 
ment  is  largely  due  to  the  fact  that  different  authors  used  different 
Ihcrmochcmical  data  for  calculations.  Recent  results  show  belter 
agreement  This  permits  one  to  consider  the  heals  of  hvdralion 
A"i>  811(1  1,10  energies  of  hydration  \Gh  as  more  or  less  reliable  cha¬ 
racteristics  of  the  energy  slate  of  ions  in  aqueous  solution* 

The  differences  in  the  chemical  and  real  energies  of  hvdralion  of 
ions  make  it  possible  to  estimate  the  value  of  the  potential  difference 
X  across  the  vacuum-solution  interface.  According  to  Frumkin  fin 
Ins  opinion  the  data  of  Randles  (1956)  on  real  energies  of  hvdrnlinn 
.ml  Izmailov's  data  on  diomle.1  cmjfi  „1  lljnS™  °!e  ill, JS 
rouble),  the  value  of  potential  difference  must  be  close  to 


3.2.G.  ENTROPY  OF  SOLVATION 
As  shown  above,  the  dissolution  of  substances 
ions  increases  the  degree  of  ordering  of  a  solvent.  '! 
for  instance,  in  the  decrease  of  the  dielectric  consi; 
with  increasing  electrolyte  concentration.  The  or.i 
of  the  interaction  between  solvent  particles  and  o' 
must  increase  with  the  heal  of  solvation.  The  cut 
the  degree  of  disorder  in  a  system.  The  entropy  of 
fore  always  negative;  the  more  exothermic  is  ik>. 
Won.  •he  higher  is  the  entropy  in  absolute  value 
1  he  standard  entropy  of  solvation  is  defined  as  1 1 
entropies  of  an  ion  in  solution  and  in  vacuum: 


socialing  into 
is  manifested, 
of  the  solution 
less  is  a  result 
''•vie  ions  ami 
characterizes 

•  lion  of  solve- 
ifference  in  the 


A5J  =  SJ.  _  5*. 

Hie  reference  or  standard  state  is  taken  to  be  a  gas  at  25  C.  and  . 
re  of  1  atm  or  a  solution  at  25“C  and  unit  ionic  activity, 
mcnl  can  only  yield  the  total  entropy  of  solvation  of  an  cloi 
lo  compute  the  solvation  entropy  of  individual  ions  one  li 
sort  lo  various  assumptions  as  was  done  in  calculating  in 
heals  of  solvation.  * 

M&VSZSi  £!”•'  omroi>1“  " 
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Entropies  ol  Hydration  ol  Individual  Ions 


From  Table  .'1.10  il  follows  Dial  the  entropies  of  hydration  arc 
small  in  magnitude  and  increase  with  decreasing  ionic  radius  and 
increasing  ionic  charge. 


3.2.7.  HYDRATION  NUMBERS 

As  a  result  of  the  process  of  solvation,  the  solution  must  contain 
ions  with  a  solvent  sheath  rather  than  free  ions.  Bockris  and  Conway 
(19541  dislingtiish  between  the  primary  and  the  secondary  solvent 
sheath  (or  shell).  The  former  includes  solvent  molecules  strongly 
bound  with  an  ion  and  moving  together  with  it,  and  the  latter  all 
the  water  molecules  the  stale  of  which  is  different  from  that  ol  water 
molecules  m;  a  pure  solvent.  For  many  electrochemical  processes 
it  is  imminent  to  know  how  many  solvent  molecules  arc  inside  the 
primary  solvent  shell  and  could  therefore  be  considered  participants 
in  the  sie  alion  of  the  ion.  This  number  is  termed  the  solvation 
number  or  hydration  number  n„  when  water  is  the  solvent. 
These  are': i-lalivc  values  which  provide  only  approximate  informa¬ 
tion  as  u  ihc  number  of  water  molecules  contained  in  the  internal 
layer.  "Different  methods  yield  widely  differing  hydration  numbers. 
In  the  l  Hch  method  the  formation  of  the  primary  hydrate  shell 
is  assumed  to  be  similar  to  the  freezing  of  water.  Ibis  conception  is 
shared  bv  manv  other  authors.  Elcy  and  Evans,  for  example,  compa¬ 
re  (bn  solvent  layer  with  a  microscopic  iceberg  formed  around  a  o- 
lutc  parlide.  Since  the  decrease  of  entropy  on  freezing  of  water  is 
6  cal, 'mole  deg.  the  hydration  number  ir 


i‘h  =  - 


(3.24) 

Another  method  is  based  on  the  variation  of  the  dielectric  con¬ 
stant  of  the  solution  with  electrolyte  concentration.  This  variation 
can  be  described  by  the  equation 

D  -  D„  -  (6+  +  6.)  c 


(3.25> 
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where  D  =  dielectric  constant  of  solution 
D0  =  dielectric  constant  of  solvent 
*+  and  6.  =  positive  coefficients  for  cations  and  anions. 

Assuming  that  the  solvent  molecules  forming  the  primary  shell 
oriehnyt»J?A,0n  T°U?d  •ll,e. i0"  <l0  not  !,nrlic'Pnlc  in  the  processes  of 
coi^smt^TO  may°write*tl0n'  "’C  f°rmati°"  of  the 

°  =  D° ~  Jlhmr-c  =  Do -(fi*r  6-)  c  (3.26) 

where  nh  =  minimum  number  of  molecules  in  the  primary  hydra¬ 
tion  sheath 

Mw  =  molecular  weight  of  water. 

The  sum  of  the  coefficients  6+  and  6.  is  found  experimentally 
lecirferlT  °/  concenlralllon?  wUcre  tl>c  linear  dependence  of  die- 
lcctric  constant  on  concentration  is  preserved.  This  sum  is  resolved 
rni?«n«  C0™*,0,?0nls  ln  accordance  with  the  nature  of  the  influence  of 

?n  th?  nr’iiarvTh  u"  ‘f't  f<!tali.0nal  molion  of  lll«  water  molecules 
in  ij  e  Pr!mary  sad!  of  hydration. 

nUI?b.frs  can  also  be  determined  by  measuring  the 
compressibility  of  the  water  and  the  solution.  Tin’  compressibility 
Zvln,  Hl  layCr1m"Sl  bc  lo™  ">an  for  the  remaining  Jan  of  ihl 
^  V  H«v|nf  determined  the  compressibilities  by  the  ultrasonic 
method  (from  the  velocity  of  propagation  of  ultrasonic  waves  in 
tiSi-  ms., mins  ll.nl  Ills  compromiMiiv  ol  lb,  prim.rv 
slicll  of  hydration  is  zero  and  that  the  1  -  and  Hi-  ions  are  completed 
devoid  of  a  primary  hydration  shell,  Passvnskv  ec monied  hydration 
numbers  for  a  number  of  ions.  kj  - -n.niica  njdralion 

me'thods'!nd!ri‘  ?f  ih<?  ll.ydra,i,on  n",nl,crs  "btaie.cd  by  the  three 
methods  indicated  above  is  made  in  Table  3.11.  Though  the  results 

TABLE  3.11 

The  Hydration  Numbers  of  Individual  Ions  Determined 
by  Different  .Methods 
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3  28  HEATS  AND  ENEBC1ES  OP  SOLVATION 
OF  ELECTROLYTES  IN  NONAQUEOL'S  SOLUTIONS 


The  energetics  of  the  process  of  solvation  of  electrolytes  for  nona- 
ouco.is  solvents  has  been  little  studied.  There  is  only  a  limited  amount 
of  reliable  data,  including  the  values  of  heats  and  energies  of  sol¬ 
vation  for  a  number  of  electrolytes  obtained  by  Mishchenko  and 

^Thc theory  of  calculation  of  the  solvation  energy  for  individual 
ions  in  the  ease  of  nonaqueous  solutions  has  not  yet  been  worked 
oitL,  Attempts  to  Apply  modeli.tie  method,  similar  to  tl.o»  used  or 
computing  hydration  energies  have  failed.  It  appears  that  individual 
energies  of  solvation  calculated  in  this  way  arc  entire  y  incompatible 
with  experimental  total  solvation  energies.  In  practice  the  overall 
values  of  solvation  energy  can  be  resolved  into  separate  values  for 
the  component  ions  by  using  the  scmi-cmpirical  methods  of  Mish¬ 
chenko  and  Izmailov.  .. 

The  Mishchenko  method  is  based  on  the  assumption  that  in  all 
solvents  anions  arc  solvated  stronger  than  cations  of  equal  radius  and 
valency  This  is  Mishchenko’s  principle  of  constancy  of  the  ratio 
of  solvation  energies  (or  heals)  of  anions  and  cations  for  all  solvents. 
It  is  known  that  the  higher  hydrophilic  capacity  of  anions  compared 
with  cations  is  due  to  the  asymmetry  in  the  structure  of  water  mole¬ 
cules.  The  assumption  made  by  Mishchenko  may  be  valid  onlyfor 
solvents  the  molecules  of  which  have  a  structure  similar  to  that  of 

"  Vzmailov 's  "method  based  on  the  experimentally  established  dec¬ 
rease  of  -  iK  alion  energy  with  increase  of  ionic  radius  seems  to  be 
more  su humiliated.  True,  in  the  case  of  nonaqueous  solutions  both 
these  methods  yield  close  values  of  empirical  individual  energies 
and  heats  of  solvation.  This  con  be  seen  from  Table  3.12  which  pre¬ 
sents  empirical  chemical  heats  and  energies  of  hydration  of  indiw- 
dual  ions  for  some  solvents  as  determined  by  the  methods  of  Mi.  Il¬ 
chenko  ami  Izmailov.  .  .  .  ,  f 

From  Table  312  it  is  seen  that  the  chemical  energy  of  ton  solvation 
decreases  in  the  sequence:  water,  methanol,  ethanol.  *|or  liquid 
ammonia,  the  energies  of  solvation  of  cations  appear  to  be  higher, 
and  those  of  anions  lower,  than  the  respective  energies  of  hydration, 
the  reverse  is  true  for  formic  acid.  A  comparison  of  the  heals  and 
energies  of  solvation  obtained  by  one  and  the  same  method  reveal, 
that  the  difference  A//s  -  AGs  increases  in  the  order:  water,  mt  - 

hand,  ethanol.  This  increase  is  associated  with  the  decroaa.  of  d- 
vation  energy  and  the  increase  of  solvation  heat  in  the  same  orde  . 
Since 


Atf  —  AG  =  ATS 


Ch.  3.  Solvation  and  Hydration  0/  Ion 


the  regularity  observed  should  be  attributed  to  the  greater  variation 
of  the  solvation  entropy  of  alcohols.  Since  the  entropy  of  solvation  is 
always  negative,  the  effect  of  ordering  must  be  stronger  in  alcohols 
than  in  water  when  solvation  sheaths  are  formed  around  the  ions. 

It  follows  from  Table  3.12  that  the  heats  (and  especially  the  ener¬ 
gies)  of  solvation  vary  only  slightly  from  solvent  to  solvent,  (hough 
their  dielectric  constants  differ  sharply.  Considering  the  lack  of 
well-defined  dependence  of  solvation  energies  on  the  dielectric  con¬ 
stant  and  molecular  structure  of  a  solvent,  Izmailov  came  to  the 
conclusion  that  the  process  of  solvation  must  he  based  on  factors 
other  than  those  adopted  by  the  existing  modelistic  methods  of 
calculation.  In  this  connection,  mention  must  be  made  of  the  theory 
of  electrolytic  solutions  developed  by  Samoilov  (1957)  and  based 
on  Frenkel's  molecular-kinetic  theory  of  liquids  and  Bernal  and 
Fowler's  theory  of  water  structure.  Following  Mishchenko.  Samoilov 
defines  solvation  as  the  sum  of  all  the  changes  in  the  stale  of  the 
solution  caused  by  the  electrolyte  ions  that  appear  in  it.  According 
to  Samoilov,  these  changes  arc  caused  by  the  interaction  of 
electrolyte  ions  with  their  immediate  environment  and  also 
bv  the  "influence  of  the  ions  upon  further  removed  water  layers. 
Long-range  interaction  is  based  on  the  polarization  of  water  layers 
under  the  influence  of  an  electric  field.  Short-range  interaction  is 
associated  with  the  change  of  the  nature  of  thermal  motion  of  solvent 
molecules  adjacent  to  the  ion.  It  manifests  itself  mainly  in  a  change 
of  translational  motion,  i.c.,  in  a  change  of  the  conditions  of  the 
jumpwise  -sift  or  molecules  from  one  position  of  equilibrium  to  the 
next.  In  lids  rase  the  ions  influence  mainly  the  activation  energy 
of  translational  motion.  U„.  This  effect  is  characterized  by  the  quan¬ 
tity  At'...  •..  the  change  of  activation  energy  as  a  result  of  the 

appearan.  .>f  electrolyte  ions  in  the  solvent.  The  quantity  At',, 
depends  ..a  the  nature  of  ions;  it  may  be  either  positive  or  negative. 
In  the  former  ease  the  introduction  of  ions  hampers  the  exchange 
between  in  water  molecules  adjoining  them  and  those  of  the  next 
layer,  as  compared  with  exchange  in  pure  water  (so-called  positive 
hi/drat  ion  I .  In  the  second  case  exchange  is  facilitated  (so-called 
negative  h-nirntion ).  Negative  hydration  is  displayed,  for  example, 
bv  the  ion-  K  *  Nb*  and  Cs*.  Thus,  according  to  Samoilov  s  concep¬ 
tion  the  formation  of  strong  hydration  shells  does  not  play  the  prin¬ 
cipal  part  in  the  process  of  hydration.  While  moving,  ions  posses¬ 
sing  negative  hydration  do  not  entrain  the  surrounding  water  mole¬ 
cules  foils  with  positive  hydration,  for  example.  Be5*  and  Mg4*, 
move  together  with  the  first  layer,  in  which  translational  motion 

“  TlIrS«,ndlo'''i!w'cn»I.Ic,  one  lo  lnWmt  lorrec'l,  Ik.  lit 
.ion  ol  ion.  in  .ol.ilion.  n»d  lo  ..tlm.tc  Iho  cl, note  .1  1*  .CJ.Vi  y 
cocficfionls  of  water  in  the  presence  of  different  electrolytes.  With 
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the  aid  of  some  additional  assumptions  Samoilov  also  determined 
the  coordination  numbers  of  a  series  of  hydrated  ions  in  dilute  aqueous- 
solutions.  The  activation  energy  Ua  characterizes  the  change  in  the 
stale  of  water  (or  any  other  solvent)  due  to  the  introduction  of  ele¬ 
ctrolyte  ions,  rather  than  the  change  in  the  energy  properties  of  ions. 
When  developed  further,  Samoilov's  theory  will  probably  be  able 
to  characterize  also  the  change  of  the  energetic  properties  of  ions 
in  the  course  of  solvation. 


3.3.  EFFECTiOF  SOLVATION  ON  ACTIVITY 
COEFFICIENTS 

In  electrolyte  solutions  ions  exist  not  ns  free  but  as  solvated  par¬ 
ticles  surrounded  by  solvent  molecules.  The  departure  of  the  beha¬ 
viour  of  electrolytic  solutions  from  ideal  systems,  and  hence  the 
values  of  activity  coefficients  reflecting  this  departure,  must  there¬ 
fore  depend  not  only  on  the  ion-ion  interaction  but  on  the  ion-sol- 
vent  interaction  ns  well.  A  theory  of  electrolytic  solutions  taking 
into  account  both  these  factors  has  not  yet  been  developed,  but  some 
interesting  attempts  along  this  line  have  already  been  undertaken. 
For  example,  Robinson  and  Stokes  (1949)  maintain  that  all  the 
approximations  of  the  Debyc-Hiirkel  theory  including  the  equation 

log  */*  -  - TT-ZbVJ  (3.27) 

yield  the  activity  coefficients  not  of  free  but  of  solvated  ions.  Empi¬ 
rical  activity  coefficients  refer  only  to  iiic  ionic  interaction  of  unsol- 
valcd  ions.  The  connection  that  exists  between  the  activity  coeffi¬ 
cients  of  solvated  and  unsolvatcd  ions  (/"  and  /.  respectively)  can* be 
found,  taking  into  account  that  the  chemical  potential  of  a  solution 
docs  not  depend  on  whether  the  ions  are  in  the  hydrated  or  in  the 
unhydralcd  state.  Conversely,  the  chemical  potentials  of  the  solvent 
and  the  solute  will  be  different  in  these  cases.  If  n  is  taken  to  denote 
the  number  of  gram-molecules  of  the  solvent  used  to  solvate  v  gram- 
molecules  of  the  solute,  then,  according  to  Robinson  and  Stokes,  the 
following  equation  will  result 

log  ,v/k  “  log  ml s  + -^-  log  aL  +  log  [1  0.001A/l(v  —  n)m|  (3.28) 

which  interrelates  the  mean  activity  coefficients  of  hydrated  (/l) 
and  unhydralcd  (/±)  ions.  The  mean  activity  coefficient  Kf'±  in  ex¬ 
pression  (3.28)  is  a  rational  coefficient,  and  the  mean  activity  cocffi- 
olonl  m/i  is  based  on  the  molality  scale;  m  is  the  molality  of  the 
solute;  .l/t  is  the  molecular  weight  of  the  solvent,  and  a,,  is  its 
activity.  Substituting  into  Eq.  (3.28)  the  value  of  log  v/±  from 
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(3.27)  ond  solving  the  resulting  equation  for  log  Kf±,  we  gel: 
log m/±  =  —  i  h^JyJ  ~  T log -  lo8 11  -i- OMiM,.  (v - 11) ml  (3.29) 

Equation  (3.29)  diners  from  the  corresponding  equation  of  Ihe 
second  approximation  in  the  Debye-1  Iiickcl  theory  in  that  it  contains 
corrections  for  ion  solvation.  If  the  process  of  solvation  is  ignored, 
then  the  hydration  number  n  "ill  be  equal  to  zero,  the  second  term 
on  the  right-hand  side  of  Eq.  (3.29)  will  also  vanish,  and  the  third 
term  will  reduce  to  log  (1  +0.001  Ah.  vm),  which  corresponds  to 
the  coefficient  of  conversion  of  Ihe  rational  activity  coefficients  sf 
to  the  activity  coefficients  mf. 

Equation  (3.29)  includes  two  empirical  constants  a  and  ».  the 
former  corresponding  in  its  physical  meaning  to  the  shortest  possible 
distance  between  the  hydrated  ions  and  the  latter  to  the  hydration 
number  of  the  electrolyte.  Formula  (3.28)  of  the  Debye-Iluckcl 
ion-linite-sizc  model  was  derived  assuming  that  the  dielectric  con¬ 
stants  of  Ihe  solution  and  solvent  arc  equal;  this  assumption  con¬ 
tradicts  reality.  In  deriving  Eq.  (3.29)  this  assumption  is  preserved, 
but  in  this  case  it  is  more  justified  since  the  greatest  chungc  of  the 
dielectric  constant  is  confined  to  the  primary  shell  of  hydration, 
which  is  now  viewed  as  an  integral  part  of  the  solute. 

In  calculations  by  Eq.  (3.28)  experimental  hydration  numbers 
can  be  used;  the  equation  will  then  contain  only  one  arbitrary  con¬ 
stant.  The  best  agreement  with  experiment  is  however  obtained  for 
other  values  of  n  that  arc  not  always  consistent  with  nh  values.  An 
explanation  of  this  inconsistency  was  given  by  Robinson  and  Stokes, 
who  found  a  relation  between  a  and  n  which  reduced  the  number 
of  arbitrary  parameters  to  a  single  one.  The  values  of  a  and  n 
arc  available  in  the  form  of  tables  compiled  by  Robinson  and 
Stokes. 

Equation  (3.29)  provides  good  agreement  with  experiment  up  to 
high  concentrations  and  can  therefore  be  used  to  compute  activity 
cocfficicnls. 

The  Robinson-Slokcs  formula  was  refined  by  Izmailov  and  cowor¬ 
kers  (195.">-.rw)  who  reckoned  with  the  possibility  of  incomplete  dis¬ 
sociation  and  ionic  association  and  obtained  a  better  fit  between 
theory  and  experiment  (for  nonaqueous  solutions  as  well).  Using 
the  theory  of  hydration  developed  by  Samoilov,  Solovkin  (1901) 
derived  an  equation  for  activity  coefficients  in  which  account  was 
taken  of  iou-solvcnl  interaction.  This  equation  agrees  well  with  data 
for  1  : 1-valent  electrolytes. 
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3.4.  THE  PROTO  LYTIC  THEORY  OF  ACIDS  AND  BASES 

3.1.1.  BROiNSTED'S  THEORY 

As  is  well  known,  (lie  Arrhenius  theory  gave  rise  lo  duulisfic  con¬ 
cepts  of  the  nature  of  acids  and  bases,  according  lo  which  the  hydro¬ 
gen  ion  (proton)  is  responsible  for  acidic  properties  and  the  hydroxyl 
ion  for  basic  properties.  According  to  this  classical  view,  acids  arc 
substances  which  dissociate  in  water  to  give  hydrogen  ions,  and  bases 
arc  substances  which  dissociate  lo  give  hydroxyl  ions.  Hydrogen 
ions  arc  looked  upon  as  carriers  of  the  catalytic  properties  of  acids, 
and  hydroxyl  ions  as  those  of  bases.  Catalytic  activity  is  considered 
as  one  of  the  most  important  characteristics  of  acids  and  bases.  The 
measurement  of  the  rate  of  catalytic  reactions,  say,  the  reaction  of 
mularolalion  of  glucose,  i.c..  transformation  of  a-ghico-e  into  an 
equilibrium  mixture  of  a-  and  f)-glucose 

a-glucosc  =  a-glucose  -f-  p-glucosc 
was  even  employed  lo  determine  the  hydrogen  ion  concentration. 

Numerous  studies  have  however  demonstrated  that  not  only  hyd¬ 
rogen  or  hydroxyl  ions  arc  capable  of  catalytic  action.  Unionized 
acids  and  bases,  acid  unions,  aniline  derivatives  and  other  substances 
can  also  function  as  catalysts.  Thus,  if  catalytic  activity  is  taken  to 
be  u  characteristic  feature  of  an  acid  or  a  base,  the  definition  of  these 
concepts  must  then  be  revised.  Hydrogen  and  hydroxyl  ions  cannot 
be  regarded  as  the  only  carriers  of  acidic  and  basic  properties. 

A  revision  of  Arrhenius's  concept  of  acids  and  bases  was  also  neces¬ 
sitated  by  the  discovery  of  the  phenomenon  of  ion  solvation,  especial¬ 
ly  when  the  energy  effects  involved  in  this  process  became  known, 
indeed,  the  chemical  energy  of  hydration  of  the  hydrogen  ion  is 
about  200  keal/g-ion,  of  which  1G0  lo  1X0  ken l  is  evolved  when  a  hyd- 
ronium  ion  is  formed: 


where  K  is  the  equilibria 
ronium  ion: 


H*  +  II -0  =  lf,0- 

~AG  =■-.  UT  \n  K  (3.30) 

urn  constant  of  the  reaction  resulting  in  a  hyd- 


then.  judging  by  the  value  of  the  free  energy  AG,  the  ratio  of  the 
activities  of  hydronium  ions  and  free  hydrogen  ions  at  ordinary 
temperatures  must  be  of  the  order  of 


Ch.  3.  Solvation  and  Hydration  ol  loru 


Thus,  III  ere  nrc  practically  no  free  hydrogen  ions  in  aqueous  soluti¬ 
ons.  and  therefore  they  cannot  he  responsible  for  acidic  properties. 

A  theory  of  acids  and  bases  that  contradicts  neither  the  fact  of 
hydration  nor  the  present-day  evidence  concerning  acid-base  cataly¬ 
sis  was  proposed  independently  in  1023  by  Lowry.  Bronsted  and 
Lewis.  The  most  weighty  contribution  to  this  theory  was  made  by 
Bronsted,  for  which  reason  it  is  called  Hronsted's  theory. 

According  to  Bronsted,  an  acid  is  defined  as  a  substance  that  can, 
in  given  conditions,  donate  a  proton  (a  proton-donor)  and  a  base  as 
a  substance  that  can  accept  a  proton  (a  proton-acceptor): 

acid  =  base  +  proton  (3.31) 

Bronsted 's  definition  of  acids  and  bases  rests  upon  their  attitude  to 
the  proton.  The  theory  is  therefore  also  known  as  the  prntolytlc 
theory  of  acids  and  bases. 

According  to  the  protolytic  theory  the  ability  of  a  substance  to 
behave  either  ns  an  acid  or  as  a  base  depends  on  the  particular  con¬ 
ditions  of  its  existence.  Under  suitable  circumstances  a  substance 
may  act  cither  ns  a  proton-donor,  i.c..  be  on  acid,  or  os  a  proton- 
acceptor,  i.e.,  be  a  base.  If  a  particle  loses  its  proton,  that  is,  exhi¬ 
bits  the  properties  of  an  acid,  the  proton  must  inevitably  be  accepted 
by  another  particle,  which  will  thus  play  the  part  of  a  base.  Since 
this  reaction  is  reversible  to  some  degree  or  another,  the  deprotonated 
particle  must  possess  certain  basic  properties.  It  can  lake  the  proton 
back  from  the  particle  that  has  gained  it,  in  which  case  the  latter 
particle  will  possess  acidic  properties.  As  there  are  no  free  protons  in 
solutions,  two  acid-base  pairs  must  participate  in  a  proton-transfer 
reaction  (acid-base  equilibrium): 

acidi  +  bases  =  basoi  +  acids  (3.32) 

This  general  equation  of  the  acid-base  equilibrium  resembles  the 
equation  of  the  redox  reaction: 

rcductant,  -f-  oxidants  =  oxidant,  +  reductants 
where  the  oxidation-reduction  properties  arc  associated  with  the 
ability  of  substances  to  lose  or  gain  an  electron.  For  example,  in  the 
reaction 

Cu*  +  Fcs*  =  Cu**  +  Fe“ 

the  electron  is  transferred  from  the  cuprous  ions  to  the  ferric  ions. 
The  ions  of  univalent  copper  will  therefore  function  as  reducing 
agents,  and  those  of  trivalcnt  iron  as  oxidizing  agents.  Owing  to 
the  reversibility  of  the  reaction,  the  electrons  may  move  from  the 
ferrous  to  the  cupric  ions;  in  this  ease  the  ions  of  bivalent  iron  will 
act  as  reducing  agents  and  those  of  bivalent  copper  as  oxidizing 
agents. 
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Two  acid-base  pairs  participating  in  the  equilibrium  are  called 
conjugate.  The  Bronstcd  definition  of  acids  and  bases  and  also  ol 
conjugate  acid-base  pairs  can  be  illustrated  by  the  following  proton- 
transfer  (or  acid-base)  reactions: 

acid,  base-  —  base,  -  acid- 
MCI  4-  M-0  =  Cl-  -i-  11,0-' 

H-0  +  NH,  =  OH-  NHJ 
HC1  +  NH,  =  Cl-  +  NHJ 
H*0*  +  OH-  =  11,0  +  11-0 

According  to  Bronstcd ‘s  theory  undissocialed  molecules  (e.g 
HU  and  nil,),  and  positive  and  negative  ions  (e.g..  NIP  and  CIO 
may  behave  as  an  acid  or  as  a  base.  4  ' 

Thus,  “acid"  and  “base"  arc  relative  concepts  which  arc  valid 
under  particular  conditions.  The  same  substance  may  behave  either 
us  an  acid  or  as  a  base  depending  on  the  nature  of  the  solvent  For 
instance,  water  acts  as  an  acid  in  liquid  ammonia  and  as  i  base 
in  an  aqueous  solution  of  hydrogen  chloride.  The  relative  strengths 
of  acids  and  bases  arc  also  dependent  on  the  nature  of  the  solvent. 
If,  say,  acetic  acid  is  used  as  a  solvent  instead  of  water  (the  basic 
properties  of  acetic  acid  being  less  pronounced  compared  with  water! 
mineral  acids  which  are  completely  dissociated  in  aqueous  solutions' 
will  prove  weak  electrolytes  in  acetic  acid.  Their  dissociation  in  ace¬ 
tic  acid 

HA  4-  CHjCOOH  =  A*  CII,COOHt 

acid,  4-  base-  =  base,  acid, 


will  be  incomplete,  and  the  dissociation  < 
the  nature  of  the  acid.  In  acetic  acid  as  solvi 
rnl  acids  decreases  in  the  order: 


instant  will  depend  on 
it,  tile  strength  of  mino- 


HCIO,  >  III  >  H-SO.  >  MCI  >  UNO, 

Conversely,  in  liquid  ammonia,  which  is  a  stronger  base  than 
water  even  weak  acids,  e.g.  acetic  acid,  appear  to  be  practically 
completely  dissociated:  '  y 

CHjCOOH  4-  NH,  =  CII,COO-  nh- 
acid,  -f-  base-  =  base,  4-  acid, 

Jvon|IC»'ih  iSSi'i,> ,l°  bc  •'.'BfTcrentiating.  and  ammonia  a  levelling 
bases  wi  l  ho  o'*1  °  aC,<  S'  h?'r  cn<‘ct  0,1  dissociation  of 

nor  Loo  „  b  °rsc-  In  a.pr?t,c  solvcnt>-  which  can  neither  donate 
nor  accept  a  proton,  say.  in  benzene,  acids  and  bases  will  be  in  the 

|,rcscnl  ,oe°lhcr-  »" 


y  occur  between  tbmn. 
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3.4.2.  BRONSTKD’S  EQUATION 


Hv  making  use  of  the  prololylic  llioory  of  acids  and  liases  one  can 
arrive  at  a  satisfactory  interpretation  of  I  lie  basic  regularities  of 
acid-base  catalysis.  The  catalytic  effect  of  an  acid  is  explained  by 
the  fact  that  it  is  capable  of  donating  its  proton  to  a  substance  under¬ 
going  a  chemical  change,  flow  readily  an  arid  gives  up  its  proton 
can  be  judged  by  the  value  of  the  prololysis  constant  which  is  asso¬ 
ciated  with  the  ionization  (or  dissociation)  constant  of  the  acid.  If  we 
denote  an  acid  by  A.  its  conjugate  base  by  R.  and  the  solvent  by  L, 
then  the  prololylic  reaction  can  lie  written  os  follows: 

A  +  L  =  B  +  L'  (3.33) 


where  L'  is  the  dcprotonalcd  (acidic)  form  of  the  solvent,  correspon¬ 
ding  to  its  prolonalcd  (basic)  form  L. 

The  protolysis  constant  of  the  acid  A  should  therefore  be  repre¬ 
sented  as 

=  *3.34) 

Assuming  that  cL  =  const,  we  obtain  the  ionization  constant: 


Aa  =  ^  (3.35) 

Since  the  rale  of  a  catalytic  reaction  depends  on  how  readily  an 
acid  donates  its  proton,  i.e..  on  its  strength,  then  for  a  series  of 
various  acids  used  as  catalysts  there  must  exist  a  relationship  bet¬ 
ween  the  acid's  dissociation  constant  A A  and  the  rate  constant  A'a 
of  the  reaction  being  catalyzed.  This  relationship  was  expressed 
by  Urdiisted  in  the  form 

k\  =  const  A$  (3.3(5) 

where  a  is  on  arbitrary  factor  ranging  from  0  to  1;  Eq.  (3.3(5)  is  valid 
also  for  reactions  catalyzed  by  bases,  i.e., 

ko  =  const  Ki  (3.37) 

where  A'n  =--  rate  constant  of  the  reaction  catalyzed  by  bases 

A',,  -  ionization  (prolonalion)  constant  of  conjugate  base. 

Equations  (3.36)  and  (3.37)  arc  well  justified  in  practice,  these 
equations,  known  ns  Brdnsted's  equations,  arc  of  much  interest.  Ihcy 
establish  a  relation  between  the  thermodynamic  (equilibrium  con¬ 
stants  K,\  or  An)  and  kinetic  (rale  constants  kA  or  A'n)  characteri¬ 
stics  of  a  reaction. 

On  the  basis  of  BrOnsted’s  equations  it  can  be  concluded  that  the 
change  of  activation  energy  in  a  scries  of  similar  reactions  must 
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occur  in  parallel  with  the  change  of  the  free  energy.  Indeed,  for  the 
reactions  concerned 

-AG  =  RT  In  K 

and  at  the  same  time  the  rale  constant  of  the  reaction  catalyzed  is 
exponentially  related  to  its  energy  of  activation 


—ua  =  const  +  RT  In  k 

For  two  acids  used  to  catalyze  the  same  reaction  we  can  write 

-  AG,  =  RT  In  KAt 

-  AG2  =  RT  In  Ka. 
and 

-  u.(  =  const  +  RT  In  fcAl 

—  ua,  =  const  +  RT  In  kAt 
Taking  into  account  Eq.  (3.36),  we  get 

Au„  =  <zA  (AG)  (3.38) 

that  is,  the  change  in  activation  energy  constitutes  a  certain  fraction 
of  the  frce-cnergy  change. 

^As  an  approximation,  the  frce-cnergy  change  may  be  replaced  by 
Ait0  =  aA  (All) 

or  by  the  thermal  effect  of  the  reaction  at  constant  pressure: 

Au„  =  —  aAQr 

From  the  latter  equation  it  follows  that  an  increase  of  the  thermal 
effect  in  a  series  of  similar  reactions  lowers  the  energy  of  activation. 

Brbnsted's  theory  is  an  important  step  forward  as  compared  with 
the  theories  of  acids  and  bases  proposed  earlier  (the  ionic  theory,  the 
chemical  theory  of  Hanlzsch,  etc.).  But  even  this  theory  is  not  free 
from  shortcomings  and  docs  not  rcilcct  all  the  specific  features  of 
acid-base  interaction. 


PART  TWO 

Nonequilibrium  Phenomena 
In  Electrolytic  Solutions 


An  electrolytic  solution  is  at  equilibrium  it  in  all  its  parts  suffi¬ 
ciently  large  as  compared  with  ionic  dimensions  all  the  intensive 
variables  arc  of  the  same  value.  The  condition  for  an  equilibrium 
to  be  attained  is  the  absence  of  gradients  in  intensive  variables. 
This  condition  implies  the  following: 

(1)  the  temperature  of  the  solution  is  equal  at  all  points  (T  - 
=  const.  dTIdx  =  0); 

(2)  the  pressure  (or  the  density  of  the  solution)  is  the  some  ( P  - 
=  const .  dPfdx  =  0); 

(3)  there  is  no  potential  difference  between  various  parts  of  the 
solutions  (<|>  =  const,  dip/dx  =  0); 

(4)  the  chemical  potential  is  the  same  in  various  parts  of  the  solu¬ 
tion  (u  const,  dfi/dx  =  0)  or,  taking  into  account  that  p  is  a  fun¬ 
ction  of  activity  (concentration),  a  =  const,  daldx  =  0  or  e  =  const , 
dcldx  —  0. 

If  even  one  of  these  conditions  is  not  observed,  processes  of  ther¬ 
mal  diffusion,  overflow,  electrical  conduction  or  molecular  diffu¬ 
sion  will  occur  in  the  system,  as  a  result  of  which  the  corresponding 
gradient  disappears  and  equilibrium  sets  in.  In  tho  case  of  electrical 
conduction  the  driving  force  is  the  electric  potential  gradient  d<\:dx; 
the  driving  force  for  molecular  diffusion  is  the  gradient  of  chemical 
potential  or,  roughly  speaking,  the  concentration  gradient  dcldx. 
Since  it  is  ions,  i.o.,  charged  particles  whoso  velocities  arc  not  equal, 
that  diffuse  in  electrolytic  solutions,  diffusion  in  this  case  occurs 
under  the  combined  effect  of  the  concentration  and  potential  gradi¬ 
ents.  In  this  respect  diffusion  is  a  more  complicated  process  than 
electrical  conduction. 


CHAPTER  4 

Electrical  Conductance  of  Electrolytic 
Solutions 


4.1.  BASIC  CONCEPTS 

conduction  in  an  electrolyte  is  expressed  cither  as  the 


>r  conductivity  x,  or  as  the  equivalent  (or  molar) 


Tlie  . . . 

specific  conductance, 
conductance 

The  specific  conductance,  or  conductivity,  corresponds  to  the 
conduction  in  an  electrolyte  layer  placed  between  two  opposite 
faces  of  a  cube  with  t-cm  edges.  It  is  the  reciprocal  of  the  specific 
resistance  ( resistivity )  p:  H  ■ 


“n,l“l*n“  i<  «i».l  »  condiiclnii- 
cc  of  an  electrolyte  layer  of  thickness  1  cm  placed  between  two  iden- 
tical  electrodes  of  an  area  such  that  the  volume  of  the  clcclrolvlc 
between  them  contains  one  gram-equivalent  (or  1  g-mole)  „f  solute 
Ihc  equivalent  and  specific  conductances  arc  interrelated  as  follows: 


>.  =  4  or  >.  =  y.V 


(41) 


where  c  =  concentration  of  electrolyte,  g-eq/ml  (or  mole/ml) 

V  =  volume  of  electrolyte,  ml.  containing,  at  a  given  concen- 
1  ration,  l  g-eq  (or  1  mole)  of  solute. 
iMcctrolyles  arc  second-class  conductors  in  which  an  electric  cur¬ 
rent  is  transported  by  ions;  the  conductance  or  elect  ml  vies  is  there¬ 
fore  a  function  of  ionic  charge,  the  velocilv  of  ions  etc 
Suppose  that  an  electrolyte  solution  of  a  cross-sect  ional  area  I 
to  0  is  placed  between  two  electrodes  (Fig.  fi.l)  Assume  that 
the  distance  between  two  points  of  the  electrolyte  in  the  immediate 
*if  lhe  c  c?,r0,lc  surfaccs  is  L  niul  the  potential  drop  on  this 
interval  l  is  equal  to  A«(>.  Then,  there  must  exist  an  electric  field 
gradient  $  in  the  electrolytic  solution: 


_  il  =  it 


(4.2) 


occasional f"et‘vlln  ••>»«>  tqutvakn I  (mo/or)  eond 

skssjaik  **•  *  °,m  "«“•  - 
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If  the  charge  on  the  ilh  ion  is  (/„  this  ion  will  l»c  acted  upon  by  an 
elect ric  force  ry>: 

ry,  =  -  </.*'  (  ,-3> 


Under 


the  action  of  this  force  the  ion  moves  with  a  certain  velo- 
in  a  direction  parallel  to  the  electric  field.  Since  tho  ions 


Fig. 


Tin-  passage  of  electric 


current  Uiroagli  electrolyte  solutions  (sclic- 


inigralc  in  a  medium  of  finite  viscosity,  lltcrc  must  inevitably 
arise  a  frictional  force  in,  given  by 

,tj,  -  k,v, 


where  is  tho  frictional  coefficient.  Under  the  combined  action 
of,  these  two  forces  (until  they  balance)  the  ion  will  move  with  a  cer¬ 
tain  ^acceleration  a,  depending  on  its  mass  «»,■: 

111,0,  =  —  ,k,t ■,  (•-■>) 

Considering  that 


(4.6) 


where  /  is  the  time,  one  con  obtain,  after  certain  rearrangements, 
in  place  of  (4.5): 

t/iH'  dx=ini^-dx  ikjfidx  (4.7) 


i/i'f  '  tlx  “  d  (4- «W‘! )  t^iv‘  d*  (4.-S) 

Thus,  the  electric  force  is  used  up  to  impart  the  ion  a  certain  kine¬ 
tic  energy  of  movement  along  the  direction  of  the  field,  d  (-rr  mdA), 
and  to  overcome  the  friction  force  ,k,v,  dx. 


104  Pari  Tuo.  Nonequilibrium  Phenomena  In  Solutions 

Substituting  the  value  of  a,  from  (4.6)  into  (4.5)  and  intogralimr 
on©  arrives  at  the  equation  of  ionic  migration  in  an  electric  field: 


=  -2lSl(l-e'  m< ) 


(4.9) 


As  the  coefficient  of  internal  friction  is  much  greater  in  absolute 
value  than  the  mass  of  the  ion  (,*,  »  m,).  the  quantity  *-</*(«/«,) 
l ' Jf  Shf  Vme  T'1bec0,ra^ery  smal1  as  compared  with  unity 

velocTty  C  “c8,cclcd-  Thc  ion  wil1  mierate  with  a  uniform 

V,=lk  (4.10) 

Substitution  of  the  products  z+e  (for  positive  ions)  and  z  e  (for  neca 


(4.11) 

(4.12) 


"  /**  '  ‘  ,kt  '  d 

_  s.e  Ai|>  :_c 

/*-  1  /*-  "  dz 


(4.13) 


where  i>“  and  vl  arc  the  velocities  of  ionic  migralioi 

Tl“y « 

A  fs,l4( 

nnlh?KPaSSa8eJ0f  a?  clcc,ric  current  through  an  electrolyte  solution 
(in  other  words,  electrolytic  conduction)  is  made  possible  bv  the 
SE“l  of  lans  “““or  the  influence  of  an  electric  f&M  WpX 
ti'c  an‘l  negative  ions  drift  in  opposite  directions.  1 

/  =  /+  +  /-  (4.15) 

/xaml  I  _l“tal  CUI,'?t  l’fsi,ng  lll‘ough  the  solution 
+  d  ‘  Sncnl*  of.  lh*  ‘olal  current  associated  with 
.f  „  _  .  .  cations  and  anions,  respectively. 

.  * a  certain  imaginary  boundary  A  A  of  cross-section -il  •>»>«  o 

b.  e,”i' ,o“£  .f»’  4  V'  11,0  "‘I 

boundary  in  unit  time  All  thn'inn*  *?d  ?*?a,,vc  |ons  crossing  this 
bou«d.ty  „„„pondl.g 


at.  4.  eu 


nil  the  panicles  contained  in  a  volume  y,S>,  will  cross  it  in  one  second: 

ft-n.Qo^z^  (4.18) 

AW  ^-2-e  (4.,  7) 

where  n  +  and  n.  arc  the  number  of  cations  and  anions,  respectively, 

per  1  ml  of  solution.  Ilcncc 

/  =  /+  +  /-  =  £2e-^(«+^;  +  rt_SJ;0)  (4.18) 


1-or  a  binary  electrolyte  at  infinite  dilution  it  may  be  assumed 
that  a  =  1.  *+  =  *-  =  *,  and  n+  =  n.  =  n  (n  is  the  number  of 
electrolyte  molecules  in  1  ml  of  solution);  hence,  Eq.  (4.18)  simpli¬ 
fies  to  1 

’I=I+-tI_  =  mcQ(v°  +  vI)*±  (4.19) 

Multiplying  and  dividing  the  right-hand  side  of  Eq.  (4.19)  bv 
Avogadro  s  number  XA,  one  has 

/  =  /+  +  /-  =  «FQ(uJ  +  iO)^L  (4.20) 


where  f  =  n,NA  is  the  concentration  of  the  electrolyte  in  g-eq/ral. 
Since  the  ionic  velocities  oj  and  »l  are  very  low,  use  is  often  made 
in  electrochemistry  of  quantities  F  limes  larger.  These  arc  called  the 
lonte  mobilities,  or  ionic  conductances : 


a+  =  Fi/L  and  XL  =  FvL  (4.21) 

Substituting  the  ionic  mobilities  XL  and  XL  for  the  velocities  o* 
and  i>_.  in  Lq.  (4.20)  gives 


or,  at  a  ^ 
Similarly, 


and 


l  =  h^l-  =  zcQ  (X®  -b  X?)  (4.22) 

1, 

/  =  /+r/-  =  «acH(X»-i-X!!)-^  (4.23) 

for  the  currents  transported  by  cations  and  anions, 

/+  =  «S*c  QXS-^-  (4.24) 


/_  =  a2_cQX?-^-  (4.23) 

°l  ij?^,al*ous  (4.18)  and  (4.23)  express  the  current  intensity  in  terms 
the  chC°nCentration  °*  an  e^ctrolyte,  dissociation  constant  and  also 
narges  and  mobilities  of  those  ions  into  which  it  dissociates. 
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As  It  =p—,  where  p  is  the  specific  resist  mice,  it  follows  tlial 


'  oa(XJ-W) 

Y,  “  etze  (XI  +  XI) 

>.  =  as  (X°+  +  XI)  =  aXc 


(4.27) 

(4.28) 
(4.20) 

where  X*  is  the  equivalent  (molar)  conductance  at  zero  concentration 
or.  which  is  the  same  thing,  at  infinite  dilution  (X«  —  X  ) 
Comparison  of  Eqs.  (4.23)  and  (4.29)  shows  that  the  equivalent 
conductance  corresponds  to  the  quantity  of  electricity  transported 
h.v  1  g-eq  of  ions  per  second  (i.c.,  to  current  intensity)  throw'll 
a  cross-sectional  area  of  1  cm*  at  a  potential  gradient  of  I  V  ein 
In  some  cases  one  has  to  know  the  fraction  of  the  total  current 
carried  by  a  particular  ionic  species,  or  what  is  known  as  Ihc/ra/i- 
sporl  numbers  (or  the  transference  numbers)  of  positive  and  negative 

In  the  equations 


'-  =  -f  (4.31) 

/+  and  <_  arc  the  transport  numbers  of  positive  and  negative  ions 
respectively.  Substituting  the  values  of  I,  I and  I  from  lias’ 
(4.23),  (4.24)  and  (4.25)  into  Eqs.  (4.30)  and  (4.31),  we  obtain  expres¬ 
sions  for  the  transport  numbers  of  a  binary  electrolyte  in  terms  of 
ionic  mobilitics: 


rohcVaffim’SlS!  'I?1"*  °-  c<|nil"c,iv|ly  *  includes  the  conductance  of 
so  mien  me  a...i  ’  calculated,  use  should 


(4.34) 


For  nny  elcclrolylc  as 
electrolytes,  the  transport 
by  the  equation 


well  as  for  solutions  containing  several 
number  of  an  ionic  species  i  is  expressed 


t, 


(4.35) 


It,  ==  1 

where  the  summation  is  carried  out  over  all  the  h 


4.2.  PRINCIPLES  OP  EXPERIMENTAL  DETERMINATION 
OF  CONDUCTANCE 

4.2.1.  MEASUREMENT  OF  THE  CONDUCTANCE 
OF  ELECTROLYTES 

The  conductance  of  electrolytes  is  usually  determined  by  means 
of  a  bridge  circuit  used  for  measuring  the  resistance  of  first-class 
conductors  (metals).  In  the  case  of  electrolytic  solutions  use  is  made 
of  alternating-current  bridge  circuits  because  the  passage  of  a  direct 
current  through  solutions  leads  to  considerable  errors  due  to  ele- 
clrolvsis  and  polarization.  The  necessity  of  using  an  alternating 
current  of  sufficiently  high  frequency  (in  order  to  avoid  the  errors 
mentioned)  complicates  the  measuring  circuit.  Apart  from  a  bridge, 
the  circuit  includes  an  a-c  generator  and  special  apparatus  used  to 
reel i-r v  the  current  before  it  passes  through  the  null  indicator  and  to 
compensate  for  the  capacity  effects.  Present-day  apparatus  for  mea¬ 
suring  the  conductance  of  electrolytes,  in  which  all  the  specific  fea¬ 
tures". f  second-class  conductors  are  taken  into  account,  yields  reli¬ 
able  results. 

4.2.2.  METHODS  FOR  DETERMINATION 
OF  TRANSPORT  NUMBERS  AND  IONIC  MOBILITIES 
Ilillorf’s  Method.  A  number  of  methods  for  the  determination  of 
transport  numbers  have  been  suggested.  The  first  method  was  develo¬ 
ped  by  llillorf  and  later  refined  by  Findlay.  Kislyakovsky.  and 

°**i Tn t'orf’s  method  is  based  on  the  general  equation  of  transport 


It  makes  use  of  the  fact  that  the  concentration  of  an  electrolyte  n 
the  electrodes  (in  the  anodic  and  cathodic  regions)  changes  as  a 
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suit  of  the  passage  of  a  direct  current  through  the  electrochemical 
system  and  of  the  associated  directional  movement  (drift)  of  ions. 
The  umount  of  displaced  gram-equivalents  of  a  given  ionic  species 
ts  related  with  the  fraction  of  current  borne  by  each  ion  and  may  be 
represented  in  the  form  of  the  expression  (/,/F)t,  where  t  is  the 
time  during  which  the  current  passed  through  the  system.  The  total 
number  of  transported  gram-equivalents  (fnradays)  of  electricity 
is  written  in  a  similar  way: 


F  T 

The  equation  for  the  transport  number  of  a  particular  ionic  spe¬ 
cies  will  thus  have  the  form: 

t,  =  — _ _  number  of  trans|iortcd  gram-cc|uivalonts  ot  substance 

J_  T  number  o[  faradays  passed  through  the  system  (4.38) 

The  number  of  transported  gram-equivalents  of  a  substance  can  be 
found  analytically  from  the  concentration  changes  in  the  anolyte 
and  catholylc.  The  total  quantity  of  electricity  passed  is  determined 
with  a  coulomcler  (see  page  305). 

Suppose  we  have  an  electrochemical  system 
Hg,  K/KC1/K,  Hg 

through  which  a  current  is  passed  in  the  direction  indicated  by  the 
arrow.  Ihc  left  electrode  is  the  anode,  and  the  right  the  cathode. 
Potassium  dissolves  at  the  anode  and  its  ions  pass  into  solution. 
The  potassium  ions  move  toward  the  cathode  where  they  are  dischar¬ 
ged  to  form  an  amalgam.  The  chloride  ions  migrate  from  the  cathode 
to  the  anode,  i.e..  in  a  direction  opposite  to  the  movement  of  the 
potassium  ions.  The  migration  of  both  ionic  species  occurs  according 
to  their  transport  numbers.  The  scheme  of  the  processes  taking  place 
in  the  system  when  one  faraday  of  electricity  is  passed  through  it 
may  be  represented  as  follows: 


Electrode 

Migration 
Total  . 


K  —  K* 

— r+K*  -j-  t 

■  -5  +  (lv 


Cathodic  region 


K*  - 


K*  — 
r_CI- 


r.Cl- 


since  the  solution  contains  only  a  binary  1 : 1-valcnt  electrolyte,  for 
which,  according  to  Eq.  (4.34), 


!  —  <*=<_ 
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From  the  scheme  given  above,  the  so-called  electrode-balance  scheme. 
it  follows  that  the  passage  of  one  fnrnday  through  the  system  results 
in  the  migration  of  one  gram-atom  of  potassium  from  the  anode  to 
the  cathode  and  that  the  amount  of  potassium  chloride  will  increase 
by  t.  g-cq  at  the  anode  and  decrease  by  the  same  amount  at  the  cat¬ 
hode.  Let  the  initial  concentration  of  KC1  be  c0  and  the  volumes  of 
the  anolylo  and  catholylc  V„  and  Vh,  respectively;  then  the  concen¬ 
trations  ca  and  ch  in  the  anodic  and  cathodic  regions  •>  after  the  pas¬ 
sage  of  one  fnrnday  will  be,  respectively, 


from  which 


Ca^c0  +  y-  and  c*  =  c0  —  yj-  (LSD) 

<_  =  A c„Va  and  t.  —  —  Ac*F» 


If  the  number  of  faradays  is  z,  then 

itl  «.M) 


Hence,  in  accord  with  Eq.  (4.38),  to  determine  the  transport  num¬ 
bers  of  ions  by  Hitlorf’s  method  it  is  necessary  to  know  the  total 
quantity  of  electricity  passed  and  the  number  of  gram-equivalents 
of  the  substance  transported. 

If,  instead  of  a  soluble  amalgam  anode,  use  is  made  of  an  insoluble 
platinum  anode 

Pt/KCl/K,  Hg 


chlorine  will  be  deposited  at  the  anode  and  the  electrode-balance 
scheme  will  assume  the  form: 

Anodic  region  Cathodic  ret; Ion 


Electrode  reaction  Cl*  -►  y  Clj  K*  —  K 

Migration  ....  —  +  r.Cl*  -r  r+K*  —  f.Cl" 

Total  . -  t+KCl  -i-  -i  Cl.  -  f.KCI  K 


Here  I  he  concentration  of  the  substance  decreases  both  in  the  anodic 
and  the  cathodic  region.  Using  the  previous  notation,  one  can  now 
write 


and 


Ac.1'„ 


(4.41) 


(4.42) 


«+  +  <-  =  ! 


>>  It  is  assumed  that  the  volumes  of  the  anolyle  and  catholylc  arc  larger 
than  the  thickness  of  the  solution  layer  in  which  diflusion  takes  place. 


no 
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from  E(|S.  (4.41)  and  (4.42)  il  follows  that 
|  SckVh  j 


i  —  —  (Ac„V,0  -f  ACftVfc) 

The  transport  numbers  in  this  system  can  be  found  without  a  cou- 
lomctcr  by  using  experimental  data  on  the  change  of  the  electrolyte 
concentration  in  the  anodic  and  cathodic  regions: 

(4.43) 


(4.44) 

By  choosing  suitable  electrochemical  systems  one  can  determine 
transport  numbers  for  any  electrolyte. 

The  Moving  Boundary  Method.  The  second  method  of  determining 
transport  numbers  which  has  recently  found  wide  application  is 
known  as  the  moving  boundary  method.  The 
I  I  essence  of  this  method  is  as  follows:  a  given 

1  HCI  1  amount  of  current  is  passed  and  after  a 

definite  lime  the  distance  travelled  by  the 
boundary  between  two  solutions  with  a 
common  ion  is  determined.  The  boundary 
between  two  solutions  is  particularly  shar¬ 
ply  defined  if  one  of  them  is  coloured.  If 
both  solutions  arc  colourless  hut  have  diffe¬ 
rent  densities,  the  boundary  will  be  visible 
because  of  the  difference  in  their  refractive 
indices.  In  either  case  the  movement  of  the 
boundary  is  easily  followed  with  the  aid  of 
a  reading  microscope. 

Figure  4.2  shows  the  principle  of  doter- 
Fig.  -1.2.  Measurement  !he  ,mobili,y  of  cadmium  ions  by 

of  ionic  mobilities  (Iran-  *he  moving  boundary  method.  When  a  cur- 
sport  numbers)  by  tbc  rent  is  passed  through  the  solution  in  the 
moving  boundary  met luul  direction  indicated  in  Fig.  4.2.  cadmium 
ions  appear  in  it  and  a  boundary  is  formed 
between  the  solutions  of  cadmium  chloride  and  hydrochloric  acid. 
As  the  current  flows  the  boundary  moves  upwards.  If  the  boundary 
travels,  in  a  time  x,  a  distance  l  equivalent  to  the  volume  V  =  IQ. 
where  Q  is  the  cross  section  of  the  tube,  the  number  of  gram-equi¬ 
valents  of  CdCU  transferred  will  he  equal  to  cV.  where  c  is  the  con¬ 
centration  of  CdClj.  With  a  current  intensity  I  the  total  quantity 
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of  electricity  passed  will  be  equal  to  l-cIF  faradnys 
transport  number  of  the  Cd2*  ion  will  be  11 


and  beuce  tlie 


(4.45) 


which  corresponds  to  l*-tj.  (4.38). 

The  boundary  between  the  CdCU  and  MCI  solutions  is  sharply 
defined  because  of  the  different  conductivities  of  the  electrolytes. 
In  the  case  under  consideration  xhci  >  Xcdcis  and  lit mi:ii  < 
<  IHtc.ar.t-)  or  (At|;/I)iici  <  (A'M)oicir  i  t'-,  the  potential  gra¬ 
dient  is  higher  in  the  CdCU  than  in  the  MCI  solution.  Therefore,  if. 
as  a  result  of  a  temporary  interrupt  ion  of  current,  the  faster  hydrogen 
ions  appear  in  the  zone  of  CdClj.  then  under  the  influence  of  the  incre¬ 
ased  potential  gradient  they  will  outrun  the  slower  Cd2*  ions  and 
return  into  the  region  of  hydrochloric  acid.  Conversely,  if  the  Cd2* 
ions  move  into  the  hydrochloric  acid  zone,  their  velocity  will  fall 
owing  to  the  decreased  potential  gradient.  They  will  lag  behind  the 
H*  ions  and  appear  again  in  the  solution  of  cadmium  chloride.  For 
the  boundary  to  be  sharply  defined  the  optimal  concentrations  of 
indicator  solutions  arc  usually  chosen  in  preliminary  experiments 
such  that  will  ensure  the  observance  of  the  so-called  Kohlrausch  regu¬ 
lating  ratio: 


where  the  subscripts  F  and  L  refer,  respectively,  to  electrolytes  with 
fast  and  slow  ions  (in  our  case,  to  the  solutions  of  HCI  and  CdCU). 

The  data  obtained  by  the  two  methods  described  above  are  in 
agreement.  2) 

Determination  of  Ionic  Mobilities.  Experimental  data  on  electri¬ 
cal  conductance  and  transport  numbers  can  be  used  to  calculate 
ionic  mobilities.  From  Eq.  (4.29)  it  follows  that  for  a  1 : 1-valenl 
electrolyte  at  infinite  dilution,  where  the  degree  of  dissociation  a 
is  equal  to  unity,  the  equivalent  conductance  is  the  sum  of  ionic. 

).«,  =  i\  ~  (4.40) 


In  place  of  Eqs.  (4.32)  and  (4.33)  one  may  write: 

and  f!  =  p-  (4.47) 

from  which  one  can  easily  find  ionic  mobilities  at  infinite  dilution 
using  the  known  l %  and  /.«,  values. 


>>  If  the  concentration  of  IIC.l  is  inserted  into  F.q.  (4.45).  in  place  of  CdC.l.. 
it  will  vield  the  transport  number  of  hydrogen  ions  in  hydrochloric  acid. 

21  The  third  method  for  determining  transport  numbers  is  based  on  einf 
measurements  and  will  be  discussed  Inter  (see  Sec.  9.1). 
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An  equation  analogous  to  Eq.  (4.47)  is  valid  not  only  at  infinite 
dilution  but  also  at  any  concentration  c  in  the  ease  of  binary  electro¬ 
lytes.  This  can  be  easily  illustrated  by  substituting  the  values  of  the 
corresponding  currents  from  (4.23).  (4.24)  and  (4.25)  into  Eqs.  (4.30) 
and  (4.31);  this  substitution  gives: 


where  is  the  ionic  mobility  in  a  solution  of  concentration  c. 


4.3.  EXPERIMENTAL  DATA  ON  TIIE  CONDUCTANCE 
OF  ELECTROLYTE  SOLUTIONS 
4.3.1.  RELATION  BETWEEN  CONDUCTANCE 
AND  THE  PROPERTIES  OF  ELECTROLYTES 
AND  THE  NATURE  OF  SOLVENT 

The  electrical  conductance  of  electrolyte  solutions  depends  first 
of  all  on  the  nature  of  the  electrolyte  and  solvent.  If  we  compare 
the  values  of  equivalent  conductance  as  measured  in  aqueous  solu¬ 
tions  at  infinitely  large  dilution,  acids  will  be  found  to  have  the 
highest  values,  followed  by  bases  and  sails  in  decreasing  order  (see 
Table  4.1). 

TABLK  «.l 

Equivalent  Conductances  of  Some  Electrolytes  in  Inlinitcly 
Dilute  Aqueous  Solutions  at  2.VC 


The  effect  of  the  nature  of  an  electrolyte  or,  more  precisely,  the 
nature  of  its  constituent  ions  will  become  even  more  prominent  if  we 
consider  a  series  of  ionic  mobilities  also  corresponding  to  infinite 
dilution  (see  Table  4.2). 

As  can  be  seen  from  Table  4.2.  in  a  series  of  ions  of  equal  valency 
the  electrolytic  mobility  increases  with  increasing  ionic  radius  r, 
(an  exception  is  the  higher  mobility  of  bromide  ions  as  compared 
with  iodide  ions).  With  equal  or  similar  radii  the  mobilities  of  cations 
arc  greater  than  those  of  anions.  While  Ihc  mobilities  of  all  ions  differ 
little  from  each  other,  the  hydroxyl  ions,  and  especially  the  hydro¬ 
gen  ions,  possess  abnormally  high  mobilities,  3  to  8  limes  greater 
than  those  of  the  other  inns. 
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TABLE  1.2 

Electrolytic  Ionic  Mobilities  in  Aqueous  Solutions  at  Infinite 
Dilution  at  Z5°C 


g 

j, 

-p> 

4. 

L 

| 

s 

l 

o* 

4. 

rt,  A 

1.13 

0.57 

03.0 

1.38 

63.7 

78.3 

1.04 

59.5 

0.99 

54.0 

1.81 

76.3 

68.0 

1.65 

76.8 

Ion 

F- 

5  Ke*» 

j  Fe5* 

H* 

HjPOj 

2  HPOJ 

‘‘ 

K* 

|  La** 

Li* 

n,  A 
\1 

1 .23 
55.4 

0.80 

53.5 

0.67 

68.0 

349.8 

2.20 

76.8 

1.04 

69.5 

0,08 

38.7 

Ion 

5  Mo2' 

N.. 

3  Ni1* 

NHJ 

,o; 

OH- 

i  Pb*‘ 

II  b* 

3  SO}- 

3  Zn‘* 

r„  A 
ZJ 

0.74 

33.1 

0.98 

50.1 

0.74 

54.0 

73.7 

71.4 

197.6 

1.26 

70.0 

1 .49 

80.0 

The  values  of  transport  numbers  as  derivatives  of  ionic  mobilities 
depend  on  the  nature  of  the  electrolyte.  The  hydrogen  ion  has  the 
largest  transport  number  among  the  cations,  and  the  hydroxyl  ion 
amon?  the  anions. 

When  solvents  other  than  water  arc  used,  changes  are  observed 
in  electrical  conductance,  ionic  mobility  and,  to  a  lesser  degree, 
in  transport  numbers.  The  main  properties  of  a  solvent  that  deter¬ 
mine  i lie  character  of  variation  of  electrical  conductance  arc  its 
viscosity  and  dielectric  constant.  An  increase  in  viscosity  leads  to 
a  decrease  in  conductance.  This  effect  was  formulated  quantitatively 
by  Pisarzhevsky  and  Walden  and  is  known  as  the  I'isurzhevsky- 
>.oYo  =  cons.  (4.49) 

valent  conductance  of  electrolyte  extrapolated  to 
zero  concentration 
Yo  =  viscosity  of  pure  solvent. 

A  similar  relation  also  exists  for  ionic  mobilities: 

XJyo  =  const  (4.50) 

The  effect  of  the  dielectric  constant  of  a  solvent  reveals  itself  espe¬ 
cially  noticeably  in  the  character  of  variation  of  electrical  condu¬ 
ctance  with  concentration,  giving  rise  to  so-called  abnormal  condu¬ 
ctance  curves. 


WaUkn  rule-. 
where 
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4.3.2.  EFFECT  OF  CONCENTRATION,  TEMPERATURE 
AND  PRESSURE  ON  THE  CONDUCTANCE 
OF  ELECTROLYTE  SOLUTIONS 

In  aqueous  (and  most  nonnqueous)  solutions,  with  increasing  con¬ 
centration  of  the  solution,  the  specific  conductance  of  the  electroly¬ 
tes  first  increases,  reaching  a  certain  maximum,  and  then  falls  with 
further  increase  of  concentration.  The  position  of  the  maximum 
depends  on  the  nature  of  the  electrolyte  and  its  temporal ure.  The 
concentration  dependence  of  conductivity  for  a  scries  of  electrolytes 
is  shown  in  Fig.  4.3. 

The  equivalent  conductance  of  aqueous  solutions  of  electrolytes 
diminishes  with  increasing  concentration  (Fig.  4.4).  The  highest 
equivalent  conductance  is  observed  at  zero  concentration,  when 
K  =  A0.  The  equivalent  conductance  A  is  often  expressed  as  a  fun¬ 
ction  of  dilution  V.  In  this  case,  as  would  he  expected,  the  equiva¬ 
lent  conductance  is  found  to  increase  with  dilution,  and  at  high 
dilutions  it  approaches  a  certain  limiting  value.  This  limiting  value 
is  called  the  equivalent  conductance  at  infinite  dilution,  denoted  by 
the  symbol  A„  (Fig.  4.5).  For  a  given  electrolyte  the  equivalent  con¬ 
ductance  at  zero  concentration  is  naturally  liie  same  as  the  equiva¬ 
lent  conductance  at  infinite  dilution. 

Kohlrausch  found  that  in  the  region  of  low  concentrations  the 
equivalent  conductance  of  a  strong  electrolyte  varies  with  concen¬ 
tration  according  to  the  empirical  equation 

1  Vc 

known  as  the  square  root  law  (.1  is  an  empirical  constant). 

At  somewhat  higher  concentrations  of  strong  electrolytes  a  better 
agreement  with  experiment  is  furnished  by  the  equation 

A,=A„  — ,1  Yc  (1.52) 

which  is  known  as  the  cubic  root  law.  For  dilute  solutions  of  weak 
electrolytes  the  following  equation  holds  true: 

log  Ac  const  — —log  c  (4.53) 

When  one  switches  from  water  to  nonnqueous  solvents  possessing 
a  high  dielectric  constant,  no  noticeable  changes  in  the  character  of 
the  concentration  dependence  of  electrical  conductance  arc  observed. 
However,  in  solutions  with  a  low  dielectric  constant  (for  example, 
in  a  mixture  of  water  and  dioxan)  the  course  of  the  equivalent  condu¬ 
ctance-concentration  curve  typical  of  aqueous  solutions  is  disturbed 


c- lO'  g-cq/ml 


Fig.  4.3.  The  variation  of  specific  conductance  (conductivity)  with  concentre 
tion  for  some  electrolytes 


i— hydrochloric  acid-  ■’—sodium  hydroxide;  »— potassium  chloride;  4— sliver  nitrate:  s 
soK  sulphate';  e-repSS  Sulphate;  7-a*eltc  acid;  j-ammonlum  hydroxide 
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and  extrema  appear  on  it.  Figure  4.6  shows  the  concentration  depen¬ 
dence  of  the  equivalent  conductance  typical  of  such  solutions 


v-w-a 

Fig.  4.5.  Dependence  of^ equivalent  conductance  on  dilution  in  aqueous  solu- 


Tltc  temperature  dependence  of  the  equivalent  conductance  for 
a  narrow  range  of  temperatures  may  he  represented  by  (lie  equation 
>•<  =  a„;0  (1  -i-  at)  (4.54) 

or  for  a  wider  range  of  temperatures 

=  '•<  o  (*  -i-  -  Pt3)  (4.55) 

where  X,  and  X,=.0  =  equivalent  conductances  at  temperatures 
t  and  0°  C,  respectively 
o  and  f)  =  empirical  coefficients. 

The  dependence  of  the  specific  conductance  of  dilute  solutions 
on  temperature  is  described  by  Kohlrausch's  formula,  which  is  si¬ 
milar  to  Eq.  (4.55), 

*t  =  x,„2s  (1  +  a •  (l-  25)  +  P'  (<  -  25)aJ 


(4.56) 
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with  Ihe  only  difference  that  the  standard  temperature  is  taken  to  be 

^The  coefficient  a'  depends  on  the  nature  of  the  electrolyte;  it 
couals  0.0164  for  strong  acids,  0.0190  for  strong  bases  and  0.0220 
for  salts.  In  the  case  of  weak  electrolytes  the  coefficients  o  are  higher 
than  for  strong  electrolytes.  The 
coefficient  0'  increases  regularly 

with  increasing  a';  the  relation  /  **s 

between  the  two  coefficients  is  / 

expressed  by  the  following  empiri-  \  / 

cal  equation:  \  / 

P'  =  0.0163  (a'  -  0.0174)  (4.57)  V _ S 

It  should  be  noted  that  the  tem¬ 
perature  coefficients  of  the  condu¬ 
ctance  of  aqueous  solutions  and - 

those  of  the  viscosity  of  water  arc  ^ 

close  in  magnitude  but  opposite  in  p.  /f  g  Anomalous  conductance 


Fig.  4.6.  Anomalous  conductance 
sign.  curve  for  an  electrolyte  in  a  non- 

Transport  numbers  vary  with  con-  aqueous  solvent 

centration  to  a  lesser  degree  than 

the  conductance  of  electrolytes.  The  variation  of  transport  numbers 
with  concentration  is  less  pronounced  than  in  the  cose  of  the  condu¬ 
ctance  of  electrolytes.  Some  experimental  data  characterizing 
the  concentration  dependence  of  transport  numbers  are  presented 
in  Table  4.3.  *>  It  follows  from  this  table  that  if  the  transport  number 


roly..- 

0,00s 

0.0, 

”■* 

o.s 

' 

LiCI 

NaCl 

KCI 

HC1 

AgNOa 

CUSO4 

0.396 

0.496 

0.832 

0.332 

0.390 

0.496 

0.833 

0.471 

0.389 

0.328 

0.390 

0.496 

0.833 

0.471 

0.384 

0.320 

0.395 

0.496 

0.834 

0.471 

0.375 

0.313 

0.393 

0.495 

0.335 

0.471 

0.3US 

0.304 

0.390 

0.494 

0.837 

0.350 

0.382 

0.840 

0.323 

0.369 

0.294 

is  larger  lhan  0.5,  it  is  found  to  increase  further  wilh  increasing  con¬ 
centration.  Conversely,  if  t,  <  0.5,  it  decreases  si  ill  further  as  the 
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concentration  increases.  In  concentrated  solutions  transport  numbers 
may  assume  negative  values,  this  being  attributed  to  the  formation 
of  complex  ions.  For  example,  for  silver  cyanide  in  an  excess  of  po¬ 
tassium  cyanide  the  transport  number  of  the  Ag*  ions  will  be  negati¬ 
ve.  Here  silver  enters  into  the  composition  of  a  complex  anion  and 
migrates  to  the  anode  when  a  current  is  passed. 

A  stronger  effect  on  transport  numbers  (provided  they  arc  diffe¬ 
rent  from  0.5)  is  exerted  by  temperature.  Table  4.4  gives  some  expe¬ 
rimental  data  for  several  electrolytes  in  0.02Ar  solutions.  It  is  seen 
TABLE  i.i 

Temperature  Dependence  ot  Transport  Numbers 
ot  Cations 


from  Table  4.4  that  with  increasing  temperature  the  transport  num¬ 
bers  are  equalized,  i.c.,  ir  they  exceeded  0.5  they  become  lower  and 
conversely,  transport  numbers  smaller  than  0.5  increase 
The  mobility  of  ions  is  dependent  on  the  concentration  and  tem¬ 
perature  of  the  electrolyte  (sec  Tables  4.5  and  4.0),  the  nature  of 
this  dependence  being  analogous  to  that  observed  for  the  electrical 
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Apart  from  temperature,  Ihc  conductance  of  weak  and  strong  ele¬ 
ct  roly  les  is  also  affected  by  Ihc  pressure  experienced  by  the  solution. 
It  has  been  found,  for  example,  that  at  low  temperatures  (up  to 
20’C)  the  conductance  of  acetic  acid  solutions  falls  with  increasing 
pressure.  At  higher  temperatures  the  same  solutions  show  a  certain 
rise  in  conductance  as  the  pressure  increases.  The  equivalent  condu¬ 
ctance  of  the  majority  of  strong  electrolytes  has  been  found  to  increa¬ 
se  jis  i  he  pressure  increases  from  atmospheric  to  50-100  kg'cnr  (de¬ 
pending  on  the  nature  of  the  electrolyte).  A  further  increase  in  pres¬ 
sure  lowers  the  conductance,  bringing  it  below  those  corresponding 
to  the  atmospheric  pressure.  Experiment  shows  that  the  variation 
of  the  conductance  of  strong  electrolytes  with  pressure  obeys  the  same 
law  that  governs  fluidity  (which  is  the  reciprocal  of  the  viscosity  or 
a  liquid). 

4.4.  CONDUCTOMETRY 
4.4.1.  CLASSICAL  CONDUCTOMETRY 
The  value  of  the  electrical  conductance  of  solutions  plays  a  major 
part  in  electrochemical  processes.  It  may  be  used  as  a  basis  for  ratio¬ 
nal  selection  of  the  composition  of  an  electrolyte,  thereby  reducing 
the  unproductive  consumption  of  electrical  energy  to  a  minimum. 
A  knowledge  of  the  conductance  of  solutions  is  needed  in  drawing 
up  energy  and  heal  balances  for  electrolytic  cells  and  chemical  sour¬ 
ces  of  electricity.  The  throwing  power  of  galvanic  baths  (the  ability 
of  producing  a  uniform  metal  layer  on  areas  situated  at  different 
distances  from  the  anode)  strongly  depends  on  the  value  of  condu¬ 
ctance.  Data  on  conductance  measurements  are  used  not  only  in  ele¬ 
ctrochemistry.  Conductometry  finds  wide  application  as  a  method  of 
chemical  analysis,  production  control  and  scientific  research.  Condu¬ 
ctometry  has  a  number  of  advantages  over  chemical  methods  of  ana¬ 
lysis  since  it  enables  determination  of  the  content  of  an  individual 
substance  in  a  solution  by  simply  measuring  the  conductance  of  the 
solution.  To  do  this,  it  is  sufficient  to  have  a  conduclance-concentra- 
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Cnl*r“li.0"  CUrVeu  BcsideSl  L,he  80luli0n  bei"8  nnalyscd  under- 
#>es  practically  no  change  in  the  course  of  conductance  incasure- 
'!,h.,C  '  I??kcS  !l  Poss,blc  10  measure  its  conductance  several 
limes  and  keep  the  solution  in  order  to  check  the  results  at  anv  lime 
rlM?r'm,U't0,nf|lriC  a,na,|y?i?  is  one  of  lhe  most  precise  techniques  for 
determining  the  solubilities  of  sparingly  soluble  substances.  It  is 
Dascil  on  the  measurement  of  the  conductance  of  a  liquid  phase  in  equ- 
ilibnum  with  the  corresponding  solid  substance.  Knowing  the  mobi- 
l‘:1'08  ?f.lbc  l0l,s  into  which  a  particular  sparingly  soluble  substance 
dissociates  and  the  conductivity  of  the  solution,  one  can  calculalc 
its  concentration  by  using  the  equation 

c=  iaU(h«+). i)  (4.58) 

Since  a  salt  is  sparingly  soluble,  i.e.,  its  concentration  in  solution 
is  very  small,  the  degree  of  dissociation  a  and  the  conductance  coeffi¬ 
cient  (see  below)  may  be  assumed  to  be  equal  to  unity,  and  the 
infi,„C!im0|-!  ‘.tlCS  "  e,'v,c0"  sIol"lion  x+  an<l  >-  equal  to  those  at 
infinite  dilution  XV  and  XV.  If  the  concentration  c  is  known  it  is 
easy  to  find  the  solubility  of  the  substance.  Conductometry  is  also 
employed  to  determine  the  equilibrium  constants  of  chemical  rea¬ 
ctions  in  solutions,  the  basicity  of  acids,  etc. 

In  contrast  to  ordinary  titration  techniques,  conductometric  tit¬ 
ration  does  not  require  the  use  of  indicator  solutions  and  can  be  car¬ 
ried  out  in  coloured  as  well  as  in  very  dilute  solutions.  During  titra¬ 
tion  the  course  of  the  reaction  is  followed  and  the  conductance  of  the 
solution  being  titrated  is  measured  after  each  addition  of  the  titra¬ 
ting  reagent.  lhe  end  point  of  titration  coincides  with  the  inflection 
The  cL^y'in  co,,ductance  against  the  volume  of  solution  added, 
llic  change  in  conductance  during  conductometric  titration  is  asso¬ 
ciated  with  the  replacement  of  some  ions  by  others  with  a  different 
ionic  conductance. 

Suppose  we  have  an  alkaline  solution  which  is  to  be  titrated  with 
f  vCIAiiS'.'!'|,0SC  solul,on  ,akon  for  titration  contains  a  g-eq 
of  NaOH.  Its  conductance  is  determined  by  the  mobilities  of  the 
ions  Na*  and  OH-.  which  are  equal,  at  2, VC.  to  50.1  and  197.8. 
respectively,  lo  this  solution  is  added  an  amount  of  titrating  solu- 

r.a,T'  ivjms "  *  <  »■ 

a  (Na*  -i-  Oll-)>  x  (II*  +  C1-)  =  *  (\a‘  -f  Cl")  -f 

+  *HsO  -f  («  -  x)  (Na*  -r  Oil-) 
M  a  result  of  incomplete  neutralization,  (a  -  x)  g-eq  of  NaOH  will 
remain  m  he  solution  being  titrated  and  x  g-cq  of  NaCl  will  appear 
as  .Na  and  Cl  ions  of  mobilities  50.1  and  76.3.  respectively.  Thus, 
some  of  the  hydroxyl  ions  arc  replaced  by  less  mobile  chloride  ions 
and  the  conductance  of  the  solution  diminishes.  This  will  take  place 
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after  the  addition  of  each  new  portion  of  hydrochloric  acid  solution 
until  the  equivalence  point  is  reached,  at  which  all  the  OH  ions 
of  the  alkali  will  be  replaced  by  Cl"  ions.  Upon  further  addition  of 
the  titrating  solution  (beyond  the  point  of  equivalence)  the  acid  will 
no  longer  associate  with  the  alkali.  The  alkali  will  be  completely 
neutralized  and  free  hydrogen 
ions  possessing  a  very  high  mo-  X 
bility  (equal  to  349.8)  will  appear 
in  the  titrate  along  with  chloride 
ions.  This  will  lead  to  a  sharp 
increase  of  conductance  (Fig.  4.7). 

The  minimum  on  the  conductan¬ 
ce  curve  is  the  equivalence  point 
which  corresponds  to  the  condu¬ 
ctance  of  sodium  chloride.  The 
content  of  the  base  in  the  titrate 
can  easily  be  calculated  from  the 
volume  of  acid  used  up  until  the 
minimum  point  is  reached. 

The  example  just  quoted  shows 
that  the  sensitivity  of  conducto¬ 
metric  titration  depends  very 
strongly  on  the  diifcrcncc  in  the 
mobilities  of  the  associated  and 
appearing  ions,  and  the  greater 
this  difference  the  higher  is  the 

sensitivity.  In  carrying  out  conductometric  titrations  one  should 
lake  into  account  not  only  the  degree  of  completeness  of  the  princi¬ 
pal  reaction;  of  great  importance  arc  also  the  mobilities  of  ions 
that  do  not  participate  directly  in  the  reaction. 

Another  feature  distinguishing  the  conductometric  titration  from 
the  ordinary  procedure  is  that  it  yields  not  just  a  single  point 
(the  point  of  neutralization  associated  with  the  change  of  the 
colour  of  the  solution  in  the  case  of  volumetric  titration  with 
an  indicator  and  coinciding  with  the  minimum  on  the  x  vs.  V  curve) 
but  also  the  full  curve  for  the  entire  process  of  titration.  On  the 
basis  of  this  curve  one  can  get  an  idea  not  only  of  the  course  of  the 
reaction  but  also  of  some  properties  of  the  substances  obtained.  For 
example,  a  sharp  minimum  or  a  distinct  inflection  on  the  conductance 
curve  is  evidence  of  the  stability  or  low  solubility  of  the  reaction 
products.  A  blurred  region  of  transition  from  one  portion  of  the  curve 
to  another  points  either  to  hydrolysis  of  the  salt  formed  or  to  a  high 
solubility  of  the  precipitate,  or  else  to  an  insufficient  stability  of 
the  new  substance  (depending  on  the  nature  of  the  principal  reaction). 
If  certain  conditions  are  observed,  it  is  possible  to  determine  condu¬ 
ctometrically  two  different  substances  present  in  the  same  solution. 
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An  interesting  feature  of  the  conductometric  method  of  production 
control  is  that  changes  in  the  system  under  lest  lake  the  form  of 
electrical  signals.  Electrical  pulses  can  be  transmitted  directly  to 
the  actuating  mechanism,  which  facilitates  the  automatic  control  of  the 
process.  The  electrical  conductance  of  a  solution  depends  on  all  the 
components  present  and  is  therefore  an  integral  properly  of  the  system. 
A  combination  of  conductance  measurement  with  determination 
of  any  other  integral  (c.  g.,  density)  or  specific  (e.g..  the  pll  value) 
properly  of  a  solution  allows  the  system  of  automatic  control  to 
be  improved.  Conductometry  is  successfully  utilized  for  the  control 
of  precipitate  washout,  regeneration  of  ion-exchange  resins,  water 
purification  and  of  many  other  technological  processes. 

The  conductometric  method  cannot  however  be  employed  for 
the  determination  of  a  single  ionic  species  against  the  background  of 
other  electrolytes.  This  is  because  the  latter  possess  their  own  condu- 
ductancc  and  will  mask  the  change  of  conductance  corresponding  to 
the  change  in  the  concentration  of  the  ionic  species  to  be  determined 
in  the  course  of  conductometric  titration,  which  will  naturally  redu¬ 
ce  the  accuracy  of  the  method  and  limit  the  range  of  its  applicability. 

4.4.2.  HIGH-FHEQVEXCY  CONDUCTOMETHY 

So-called  high- frequency  conductometry  ( high-frequency  titration) 
has  been  gaining  an  ever  increasing  application.  In  this  method  use 
is  made  or  alternating  currents  of  frequencies  of  the  order  of  several 
millions  of  hertz.  With  these  frequencies  the  electrodes  may  be  remo¬ 
ved  from  the  solution  and  placed  outside  the  cell  (in  which  measure 
ments  are  made).  This  eliminates  many  difficulties  involved  in  ordi 
nary  conductometry,  namely,  the  catalytic  effect  of  electrodes  on 
the  reactions  taking  place  in  solutions,  the  change  of  electrode  sue 
faces  during  the  measurements,  the  necessity  of  using  eiecl  rodcs  made 
of  noble  metals  (metals  resistant  to  the  action  of’u  -elution)  etc 

In  high-frequency  titrations  '>  a  measuring  cell  made  of  <d  ,ss  or 
plastic  and  containing  the  solution  to  be  tested  is  placed  either  betwe¬ 
en  two  metallic  plates  tightly  secured  against  the  outer  walls  of  the 
In  it'  fC|i  of  ! 10  capacUivp  lm)  «*■'  inside  a  self-induction  coil 
(a  cell  of  the  inductive  type).  In  high-frequency  conductometry  it  is 
not  the  conductance  of  the  solution  that  is  measured  but  i  set  of 
many  properties  of  the  solution  and  cell,  including  the  dielectric 
constant.  The  interpretation  of  the  results  obtained  by  this  method 
is  therefore  more  complicated  than  in  the  case  of  conventional  con 
ductomctry. 

The  high-frequency  technique  is  successfully  employed  for  ana- 
lytical  purposes  and  in  scientific  investigations. 


"  Such  titrations  ■ 


e  recently  renamed  . 


CHAPTER  5 

Theoretical  Interpretation  of 
the  Electrical  Conductance  of  Electrolytes 


5.1.  CLASSICAL  THEORY 

The  relation  between  specific  conductance  and  concentration  is 
expressed  by  a  curve  with  a  maximum  (see  Fig.  4.3).  To  account  for 
the  appearance  of  a  maximum  the  classical  theory  makes  use  of  the 
equation 

x  =  «c  (>.%  - 

It  is  presumed  here  that  the  term  enclosed  in  parentheses  is  indepen¬ 
dent  of  the  concentration,  and  the  degree  of  electrolytic  dissociation 
diminishes  with  increasing  concentration.  Therefore,  at  a  definite 
concentration  the  product  acand  hence  x  will  have  the  highest  value. 

Usanovich  has  shown  that  this  explanation  in  fact  docs  not  agree 
with  the  basic  principles  of  the  classical  theory  of  electrolytic  solu¬ 
tions.  It  is  known  that  the  degree  of  dissociation  of  an  electrolyte 
a  and  its  concentration  c  arc  interrelated  by  the  equation 


whence 

ac=Kl-=Z 

From  the  last  equation  it  follows  that  with  rising  concentration 
the  product  a c  must  also  increase  regularly  because  the  ratio 
(1  — 'ccj.'a  will  grow  continuously.  For  this  reason  one  cannot  expect 
the  appearance  of  an  extremum  on  the  conductivity-concentration 
(it  vs.  a)  curve.  Hence,  the  classical  theory  of  conductance  is  unable 
to  explain  even  qualitatively  the  character  of  the  concentration 
dependence  of  conductivity.  According  to  this  theory,  the  following 
equation  must  hold  for  equivalent  conductance  as  a  function  of  the 
solution  composition: 

}.e  =  a  (/.°+  «-)  =  «/.» 

Upon  dilution  the  degree  of  dissociation  of  an  electrolyte  increa¬ 
ses,  approaching  unity,  and  the  equivalent  conductance  must  also 
lend  to  a  certain  limit  equal  to  a0-  So  the  general  course  of  the  equi¬ 
valent  conductance-concentration  (a  vs.  c)  curvo  can  be  interpreted 
qualitatively  from  the  standpoint  of  classical  theory.  From  Osl- 
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and  relation  (4.29),  with  ac  =  >.c  >.0  taken  into  account,  it  follows 
that  at  aj  <  1 


logXc  =  y  log/CXJ— y  logc  (5.1) 

Expre^ion  (5.1)  coincides  in  form  with  the  empirical  equation 
(4.o3),  which  is  valid  for  weak  electrolytes.  It  will  however  be  point¬ 
less  to  try  to  obtain,  using  the  classical  theory,  an  equation  similar 
to  the  Kolilrausch  empirical  square  root  law,  which  holds  for  solu¬ 
tions  of  strong  electrolytes.  The  classical  theory  of  electrical  condu¬ 
ctance  based  on  the  Arrhenius  theory  of  electrolytic  dissociation  can 
explain  neither  the  variation  of  transport  numbers  and  ionic  mobili¬ 
ties  with  concentration  nor  the  closeness  of  the  temperature  coefli- 
cients  of  conductance  and  viscosity,  nor  the  abnormally  high  mobi- 
litics  of  hydrogen  and  hydroxyl  ions.  In  contrast  to  the  assumptions 
of  the  Arrhenius  theory,  electrolytic  solutions  cannot  be  regarded 
as  ideal  systems  cither  in  the  state  of  equilibrium  or  when  an  electric 
current  is  passed  through  them. 

5.2.  INTEBPBETATtOX  OF  CONDUCTANCE  PHENOMENA 
TAKING  INTO  ACCOUNT  INTEIIACTIOX  FORCES 

5.2.1.  BASIC  PROPOSITIONS  OF  TI1E  DEIVY E-ONSAGER 
THEORY  OF  CONDUCTANCE 

Th,  disparity  between  the  cl,„ienl  theory  ci  rot . .  and 

experiment  stems  from  the  fact  that  the  theory  tak-s  no  account  of 
the  forces  of  interaction  between  the  particles' of  a  .-elution,  in  the 
first  place  the  forces  of  ion-ion  and  also  ion-solvent  interaction 

In  nonequilibrium  processes,  in  particular  during  the  passage 
of  a  current  through  electrolytic  solutions  (electrical  conduction) 
ionic  interaction  must  be  of  a  different  nature  than  under  equilibrium 
conditions.  The  conductance  coefficient  /,.  introduced  In-  Bicrruni  is  a 
correction  factor  for  interionic  forces  operating  when  a  current  i« 
passed  through  electrolytic  solutions.  It  differs  from  the  activity 
coefficient  /,  which  refers  only  to  equilibrium  solutions.  For  I  •  1- 
valenl  electrolytes  (z  =  I),  with  the  conductance  coefficient  taken 
into  account,  Eq.  (4.29)  should  bo  replaced  by 


(5.2) 
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Oe/ji  =  |j-  (5.3) 

For  solutions  of  weak  electrolytes  the  conductance  coefficient  f>. 
is  close  to  unity  and  the  conductance  ratio  will  correspond  to 
the  degree  of  dissociation.  In  the  case  of  strong  electrolytes  when 
a  =  1 

/i-£  (5-4) 

The  value  of  the  conductance  coefficient  /*  must  he  a  function  of 
concentration  and  can  be  determined  by  experiment.  A  theoretical 
calculation  of  U.  is  based  on  definite  conceptions  of  the  structure  of 
solutions  and  on  the  consideration  of  the  character  of  changes  taking 
place  in  solutions  under  the  influence  of  an  externally  applied  ele¬ 
ctric  field. 

One  may  use  the  solution  model  suggested  by  Debye  and  Iliickel, 
according  to  which  each  ion  is  surrounded  by  an  ionic  atmosphere 
with  a  charge  opposite  to  that  of  the  central  ion.  Since  strong  ele¬ 
ctrolytes  are  completely  dissociated  (a  =  1),  all  the  variations  of 
equivalent  conductance  with  concentration  are  caused  by  the  change 
of  the  interaction  energy.  In  an  infinitely  dilute  solution,  in  which 
the  ions  arc  so  far  apart  that  interaction  forces  can  no  longer  opera¬ 
te  between  them,  no  ionic  cloud  is  formed  and  the  electrolytic  solu¬ 
tion  behaves  like  the  ideal  gas  system.  Under  these  conditions  the 
equivalent  conductance  of  the  electrolyte  will  reach  a  limiting  value 

In  fact,  at  any  electrolyte  concentration  different  from  zero,  forces 
arise  in  the  solution  which  hamper  the  movement  of  the  ions  and 
hence  decrease  its  equivalent  conductance  by  values  /.,.  each  of 
which  corresponds  to  a  definite  type  of  interaction  force.  On  this 
basis  in  place  of  Eq.  (5.4)  one  can  write 

/<  =  a0  —  2/.j  (5.5) 

where  l/-i  is  the  total  decrease  of  the  equivalent  conductance  of  the 
solution  caused  by  all  the  interaction  effects  that  take  place  in  real 
solutions.  The  origin  of  one  of  these  effects  becomes  clear  if  one  consi¬ 
ders  that  under  the  influence  of  an  externally  applied  field  the  central 
ion  and  the  ionic  cloud  (as  entities  possessing  charges  equal  in  mag¬ 
nitude  but  opposite  in  sign)  must  move  in  opposite  directions 
(Fig.  5.1).  Since  all  the  ions  involved  are  hydrated,  the  central  ion 
migrates,  with  a  velocity  v,,  not  in  a  stationary  medium  but  in  a  me¬ 
dium  travelling  in  the  opposite  direction  with  a  velocity  p,„.  The 


*>  Even  in  the  abscnco  of  inlorionic  forces  K  and  should  diBcr  from  one 
another  because  of  the  change  in  the  viscosity  of  a  solution  upon  transition  from 
zoro  concentration  to  a  concentration  e. 
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frictional  force  is  known  to  be  proportional  to  the  velocity  of  move¬ 
ment  of  a  particle;  for  a  real  solution  its  value  is  given  by  the  equation 
tlf r  =  /*•  (t>(  -  vla)  (5.6) 

while  for  an  ideal  solution  it  would  be  equal  to 

I'Jtn  =  (5.7) 

where  /k,  is  the  coefficient  of  internal  friction. 

The  decrease  of  conductance  must  be  proportional  to  the  increased 
frictional  force.  If  we  denote  by  /.|  the  change  of  the  equivalent  con- 


-O' 


'0- 


=  /  (lUr) 


(5.8) 


\  -0/ 

~e  rs~ 


Kie.  o 


>-i  =  /  (/'Jr  -  ,!/,„)  (5.9) 
The  extra  frictional  force  asso¬ 
ciated  with  the  existence  of  an 
ionic  cloud  and  its  migration  in 
a  direction  opposite  to  the  mo¬ 
vement  of  the  central  ion  is 
known  as  the  electrophoretic  jor- 
roduced 
the  ele- 


ce;  the  braking  efh. 
....v  m.u  by  this  force  is  ter: 

ctroplioretic  effect. 

Another  retarding  effect  is  also  associated  with  th» 
the  ionic  cloud  and  its  influence  on  ionic  migration, 
found  that  the  buildup  and  decay  of  an  ionic  cloud  occur 
but  finite  velocity.  This  velocity  is  characterized  hv  ' 
relaxation  time  Tr.  which  may  be  considered  as  a  quanti 


the  velocity  constant  of  the  forinatio 
Relaxation  time  depends  on  tli 
viscosity  and  dielectric  conslai 

*  ^  w 


r  decay  of  the 
strength  of  a 
s  defined  by  I 


(5.10) 


where  ,k  ^  coefficient  of  internal  friction  of  solution 
k  =  Rollzmann  constant 
7  =absolutc  temperature 
*  =  Debyo-Iliickel  length. 

•or  an  aqueous  solution  of  a  1 :  l-valcnl  electrolyte  Eq.  (5. 10)  is  sim- 
}p'„,.an<l  lh*.  rclaxation  time  can  be  calculated  approximately 
from  the  equation 


(5.11) 
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where  c  is  the  concentration  of  llie  electrolyte.  When  the  central 
ion  is  moving,  a  certain  lime  elapses  before  the  old  ionic  cloud  is 
broken  down  and  a  new  one  is  built  up.  For  this  reason  there  is  always 
some  excess  charge  of  opposite  sign  behind  the  moving  central  ion, 
whose  drift  is  thus  retarded  by  the  urising  electrical  forces  of  attro- 
ction.  This  retarding  effect  is  called  the  relaxation  effect.  If  the  varia¬ 
tion  of  equivalent  conductance  due  to  the  relaxation  effect  is  desig¬ 
nated  by  An-  the  fall  in  conductance  upon  transition  from  zero  con¬ 
centration  (the  ideal  solution)  to  a  concentration  cwill  be  given  bv  the 
equation 

/.«  =  X»  -  X,  -  X„  (5.12) 

in  which  account  is  taken  of  both  the  electrophoretic  and  relaxation 
effects. 

Debye  and  lliickol  derived  theoretical  formulas  for  and  /„ 
containing  one  empirical  constant.  Their  calculations  were  later 
improved  by  Onsagcr,  who  look  into  consideration  that  ions  do  not 
migrate  along  a  straight  line  and  that  the  ionic  cloud  is  a  statistical 
formation,  rhe  Onsagcr  equation  has  the  following  form: 

"  A°  ”  (Of)3'-"  Bk“  ,/Sv‘2?c  -  75^727  V^W  (5.13) 


and 


s  ll,c  viscosity  of  the  solvent. 


IS  of  1 : 1-valcnl  electrolytes  at  25’C  Eq.  (4.13) 


K  =  >.0  -  (0.224  +  50.5)  Vc  (5.14) 

sq&,,:iT.{4,l3l“,'<1  ^  *,avc  '*,c  sa,nc  f°rm  as  the  empirical 
11  inner i,  ?i  ,  °f  Kohii-atisch  They  enable  one  to  predict  the 
lion  '  'a  "°  °*  1,10  cons,anl  -*  contained  in  the  Kohlrausch  equa- 

rang'!  <f>nsa8°r  formula  is  in  accord  with  experimental  data  in  the 
win,  .  ro|n.'entrations  covered  by  the  square  root  law.  Agreement 
0»saep*l>ll'me.nt  ildcrioratcs  with  increasing  concentration.  The 
approx*  C(,.uaUou  ^l>oul«l  be  regarded  as  an  equivalent  of  the  first 
_ '  llllntion  of  the  Dcbyc-Hiickcl  theory  for  electrical  conductance. 

r?ns  Uo0V"'’ic  ro°l  l»w  which  is  applicable  in  the  range  of  moderate  concentra- 
''"°sh  theory1  *°**°"  lrom  the  Onsager  theory,  but  can  bo  deduced  from  the 
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It  therefore  yields  only  the  limiting  value  of  conductance  at  an  ele¬ 
ctrolyte  concentration  approaching  zero,  i.e.,  the  limiting  tangent 
to  the  conductance  versus  concentration  curve.  Similarly  to  tho 
Debye-Hiickol  second  approximation  for  equilibrium  in  electrolytic 
solutions,  an  attempt  could  be  made  to  take  into  account  the  effect 
of  the  finite  size  of  ions  and  introduce  the  parameter  a  into  the  con¬ 
ductance  equations.  Such  attempts  were  made  by  Kancko  (1932), 
Falkcnhagen  (1952),  Onsager  and  Fuoss  (1955).  and  others.  Follow¬ 
ing  La  Mer,  Pitts  (1953)  also  took  into  account  the  additional  terms 
of  the  series  expansion  of  the  exponential  function  (see  page  66),  and 
Robinson  and  Stokes  (1955)  took  into  consideration  the  variation  of 
the  viscosity  of  a  solution  with  concentration. 

The  introduction  of  the  mean  ionic  diameter  a  (an  empirical  con¬ 
stant)  and  the  use  of  an  experimental  value  of  viscosity  made  it 
possible  to  obtain  a  better  6t  with  experiment  and  to  extend  the 
range  of  validity  of  the  thus  modified  Onsager  equation  to  the  more 
concentrated  solutions.  The  resulting  equations  however  were  so 
complicated  that  they  had  no  practical  value.  For  example  tile 
Onsager- Fuoss  equation 

=  Vi  +  D  Y c  ~  Ec  In  c  -f-  Ic  (5.15) 

contains  a  logarithmic  term  and,  in  addition  to  tin  constant  F. 
(determined  by  the  same  parameters  as  the  constant  I!  .,1  the  Onsacer 
ions"1**  °qUaHon)’  lhc  1,,anlity  '■  which  depends  on  tl...  size  of  the 

For  concentrated  solutions  use  is  made  of  emniri.-l  form  nine 
One  of  the  best  is  the  Shcdlovsky  formula 


=  K±bJ/]_ 

-aVl  ' 

empirical  coefficient.  The  first  term 


where  B  . . f _ _  ilU!  , 

side  of  Eq.  (5. 16)  corresponds  to  the  Onsi 
may  be  written  as 

K  =  —  (flL  -i-  b)  y~c 


ager  equation  (5.13),  which 


5.2.2.  WIEN  EFFECT  AND  THE  DISPERSION 
OF  CONDUCTANCE 

tl,*t  in  t!,e/°eion  of  h'Kh  fields  the  co.iduclan- 
*  so  1  V°"  ,ncrcascs  with  field  strength.  At  first  it  increases 
a  cer tain"! ■  m i r" ’  8t  i‘eh  f,cld  strcn8ll's-  taler  and,  finally,  reaches 
cu^r  eW  rTi  ‘  e1.Valr  °.t.vcr>’  hieh  field  strengths.  For  each  parli- 
olytc  this  limiting  value  corresponds  to  its  conductance 
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nl  zero  concentration  irrc.S|>cctivc  of  the  solution  concen  I  ration.  For 
wenk  electrolytes  Wien  observed  an  even  more  pronounced  rise  of 
conductance  with  increasing  lield  strength.  Me  established  the  follo¬ 
wing  regularity:  the  lower  the  decree  of  dissociation  of  an  electrolyte, 
the  greater  is  the  rise  of  its  conductance,  which  tends  to  the  condu¬ 
ctance  at  zero  concentration. 

The  results  obtained  by  Wien  seemed  at  first  quite  improbable. 
They  contradicted  the  widely  accepted  concept  of  the  applicability 
of  Ohm’s  law  to  electrolytic  solutions.  Indeed,  by  Ohm's  Jaw 
Ai|>  =  RI 

the  resistance  ft  (or  conductance,  the  reciprocal  of  resistance)  is  a  con¬ 
stant  for  a  given  system  and  consequently  the  field  strength  must 
depend  linearly  on  the  current  intensity.  Uul  from  the  experiments 
carried  out  by  Wien  it  follows  that  at  high  values  of  Ai|‘  the 
resistance  /(  is  no  longer  constant  and  begins  to  fall  with  incre¬ 
asing  field  strength.  Hence,  the  field  strength  does  not  increase  pro¬ 
portionally  to  current  intensity  and  in  this  case  Ohm’s  law  ceases 
to  be  valid.  Some  scientists  believed  that  the  Wien  effect  was  the 
result  of  some  secondary  phenomena  that  had  not  been  taken  into 
account.  It  was  supposed,  for  example,  that  the  decrease  of  resistance 
at  high  field  strengths  is  caused  by  the  high  temperature  of  the  ele¬ 
ctrolyte.  Hut  calculations  and  further  investigations  with  the  aid  of 
an  improved  technique  using  short-time  current  pidses  (to  rule  out 
an  appreciable  rise  of  temperature)  confirmed  Wien's  observation 
concerning  the  effect  of  the  field  strength  on  the  conductance  of  clc- 

As  far  as  strong  electrolytes  are  concerned,  the  Wien  effect  can  be 
explained  on  the  basis  of  the  Debye-Onsager  theory  of  conductance. 
According  to  the  concepts  of  Debye  and  Iliickel  each  ion  in  a  solution 
is  surrounded  by  an  ionic  atmosphere  of  radius  i//.  As  long  as  the 
drift  velocity  of  an  ion  is  small  (as  compared  with  the  rate  of  decay 
and  buildup  of  the  ionic  cloud)  the  retardation  effects  associated 
with  the  ionic  atmosphere  are  retained  and  the  value  of  conductance 
at  a  given  concentration  is 

).c  =  (0.19) 

Hut  it  is  known  that  the  mobility  of  ions  does  not  remain  constant 
with  increasing  field  strength  and  increases  according  to  Kq .  (V 10): 


At  a  sufficiently  high  value  of  i|/  it  may  turn  out  Ihnl  the  path  tra¬ 
velled  by  the  ion  while  the  old  ionic  cloud  decays  and  a  new  one  is 
built  up,  i.c.,  during  the  double  relaxation  lime  t„  will  be  equal  to 
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or  greater  Ilian  the  radius  of  the  ionic  atmosphere 

2t'^7  *'  =  „>  1/x  (.'..20) 

Under  these  circumstances  the  ion  goes  heyond  the  limits  of  its 
ionic  cloud.  A  new  ionic  cloud  will  have  no  time  to  form  at  each  new 
site  of  the  ion  and  hence  the  overall  retarding  effect  will  decrease. 
By  means  of  Eq.  (5.20)  one  can  estimate  approximately  the  held 
strength  at  which  the  Wien  effect  sets  in.  Using  Eq.  (5.10)  for  rela¬ 
xation  time  and  substituting  it  into  expression  (5  20)  one  gels  the 
following  equation  for  the  held  strength  being  sought- 


♦'=2  iSfX-g* 


(5.21) 


he  i 


I  velocity 
I  the  asso- 
•s  of  con- 


In  the  ease  of  a  uni-univalent  electrolyte  at 
Eq.  (;>.li)  simplifies  to: 

ip'  =  4  x  10*  Ve 

Tims,  for  a  O.OOI.V  solution  of  a  l:l-valenl  e 
effect  comes  into  operation  at  field  strength.- 
10'  V/ cm,  and  for  a  l.\  solution  at  i  lyi  y\c 
A  further  rise  of  the  field  strength  leads  to  such 
of  the  ions  at  which  no  ionic  cloud  will  he  able  t 
cinled  retarding  elfccts  will  therefore  disappear 
diictancc  either  due  to  the  electrophoretic  or  to 
will  then  lie  observed.  In  that  case 

?-i  =  0,  >.n  =  0  and  ?.c  = 

ylcs  (in  which  the  intcrionic  forces  are  close  to  zero  her  ms,,  of  the 
n.^Sr^  0f^.i0,,S)  iS  l>robablv  associated  with  a  change 
•rocee  fim^rn,,,  ^^1  ",,(lcr 'hl‘  i'^-once  of  the  applied  field. 

1  roceedmg  from  this  conjecture,  Onsager  worked  out  .  an  ,li(-.tive 

rit'e  ofd'i-wocial'ii  7°'  ?f  Jhi*  P*»»®">«.on.  lie  showed  that  the 
T  •'  W°ak  '•'^"•o'.vtes  increases  will,  field  strength. 
Muri.i.  the  rati  of  ionic  recombination  is  indcncndcnl  of  ii-  is  -i  re- 
. . - 

his  theory  is  i»  I”  con‘‘,anl  calculated  by  Onsager  on  the  basis  of 
Wien.  "  bM>l  BSIWn,on*  with  the  experimental  observations  of 

shortly  after  the  discovery  of  the  Wien  effect  Debve  -lnd  F  ilken- 
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perform  oscillulory  molions  in  a  direct  ion  parallel  lo  the  direction 
of  tlio  electric  field.  The  cent  nil  ion  has  no  lime  to  go  beyond  its 
ionic  cloud,  which  in  turn  has  no  time  lo  decay  lo  any  noticeable 
extent  and  at  each  given  instant  only  oscillates  in  a  direction  oppo¬ 
site  lo  the  movement  of  the  central  ion.  In  this  case  the  forces  invol¬ 
ved  in  the  decay  and  formation  of  the  ionic  cloud,  i.e..  the  retarding 
relaxation  forces,  reveal  themselves  lo  a  lesser  degree  and  the  con¬ 
ductance  of  the  solution  increases.  At  high  frequencies  it  reaches 
a  value  which  differs  from  the  conductance  at  infinite  dilution  by 
the  amount  /•■  since  the  relaxation  effect  disappears  (?.M  0)  and 

the  retarding  electrophoretic  effect  persists.  In  this  case 


The  calculations  of  Debye  and  Kalkenhagen  were  verified  experi¬ 
mentally  by  Wien,  who  found  them  lo  be  in  good  agreement  with 
experiment. 


3.2.3.  THEORETICAL  INTERPRETATION 
Ol'  TRANSPORT  NUMBERS.  TRIE  TRANSPORT  NUMBERS 

The  laws  governing  the  variation  of  transport  numbers  of  ions 
with  concentration  can  be  accounted  for  on  the  basis  of  the  Debye- 
Onsager  theory  of  electrolytic  conduction.  Thus,  proceeding  from 
this  theory.  Stokes  derived  equations  which  correctly  express  the 
experimental  dependence  of  transport  numbers  on  the  electrolyte 
concentration.  He  showed  (hat  if  at  infinite  dilution  the  transport 
number  of  an  ion.  t ?.  is  equal  lo  0.5.  it  remains  constant  when  the 
concentration  (or  ionic  strength)  of  the  solution  is  changed.  At 
I?  >  0.5  an  increase  in  the  ionic  strength  increases  the  transport 
number,  i.e.,  /,•  >  /?.  Conversely,  when  /?  <  0.5  the  growth  of  the 
ionic  strength  leads  lo  a  decrease  in  the  transport  number,  and 
then  li  <  /f. 

The  temperature  dependence  of  transport  numhers  however  cannot 
be  explained  merely  by  taking  into  account  the  forces  of  ionic  inter¬ 
action;  one  should  also  reckon  with  the  effect  of  ion  solvation.  By 
considering  the  phenomenon  of  solvation  one  can  account  for  the 
increase  of  the  mobilities  and  transport  numbers  of  cations  with 
increasing  radius  observed  for  a  series  of  analogous  compounds. 
As  a  result  of  solvation,  the  effective  sizes  of  moving  particles  of 
small  radius  are  found  lo  increase  lo  a  greater  extent  than  those 
of  large  particles,  and  their  movement  is  retarded.  The  fact  that 
with  rising  temperature  transport  numbers  tend  to  a  limiting  value 
equal  lo  0.5  should  be  linked  with  the  process  of  dehydration,  which 
intensifies  with  temperature  and  results  in  the  levelling  out  of  the 
effective  ionic  sizes.  It  is  also  easy  lo  understand  why  the  temperatu¬ 
re  coefficients  of  the  electrical  conductance  and  viscosity  of  water 
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coincide  if  one  lakes  into  account  that  the  ions  in  .solution  arc  hydrat¬ 
ed  and  hence  their  migration  is  hampered  by  the  friction  between 
the  water  molecules  forming  their  hydrate  shells  and  the  surrounding 
water. 

Since  the  water  moves  along  with  the  ions,  the  transport  numbers 
evaluated,  forexample,  from  the  concentration  changes  in  the  electro¬ 
de  compartments,  i.c..  by  Hiltorf's  method,  do  not  correspond 
to  their  true  values.  Diflcrcnt  ionic  species  move  with  different 
velocities  and  the  number  of  water  molecules  moving  together  with 
them  is  not  the  same;  the  concentration  change  near  the  electrode 
is  therefore  the  result  of  a  decrease  (or  increase)  not  only  in  the  num¬ 
ber  of  solute  particles  but  in  the  number  of  water  molecules  as  well. 
If  ion  hydration  is  not  taken  into  account  when  calculating  transport 
numbers  from  concentration  changes,  the  numbers  so  obtained  arc 
apparent  (or  IfUtorf)  numbers,  and  a  correction  must  be  applied 
to  obtain  the  true  transport  numbers  (these  are  also  known  as  Wash- 
barn  transport  numbers  because  Washborn  was  the  lirst  to  study  this 
phenomenon).  The  apparent  /,  and  true  T,  transport  numbers  arc 
connected  by  the  following  relations  (for  cations  and  anions,  res¬ 
pectively): 

T+  =  4  +  cAhh,o  (5.22) 

and 

T.  =  t.~  cAnHjo  (5.23) 


where  c  =  initial  concentration  of  solution 
^"n-o  =  —  "(a-),  i  e..  the  difference  between  the  hvdralion 

numbers  for  a  cation  (h,.^,)  and  an  anion  («,,,  ..,)  in  terms 
of  one  gram-equivalent. 

In  order  to  obtain  true  transport  numbers  from  apparent  ones  it  is 
necessary  to  know  the  hydration  numbers  of  the  ions.  But  their 
values  available  at  present  are  unreliable  and  cannot  be  used  for 
calculations  by  means  of  Eqs.  (5.22)  and  (5.23).  To  determine  true 
transport  numbers,  it  was  suggested  that,  in  addition  to  an  cleclro- 
lyte  (whose  transport  numbers  are  to  be  determined),  an  unionized 
soluble  indifferent  substance  be  introduced  into  a  solution  Since 
its  particles  have  no  charge,  this  substance  is  supposed  to  be  non¬ 
conducting.  In  this  case  the  change  of  the  electrolyte  concentration 
is  determined  not  with  respect  to  the  solvent  (water),  which  moves 
along  with  the  ions,  but  to  the  reference  substance  added.  This 
method  was  devised  in  the  hope  of  obtaining  t  rue  transport  numbers 
and  determining  the  difference  between  the  hvdralion  numbers  of 
electrolyte  ions  by  comparing  the  true  numbers  with  apparent  ones, 
then,  by  making  a  more  or  less  substantiated  assumption  as  to  the 


Proposed  by  Nernst.— 7>. 
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hydration  number  of  a  single  ion.  one  could  determine  Hie  hydration 
numbers  of  other  ions.  But  such  an  absolutely  inert  substance  is 
impossible  to  find.  For  this  reason,  apparent  transport  numbers 
arc  used  at  present,  all  the  more  so  Hint  precisely  these  numbers  arc 
of  importance  in  determining  the  conditions  under  which  many 
electrochemical  processes  take  place. 


5.3.  ANOMALIES  IN  ELECTRICAL  CONDUCTANCE. 

SOME  SPECIAL  CASES  OK  CONDUCTION 

5.3.1.  THE  ABNORMAL  MOBILITY  OK  HYDROGEN 
AND  HYDROXYL  IONS 

The  abnormal  mobilities  of  hydrogen  and  hydroxyl  ions  which 
arc  much  higher  than  those  of  all  other  ions  lead  one  to  suppose 
that  the  movement  of  these  ions  in  aqueous  solutions  obeys  a  special 
mechanism  of  migration.  The  modern  theory  of  the  abnormal  mobi¬ 
lity  of  hydrogen  and  hydroxyl  ions  developed  by  Bernal  and  Fowler 
is  an  extension  of  the  idea  of  the  mechanism  of  conduction  in  ionic 
solutions  suggested  by  Grollhus  at  the  beginning  of  last  century 
(1806).  '  . 

Since  the  greater  part  of  the  hydration  energy  of  a  proton  is  evolv¬ 
ed  when  it  unites  with  the  first  water  molecule,  it  is  thought  that 
in  aqueous  solutions  the  hydrogen  ion  must  be  present  in  the  form 
of  the  livdroxonium  (or  hydronium)  ion  HjO’.  The  proton  can  migra¬ 
te  from  one  water  molecule  to  the  next.  Those  proton  transfers  invol¬ 
ve  a  certain  amount  of  activation  energy.  In  the  absence  of  on  exter¬ 
nal  field  proton  jumps  may  occur  in  any  direction  with  equal  pro¬ 
bability.  In  the  presence  of  an  external  field  the  probability  of 
proton 'migration  in  the  direction  of  the  field  increases  (since  the 
activation  energy  in  this  direction  diminishes),  and  the  process 
of  proton  movement  will  occur  by  a  chain  mechanism,  i.e..  the  pro¬ 
ton  will  be  passed  on  from  one  water  molecule  to  the  next  and  so 
on— a  passing-the-prolon  game: 
the  direction  of  the  field 

H  H  H  II 

II  I  I 

II— 0  — H-rO  — H  =  H  — O-f  H— 0— II 
the  direction  of  proton  transfer 

As  follows  from  the  scheme,  the  orientation  of  the  water  molecule 
after  the  proton  has  left  the  hydroxonium  ion  is  unfavourable  for 
the  next  proton  jump,  a  circumstance  that  lowers  the  rale  of  proton 
transfer  which  otherwise  would  have  been  still  higher. 


Tlu-  abnormal  mobility  of  the  hydroxoniu.n  ion  mav  be  reorient- 
•'>  in  a  similar  wav:  ' 


the  direction  of  the  Held 


H  H  H  H 
ci-M+0.=  0-lI_0 


Hie  direction  of  movement  of  the  hydroxyl  ion 

radi'cnl  nHe-yin,i,q,!ir?1  10  '!ul1  ,"lc  rlon  «w*y  from  the  hydroxyl 
the  hvilrnn >„*!*  !  m"  C*T  eCUl°  «  higher  than  that  needed  to  tear 
hi  hydrogen  ion  H  oil  the  water  molecule  in  a  hvdroxoninm  ion 
so  l  ie  probability  of  proton  jumps  and  hence  the  volocilv  of  move- 
on,  •nJ‘y,lrf0Xyl  i0!'f  ,n"st  '»  lower  as  compared  with  hvdrogcn 
"»  "'  Oi.raUo  0,  ,nolcF,lU.  ,or  "td 

also  a  Ids  to  the  spatial  diflieulties  for  the  next  nmim. 

*  "»  »>«  "r  Ir-rt,  »I  l.y.lrosyl  i„„, 

•>.3.2.  THE  ANOMALOUS  CONDUCTANCE 
OK  NOXAQUEOUS  ELECTROLYTE  SOLUTIONS 

~  ".“ss  isr: 

i"  vl“ f  s,  f  S'T'"”  1*l"  Cl.lori.io  sol utio.is 

!li:;  “3  ;= 

:,;:rs  “isr; . 

dependence  of  i  A  1  c'lr'M>  i-o.,  the  concentration 

•'  '  ‘  conductance  here  is  more  complicated  than  in  aqueous 


solatia 


rharimlerS^'Tv"  hT«nii« c'1"ivi!lcn|)  conductance  with  dilulioi 
corresponds  °ari",cc  ««**•»•  on  the  /.  vs.  V  curve, 

observed  bv  Sakhannv  r™*!?  conduction”.  This  phenomenon  was 

to  use.  as  an  electrnlvi«  ,1?  '  rTe.d.  by  'Vald«>-  who  was  the  first 
.  •  etrasubstituted  ammonium  salts  (so-called 


S.  The 


Walden  salts),  which  arc  readily  soluble  in  most  nonaqnooiis  sol¬ 
vents  A  detailed  slndv  of  anomalous  conduction  in  solvents  con¬ 
sist  ini;  of  a  dioxan- water  mixture  was  carried  out  by  I'noss  and 

K  Sakha  no  v  also  paid  attention  to  the  fact  that  in  concentrated 
solutions  the  conductance  value  being  measured  included  the  visr.o- 
silv  effect  Therefore  he  introduced  the  concept  of  corroded  comluc- 
;  t  ....  the  value  of  equivalent  conductance  in  which  account 
i  increase  in  the  viscosity  y  at  a  given  dilution  compared 


;  taken  of  at 
ilh  the  vis 


e  dilution: 


Ur-J. 


(5.24) 


Corrected  conduct! 
composition  than 


more  sensitive  to  changes  in  the  solution 
Hilary  value  of  conductance,  uncorreclcd 
loc  iBtiinn,  .«  V„„.|„„'iilivc  study  of  the  conductance  of  electro¬ 
lytes  in  different  solvents  one  should  lake  into  account  the  effect 
of  the  viscosity  of  the  medium. 

The  classical  theory  of  conductance  and  the  Debyc-Onsager  theory 
are  unsuitable  for  interpreting  the  phenomena  of  anomalous  con¬ 
ductance.  Neither  can  equivalent  conductance-dilution  curves  with 
extrema  be  obtained  by  considering  the  solvation  effect.  The  theory 
of  anomalous  conductance  was  first  formulated  by  .Sakhanov  in  the 
period  1013-10  on  the  basis  of  the  concepts  of  electrolyte  association 
which  manifests  itself  most  distinctly  in  solvents  with  low  dielectric 
constants  and  leads  to  the  formation  of  complex  molecular  and  ionic 
substances.  According  to  Sakhanov,  in  addition  to  electrolyte  mole¬ 
cules  MA.  concentrated  solutions  conluin  associated  molecules 
(MA),.  which  are  in  equilibrium  with  simple  molecules: 

z.MA  =  (MA),  (5.25) 


Associated  molecules  arc  capable  of  dissociating  into  complex  ions— 
current  carriers— under  the  given  conditions 

(MA),  MJ  AI  (5.26) 

When  solutions  are  diluted,  the  equilibrium  of  the  reaction  (5.25) 
is  shifted  to  the  left.  The  number  of  complex  molecules  dissociating 
into  ions  according  to  Eq.  (5.26)  is  reduced  and  consequently  the 
conductance  of  the  solution  falls.  Upon  further  dilution,  when  more 
and  more  electrolyte  appears  in  the  solution  os  simple  molecules, 
their  dissociation  into  simple  ions  begins  to  play  an  appreciable  role 
MA  =  M*  -r  A-  (5-27) 

and  the  conductance  will  again  increase  according  to  the  law  which 
usually  obtains  for  the  variation  of  equivalent  conductance  with 
dilution.  If  it  is  assumed  that  a  solution  contains  molecules  of  diffe- 
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rent  degree  of  association  and  also  lltc  corresponding  complex  ions, 
one  can  llicn  account  for  the  still  more  complicated  variation  of 
conductance  with  dilution  when,  in  addition  to  a  minimum,  a  maxi¬ 
mum  or  several  maxima  and  minima  appear  on  the  curve.  Sukhanov 
deduced  an  equation  for  the  dependence  of  /.  on  V  which  is  in  quali¬ 
tative  agreement  with  the  shape  of  the  experimental  anomalous- 
conductance  curves. 

The  concepts  worked  out  by  Sakhanov  were  substantially  extended 
and  developed  in  later  investigations.  Thus.  Scmenchenko  (192.'t-2/i) 
and  Bjerrum  (1926-27)  showed  that  ion  pairs  M*A"  may  form  in 
concentrated  solutions  of  electrolytes  in  water  (and— in  nonaqneous 
solvents  with  low  dielectric  constants— at  moderate  electrolyte 
concentrations  as  well).  Ion  pairs  consisting  of  positive  and  negative 
ions  arc  formed  under  the  action  of  purely  coulombic  forces:  they 
arc  therefore  not  so  strong  as  undissocialed  electrolyte  molecules, 
rite  bond  holding  the  ions  together  however  is  strong  enough  for 
the  original  ions  to  lose  their  independence  and  display  properties 
(mobility,  etc.)  characteristic  of  uncharged  particles.  The  appearance 
in  a  solution  of  ion  pairs  in  addition  to  simple  molecules  must  lead 
to  a  more  rapid  decrease  in  molar  conductance  with  increasing  con¬ 
centration.  this  fall  being  the  more  pronounced  the  lower  the  dielec¬ 
tric  constant  of  the  solvent. 


The  effect  of  the  solvent  nature  on  the  dissociation 
on)  of  solutes  and  on  their  conductance  ami  diffusioi 
understood  if  the  nature  of  the  bonds  existing  bctwci 
of  lhoa‘  substances  in  their  original  stale,  i.e  .  in  the 
is  taken  into  account.  From  this  point  of  view  all  ■ 
be  divided  into  two  extreme  groups.  The  first  groin 
pounds  with  a  crystal  lattice  built  up  of  separate  iom 
hardly  be  correct  to  use  the  term  “electrolytic  dissocialioi 
be  the  behaviour  of  these  substances  during  dissoluti 
the>  do  not  contain  any  undissociated  molecules  from  the 
!"  ‘i"*;  ,l,ss°cniiion  equilibrium  in  the  Arrhenius 

no  physical  meaning,  such  substances  are  known  as 
Kor  V  i  e  f'r0,!"f):  llolassium  chloride  is  a  typical 
ror  dissolved  lonophores.  say.  for  KOI.  it  is  more  core 

tent  molecules  oMO ClTthT fXVing'VeicUon1  of  asso°ch 

and  noUo™rhTd7s."«UUo^f“^|l«u|^®n0r(:y  f0t  th*  br*ak,low 


id  associate 
in  be  better 
he  particles 
pure"  form. 


sense  has 
ionophorts 
ionophore. 


single  ions. 

rather  than 
a  high  die- 
i  of  llie  lattico 
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lcclric  constant,  ion-pair  formnlion  is  nol  very  likely  since  the  ener¬ 
gy  of  coulombic  attraction  between  ions  is  small  compared  with 
the  thermal  energy  k '/'.  That  is  why  in  water  all  iouophores  become 
strong  electrolytes  and  arc  present  as  independent  hydrated  ions. 
When  nonaqucons  solvents  of  lower  dielectric  constant  are  used, 
the  equilibrium  of  ion  association  is  shifted  to  the  right.  This  shift 
of  the  equilibrium  reduces  the  number  of  single  ions,  increases  the 
probability  of  formation  of  ion  pairs  and  of  more  complex  ions  (see 
below),  lowers  the  conductance  and  gives  rise  to  “anomalous"  con¬ 
duction.  .  . 

To  the  second  group  belong  substances  consisting  of  aggregates 
of  molecules,  i.e.,  of  neutral  uncharged  particles.  The  formation 
of  ions  on  dissolution  of  such  substances  and  hence  the  conduction 
of  current  by  these  ions  is  possible  owing  to  chemical  interaction 
with  the  solvent.  These  substances  are  called  ionogens  (i.e..  potential 
electrolytes ).  Acetic  acid  is  a  typical  example  of  on  ionogen.  The 
process  of  ion  formation  on  dissolution  of  acetic  acid  in  water,  for 
example,  can  be  described  as  follows: 

(1)  acetic  acid  reacts  with  the  solvent  to  form  a  molecular  complex 

CII3COOH  +  H.0  =  CHjCOOH  H;0 

(2)  the  resulting  molecular  complex  is  transformed  into  an  ion 
pair  as  a  result  of  intramolecular  rearrangement 

CH3COOHII2O  =  CH3COO-H,G' 

(3)  the  ion  pair  dissociates  into  free  ions 

CHjCOO-  IIsO*  =  CIIjCOO-  -i-  H30* 

The  equilibrium  of  the  last  reaction  is  shifted,  os  a  rule  (except  for 
very  dilute  solutions),  to  the  left.  Ionogens  in  aqueous  solutions 
are  'therefore  weak  electrolytes  and  poor  conductors  of  electricity. 

According  to  the  Fuoss-Kraus  approach  (1934-35),  in  concentrated 
solutions,  besides  uncharged  ion  pairs,  there  may  also  form  triple 
ions,  in  which  the  ionic  charges  do  nol  cancel 

M*A"  -f  A"  =  MA.  (3-28) 

M’A-  -f  M*  =  Ms  A*  (5.29) 

Triple-ion  formation  may  also  be  treated  as  the  result  of  the  asso¬ 
ciation  of  two  ion  pairs  with  subsequent  ionization  of  the  complexes 
formed 

M*A"  +  M*A"  =  (M*A-)S  =  MAj-  -f  M*  (o-50) 

M+A-  +  M*A-  =  (iWA-)s  =  M.A*  +  A"  (5.31! 

The  concept  of  triple  ions  allows  one  to  account  for  the  appearance 
of  a  minimum  on  the  equivalent  conductance-dilution  curve.  Indeed 


.1  l„»h  Mm  .  solution  M*.  only  simple  eleelrolvle  mele- 
cule,  Ike  corresponding  aumplo  Ion,.  Wilt  lDcrc„i™  c'onrenlr,. 
"0"  the  equivalent  coiuluclnncc  falls  because  the  equilibrium  hot- 
he  io»  ami  the  molecule,  ile.eribed  by  lie,.  (3.27)  lor  lire 
indicated  dilution  range,  must  shift  to  the  loft  i  c  towards  the 
""dissociated  molecules.  As  the  concentration  continues  to  increase 
the  formation  of  triple  ions  by  reactions  (3.30)  and  <3  31)  becomes 
piissible.  anil  Ibe  electrical  coiidiiclaucc  will  be-in  ,0  increase  a, 
a  result  of  their  direct  participation  |„  th(  conduclion  of  the  ciirroni. 
lioteedii  e  from  these  consideration,.  Fuou  and  Kr,l.„  derived  an 

I>  “"ZctVrrlulr  “  ',,1'r*1"1  reiuluctanco  . . . 

'■«  =  const,  c-,-«  -l-  const;  c'»  (5.32) 

The  constants  of  Kq.  (3.32)  depend  on  the  equilibrium  constant*  of 
the  reactions  (o.27),  (o.2S)  and  (5.29)  and  on  the  limitin-  values 
\l  v-'md  \l"l\“rducli‘-nc<‘ (?l»0>crf  conccn,ral*ons  of  particles  .MA. 

,  •  \1:A  -  Lq"al110"  (»-*?)  describes  a  curve  with  a  minimum- 

i  can  be  shown  that  Ibe  concentration  corresponding  to  the  lowest 
conductance  value  can  easily  be  determined  if  the «  Hibr h  n 
*—  - * 

, !.«'  Vi°(T  nonaqr°"s  solvents  of  low  dielectric  constant  are  used. 
l,«  T  ,CC  ,b  vC0?  .lon°phores  and  ionogens  is  not  so  distinct 
bClWCC,‘  S0,VCnl  «»<'  -lute  acini: 
(Uic  la  nces  *  of*  iwcin  °  Fi°ir  ,nflancc-  in  liquid  ammonia  the  con- 
,,11  .  ‘  poss"""  clll°ndc  and  acetic  acid  (the  latter  brine 

■Kd  in\Crb  I'raM  Me,llkle\  arc  found  to  be  close  both  in  magnittt- 
| B  i,  ir  o  accm.nl Z  .Vhr,al,°n  wilh  c<>n«ntratio..  of  the  solute, 
duetanw  d Tonl  oi  1,,c.appea!'ance  of  a  maximum  on  the  con- 

S tlKg  SctSr  risultlir'i.iX1  from' 


The  I 


M=A*  4-  MAr  =  (MA), 


(5.33) 


god  associated  particles  has  been  e^fiH  ?  andu,,C-n 
influence  of  such  complexes  on  ih^  II,  d  experimentally,  ibe 
is  not  confined  to  llie'iihem.niet  i „r £P?rllcs  °f  clec,rol.vte  solutions 
be  taken  into  accnn, 9"*em>  of  ionic  conduction.  It  should  also 
solutions.  The  formation  oHon^Sl  CqVil.ibr.ium  in  electrolytic 
comnlcxcs  must  ilsn  pairs,  inplc  ions  and  uncharged 
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Tints,  under  given  conditions  of  temperature  and  pressure  I  lit* 
elccl rival  condiiclance  of  any  syslein  consisting  <>f  a  solute  and 
a  solvent  is  governed  by  llie  following  factors:  (I)  the  nature  of 
chemical  bonds  between  the  solute  particles  in  their  original  stale: 
(2)  the  character  of  sol  vent -solute  interaction;  (it)  the  dielectric 
constant  of  the  solvent;  and  (-1)  the  viscosity  of  the  solution.  'I  he  last 
two  factors  are  especially  important  in  the  case  of  inert  solvents. 
As  shown  by  I’ialkov  (l9G.i-(K>),  a  linear  relationship  is  observed 
here  between  the  logarithm  of  the  product  of  viscosity  by  conductan¬ 
ce  and  the  quantity  inverse  to  the  dielectric  constant  of  the  solution. 
He  found  that  if  the  ratio  of  the  viscosity  of  an  electrolyte  to  that 
of  the  solvent  exceeds  a  certain  critical  value,  a  maximum  appears 
on  the  conductivity-concentration  curve. 

.1.3.3.  THE  CONDUCTANCE  «iF  SOLUTIONS 
OF  SOME  METALS  IN  LIQUID  AMMONIA 


Curves  similar  to  the  curves  of  the  anomalous  conductance  of 
electrolytes  in  nonaqueous  organic  solvents  were  obtained  in  studying 
solutions  of  alkali  and  alkali¬ 


ne-earth  metals  in  liquid  ammo¬ 
nia.  On  the  curve  of  the  molar 
conductance  of  a  solution  of  po¬ 
tassium  in  liquid  ammonia 
<Fig.  .1.2)  there  is  a  minimum  at 
a  definite  degree  of  dilution.  The 
conductance  then  increases  regu¬ 
larly  with  dilution,  approaching 
a  certain  limiting  value.  Using 
a  formal  analogy  between  the 
anomalous  conductance  and  the 
conductance  of  solutions  of  me¬ 
tals  in  liquid  ammonia,  one 
could  make  an  attempt  to  apply 
the  concepts  of  ion-complex  for¬ 
mation  to  this  case  as  well.  But 
the  conductance  of  solutions  of 
metals  in  liquid  ammonia  is  so 
high  that  the  ions  (both  simple 
and  complex)  arc  incapable  of 
providing  it.  These  interesting 
solutions  differ  considerably  in 
their  nature  from  solutions  of 
electrolytes  in  water  or  in  orga- 


\  to 


Fig.  5.2.  Dilution  depondenco  of  the 
molar  conductance  of  a  potassium 
solution  in  liquid  ammonia 


"IC  Manic"  ammonia  is  a  solvent  resembling  water  in  some  respects. 
The  intrinsic  conductance  of  water  is  known  to  manifest  itself  as 
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a  result  of  ils  dissociation  according  to  the  equation 
2H;0  =  HjO*  -f  OH- 


(3.M) 


and  its  dissociation  constant  at  ordinary  temperature: 
to  ill-'*.  An  equilibrium  similar  to  (5.34)  is  also  observed 
ammonia 

2NH,  =  NH;  +  ,\H:  (5.35) 

f“l  ll“  equilibrium  constant  of  this  reaction  at  _ :;3  C  is  around 

1U  (according  to  Monoszon  and  Plcskov).  which  is  many  orders 
lower  than  the  dissociation  constant  of  water.  The  intrinsic  coiiduc- 
LTr°  i!qUldlam?D,?1is  ll,croforc  markedly  lower  than  that  of 
water.  Like  water,  liquid  ammonia  is  capable  of  dissolving  consi¬ 
derable  amounts  of  alkali  metals.  For  example,  at  _:}3  7:C  one 
fr?“*'a^°.mneaclf  of  lithium,  sodium  and  potassium  dissolves  in  3.7, 
to  wn.'ip0'?Kn,0|  CS<|r  .^“'d  ammonia,  respectively.  But.  in  contrast 
accomnan  OH  K  SH  r"  °f  ^  mclals  in  ammonia  is  not 

of  I'  *  nC°!,uP<fl,0n  of  the  so,vcnt  «««•  (bc  evolution 

n  ™  r  Y'T,"-  0n'h?1b?sis  of  »>ese  and  some  other  data,  the 
ammonia  can  be 

M  +  *NH,  =  1X1(XH3)v1+  -f  c  (x  _  tf)XHl  r,5.36) 

bvHme^|l!'«  ',<f“.8C,0f.a  C"rre"1  1  l,ro"gh  such  solutions  is  provided 
by  metal  ions  and  electrons  solvated  by  ammonia  F«u  .lion  (5  36) 
accounts  for  the  experimentally  observed  change  of 'electrical  con- 
ductance  with  dilution.  For  near-saturated  solutions  the  decree  of 
e?ici*r ,0"  °f  "T  clec,rons  's  negligibly  small  (x  —  dj  The 
electrons  ,n  such  solutions  behave  as  free  electron'  in  met  Is  ',,'d 

ceCofCmetaK,aTl'iomsUnSl  -r  °"ly  s,lighU>'  «“H«enl  from  the  eomh.ctan- 
Dotassinm  ioHnnU  P  f,C  cond“c,_a"«  of  a  saturated  solution  of 
potassium  in  liquid  ammonia  is  0.5  >;  If)4  ohm-i  P,„-i  i  i.i  ...i,,.. 

'i  mSr'fl'f  Tlil,C'lvl'y  coiiiluclin  inch 

as  mercury  (1  .<  104  ohm"'  -cm-').  At  the  same  time  it... 
conductivity  of  an  aqueous  solution  of  sulphuric  acid  one  of  the 
best  ionic  conductors,  is  only-  0  7  ohm-i  eli-i  •  ?  ?  V 

sssas-Mlli 

»f  nqueous  solutions  ol  cloXvti St 

S«h  .  hiSh  connnCncc'Xt'eeThSn’i:  tt^nSETS 
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anions  (solvated  electrons),  for  which  the  Grotthus  chain  mechanism 
of  ionic  migration  is  even  more  probable  Ilian  for  protons,  and  also 
to  the  lower  viscosity  of  liquid  ammonia  as  compared  with  water. 
So  the  conductance  of  solutions  of  metals  in  liquid  ammonia  is 
a  special  case  of  mixed  electronic  and  ionic  conduction.  Inc  relative 
share  of  electronic  and  ionic  conduction  may  vary  within  wide  li¬ 
mits  depending  on  the  composition  of  the  solution. 

5  3  4.  SOME  OTHER  SYSTEMS  EXHIBITING 
MIXED  CONDUCTION 

Solutions  of  metals  in  liquid  ammonia  arc  not  the  sole  conductors 
exhibiting  mixed  conduction.  This  group  also  includes  gases  subject¬ 
ed  to  the  action  of  cither  an  electric  discharge  or  radioactive  radiati¬ 
on  or  healed  to  very  high  temperatures.  The  majority  of  solid  salts 
exhibit  ionic  conduction  of  the  unipolar  type,  i.c.,  the  current  is 
carried  bv  onlv  one  ionic  species.  For  example,  in  crystals  ol  a  silver 
halide  the  current  is  carried  only  by  cations  and  hence  the  transport 
•lumber  of  a  silver  ion  is  unity,  while  that  of  a  halide  anion  is  equal 
■to  zero  Conversely,  in  crystals  of  lead  nitrate  the  transport  number 
of  the  cation  is  zero  and  only  nitrate  ions  are  mobile  in  an  electric 
•field.  With  increasing  temperature,  however,  almost  all  solid  salts 
show  electronic  conduction.  They  thus  become  conductors  often 
of  the  semiconductor  type,  exhibiting  mixed  electronic  and  ionic 
conduction.  For  some  solid  compounds,  say  for  «-.\g2i>.  mixed 
.conduction  is  observed  over  a  wide  temperature  range.  Typical 
first-class  conductors  such  as  amalgams  and  metallic  alloys  (especial¬ 
ly  in  molten  state)  show  slight  ionic  conduction  when  heavy  currents 
are  passed  through  them,  one  of  the  alloy  components  being  trans¬ 
ported  to  the  cathode  and  the  other  to  the  anode.  The  phenomenon 
of  current  transport  by  ions  in  amalgams  and  alloys  has  been  studied 
insufficiently  so  far. 


CHAPTER  6 

Diffusion  in  Electrolyte  Solutions 


6.1.  BASIC  LAWS  OF  MOLECULAR  WFFI  SION 
6.1.1.  DKHIYATION  OK  KICK'S  LAWS 
Diffusion  occurs  as  a  result  of  the  inhomogeneity  of  I  lie  system, 
i.c.,  when  its  separate  parts  contain  cither  different  substances  or 
the  same  substances  but  in  different  concentrations  (this  gives  rise 
to  a  concentration  gradient).  The  transport  processes  of  diffusion 
can  be  expressed  quantitatively  with  the  aid  of  Kick's  laws. 

Suppose  we  have  a  tube  of  cross  section  £>  filled  with  a  solution 
of  some  substance  (Fig.  G.i)  the  concentration  of  which  decreases 
in  the  direction  of  the  x-axis.  If  in  this  lube  we  mentally  isolate 


Fig.  6.1.  The  d illusion 


(schematic) 


an  elementary  layer  enclosed  between  x  and  i  ilx  (its  thickness 
being  dx  and  volume  9.  dx).  then  the  concentration  and  osmotic 
pressure  will  be.  respectively,  c  and  a  on  its  left  and  c  -  dc  and 
a  —  da  on  its  right.  As  a  result,  the  elementary  layer  will  lie  acted 
'upon  (along  the  x-axis)  by  an  excess  force  9.  da  and  each  particle 
in  the  Inver  Q  dx  by  an  excess  force  equal  to 


XAildx 


(«■«: 


Under  I 
ilong  the 


in  of  osmotic  pressure  the  particles  must 
ith  a  velocity  o>  given  by  the  equation 


(•'■'-) 


•here  /*  is  l he  coefficient  of  internal  friction. 


(.11.  e.  Dilution  in  Etcclrotyte  Solulloni  hj 

Assuming  that  Lite  ideal  gas  laws  arc  applicable  to  the  solution 
in  question  and  expressing  dn  in  terms  of  RT  dc.  one  can  rewrite 
lOq.  (0.2)  ns  follows: 

bl,k  , -ML.%-  (0.3) 

The  number  of  particles  crossing  the  section  Q  in  lime  dl  is 

dn  •-  (»ilci\'A  dl  (*i.i) 

or,  after  eliminating  o>, 

.  RT dc  ,  ...  -. 

(In - j-iljpdt  (()..>) 

Denoting  the  quantity  7/7V/A  by  A,  one  gels 

dn  —  Ml  M-  dl  (0.0) 

Kquation  (0.0)  is  known  as  Pick's  first  law.  The  coefficient  A. 
called  the  diffusion  coefficient,  or  diffusit-iti/11.  has  the  dimensions  of 
cm*  •sec-'  and  indicates  the  number  of  particles  that  diffuse  through 
a  unit  cross-sectional  area  (I  cm5)  of  the  solution  per  I  sec. 

In  deducing  Fick's  first  law  it  was  assumed  that  the  concentration 
gradient  does  not  change  with  lime  and  is  independent  of  the  value 
of  x.  Kick's  first  law  is  thus  applicable  to  the  process  of  steady-state 
diffusion.  Diffusion  however  docs  not  necessarily  occur  under  steady 
state  conditions.  For  example,  if  the  left-hand  portion  of  the  tube 
contains  a  solid  capable  of  dissolving  in  the  liquid  filling  the  lube, 
the  concentration  of  (he  solution  will  change  both  in  spare  and 
in  lime.  It  will  increase  and  reach  a  limiting  value  corresponding 
to  the  solubility  of  the  substance,  and  the  front  of  the  saturated 
solution  will  move  from  left  to  right. 

The  number  of  particles  that  will  enter  the  elementary  layer  dx 
during  the  time  dt  is  given  by 

dn  =---  -A9.L-dt 

di 

The  number  of  particles  that  will  leave  the  layer  during  the  same 
time  dt  is 


since  the  concentration  gradients  at  the  right  and  left  boundaries 
of  the  layer  differ  by  the  amount  {didx)  (dcldx)  dx.  Therefore  I  lie  nuin- 

>)  When  referred  to  molar  quantities  ditlusivity  will  be  smaller  by  a  facloi 
of  Na.  i.c., 

.  RT  kT_ 

,k.\A  “  ,k 
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ber  of  particles  retained  in  the  layer  dx  will  be 


(6-7) 

Equation  (6.7)  is  the  general  differential  equation  for  the  process 
of  diffusion  and  serves  as  a  mathematical  expression  of  Fick’s  second 


Since  in  deriving  Fick's  laws  no  assumptions  were  made  as  to 
the  nature  of  the  solute,  these  laws  can  equally  be  used  to  describe 
the  diffusion  of  electrolytes.  Thus,  using  Eq.  (6.3),  one  can  write 
for  the  diffusion  velocities  <•>,  and  <o_  of  positive  and  negative  ions, 
respectively, 


7‘Tx 


(fi.S) 


"  '  ik.N0 

oflldihfT,i,singriobnsa,i0n  Wilh  EqS-  (6,8)  4nd  <6-9)  y<dd  the  velocities 

=  writ  _i_  *. 


In  accordance  v 
positive  gram-ion: 


ill'  Gqs.  (6.6),  (6.10),  and  (6.11)  the  number  of 
diffusing  through  the  cross-sectional  area  Q  in 
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I  lift 


lime  dt  is  ofjiuil  (<> 

dnt  =  (t,tc,Qdl=  -jpLv'Sligdl 
aii«l.  accordingly,  the  number  of  negative  gram-ions 
dit-  -  «t.cj.idl  --VLL"il^j=dl 
From  expressions  (6.12),  (0.1'!),  and  (1.21)  it  follows 


(0.12) 


(0.13) 


lliat 


(6.11) 


(«.ir>) 


where  A  +  and  A _  are  the  diffusion  coeflicieuts  of  calions  and  anions; 
these  coefficients  have  the  same  dimensions  ns  the  diffusion  coeffi¬ 
cient  A  (cm* -sec-'). 

In  a  general  case  (he  mobililics  of  cations  and  anions  are  not 
equal  (/.'*  /.")  and  hence  their  diffusion  coefficients  arc  not  equal 

cither  (A.,.  =^A_).  Therefore,  at  the  same  concentration  gradient 
positive  and  negative  ions  diffuse  with  different  velocities.  Suppose 
that  there  is  a  boundary  between  two  solutions  of  hydrochloric  acid 
whose  concentrations  are.  respectively,  c  and  c  —  dc ;  then  more 
hydrogen  than  chloride  ions  will  diffuse  in  a  certain  time  to  the  low- 
concentration  side  since  ?.fi+  >  l.ci-.  As  a  result,  an  electric,  potenti¬ 
al  gradient  (a  potential  difference)  develops  between  the  high-  and 
low-concent  ration  sides,  the  dilute  solution  being  positively  charged 
in  this  case'*.  This  potential  difference  will  retard  the  faster  hydrogen 
ions  and  accelerate  the  slower  chloride  ions.  As  the  electric  potential 
gradient  increases  both  types  of  ions  will  begin  to  move  at  the  same 
velocity  and  the  diffusion  of  the  electrolyte  will  occur  in  the  same 
way  as  the  diffusion  of  undissocialcd  molecules.  The  stationary 
potential  difference  set  up  inside  the  solution  due  to  the  differences 
between  ionic  mobilities  is  called  the  diffusion  potential  i|v 

Thus,  the  diffusion  of  an  electrolyte  in  solution  arises  as  a  result 
of  the  operation  of  two  gradients:  the  concentration  gradient  and 
the  electric  potential  gradient  associated  with  the  diffusion  potential. 
On  this  basis  one  can  write  for  the  velocities  of  positive  and  negative 


_  1  -  dc. _  o  difj 

'  r.  ■  dx  '*  dx 
IIT  dc.  .  . 


(0.10) 

(0.17) 


■>  In  all  cases  the  dilute  solution  will  acquire  the  charge  carried  by  the 
Dioro  mobile  ion. 

10—03*1.1 


((i.18) 
(r;.i<i) 

where  d'tJdx  is  I  lie  clcclric  potential  gradient  corresponding  lo  the 
diffusion  potential  ifj.  In  a  steady-state  diffusion  process  at  equal 
ionic  charges  (z  v  =  z.  ■=  z)  and  concentrations  (c+  e  c)  the 
velocities  of  cations  and  anions  arc  also  equal,  («> ..  -  =  (.._)•  therefore 


it  ~  c  '  "57 


(t>.2l» 

Since  o»+  =  ft>_.  the  value  of  zFd^Jdx  can  be  substituted  into  any 
one  of  the  equations  for  ionic  velocity,  for  example,  into  Ku.  (0. 17): 
this  substitution  yields  an  expression  for  the  velocity  of  the  electro¬ 
lyte  as  a  whole 

,,  el  iRT  ic  ,  ItT  u»_ „»  jr  \ 


_  2f!e»  IIT  Jc 

The  number  of  diffusing  moles  is  equal  lo 
dn  o)  Sicdt 

and,  consequently, 

dll  — M"!  IJTO  dr 

sF{H -s-hd"'4*  d7‘ 


<0.2:5) 

(t*-2i) 


Tr^lfL^)nT  A-„ 

represents  the  total  diffusion  coefficient  of  the  electrolyte 

C<l'!ali0"  of  ",c  ,ol«l  diffusion  coefficient' of  the 
?!?■  •  lC'.Ae"'  *,lh.  ll,c  formulas  for  the  diffusion  coefficients  of 
i'*0  “nd negative  ions,  A  +  and  A.,  one  can  express  the  diffusion 
coefficient  of  the  electrolyte  in  terms  of  the  diffusivilies  of  its  con¬ 
stituent  ions.  For  binary  electrolytes 


A,.„  =  - 

c  of  electrolyte 


(15-25) 


«i.2li) 
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For  practical  calculations  of  the  cliff usivily  of  an  ionic  species  I, 
Aj.  the  following  formulas  can  be  used: 

A,  -  8.9G  x  fO'T  ,  cm‘-sec-‘  (0.27) 


A,  -  7.74  x  lO-^-^-.  cm*-dny"1  (0.28) 

Tlic  diffusion  coefficients  of  some  ions  at  25'C  calculated  by  Eq. 
(6.27)  arc  presented  in  Table  6.1. 


The  Diffusion  Coefficients  of  Some  Individual 


The  diffusion  coefficient  of  a  1  :  1- valent  electrolyte 
vcnicnlly  calculated  from  the  formula 

Af„ -- 0.154  T,  cms-day-' 


The  DiiTusion  Coeflicicnts  of  1 : 1-volcnl 
Electrolytes  at  I8°C 


(6.29) 
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obtained  from  Eq.  (6.24)  by  substituting  the  numerical  values  of 
the  constant  quantities  and  using  the  day  (24  hours)  as  (he  time  unit. 

The  diffusion  coefficients  of  1  :  1-valcnl  electrolytes  calculated 
from  Eq.  (6.29)  and  the  respective  experimental  values  arc  given 
in  Table  6.2.  It  was  assumed  in  calculations  that  the  degree  of 
dissociation  of  the  electrolytes  is  unity.  The  agreement  between 
the  theoretical  and  experimental  values  is  fairly  good;  an  exception 
is  acetic  acid  because  of  its  low  degree  of  dissociation. 

G.2.  ION-ION  INTERACTION  DURING  TIIE  DIFFUSION 
OF  ELECTROLYTES 

The  values  of  diffusion  coefficients  given  above  refer  to  infinitely 
dilute  solutions  of  electrolytes  and  are  thus  “ideal"  coefficients  of 
diffusion.  The  experimental  values  of  diffusion  coefficients  do  not 
remain  constant  as  the  concentration  changes  and  decrease  with 
increasing  concentration,  us  a  rule.  Data  on  the  concentration  de¬ 
pendence  of  Ari,  for  some  electrolytes  are  listed  in  Table  6.3.  For 
TABLE  6.3 


The  Concentration  Dependence  ol  Diffusion  Coefficients  at  2.VC 


most  electrolytes  the  variation  of  the  diffusion  coefficient  A,,(  with 
concentration  is  expressed  by  a  curve  with  a  minimum. 

l  ie  concentration  dependence  of  the  diffusion  coefficient  of  an 
electrolyte  is  attributed  to  the  forces  of  interaction  between  diffusing 
ions,  the  hydration  phenomena  taking  place  in  the  electrolyte  and 
he  increase  (or  decrease)  of  the  viscosity  of  the  solution.  None  of 
hese  effects  were  taken  into  account  in  the  Ncrnsl  theory  of  electro¬ 
lyte  diffusion  on  which  all  the  above  equations  arc  based. 

In  considering  the  effect  of  intcrionic  forces  on  the  diffusion  of 
electrolytes  one  should  lake  into  account  the  specific  nature  of  the 
diffusion  process.  Diffusion  differs  from  electrical  conduction 
in  that  positive  and  negative  ions  move  in  the  same  direction,  whereas 
under  the  effect  of  a  current  they  move  in  opposite  directions.  Fur¬ 
thermore,  when  a  steady  slate  is  reached  all  the  ions  of  an  electrolyte 
diffuse  at  the  same  velocity,  while  under  the  inOucncc  of  an  electric 
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cum'iii  Iliey  mo«e  indoptu.lcn I ly  of  one  .noil, or  »Hh i  different 
velocities  In  view  of  this,  llie  electrophoretic  and  relaxation  forces 
associated  will,  the  ionic  cloud  reveal  themselves  during  the  diffu¬ 
sion  of  electro!  vies  differently  than  in  the  case  of  electrical  conducti¬ 
on  In  a  solution  at  equilibrium  all  the  ions  arc  in  a  slate  of  random 
motion  in  which  the  central  ion  and  the  ions  belonging  to  the  ionic 
cloud  mav  move  either  in  the  same  or  in  opposite  directions.  If 
diffusion  is  regarded  as  a  process  associated  with  slight  deviations 
from  the  equilibrium  stale,  then,  in  contrast  to  the  Nernst  heorj. 
Iho  difference  of  real  chemical  potentials,  rather  than  the  drop  of 
osmotic  pressure,  should  be  looked  upon  as  one  of  its  driving  forces. 
Another  force  is  identified,  ns  in  the  Nernst  theory,  with  the  electric 
held  set  up  during  the  movement  of  oppositely  charged  ions  migrat¬ 
ing  with  different  initial  velocities.  The  need  to  use  real  chemical 
potentials  calls  for  introducing  the  activity  coefficients  of  electrolyte 

ions  into  the  diffusion  equations.  The  diffusion  coefficient  A  for 
a  real  solution  is  related  to  the  Nernst  diffusion  coefficient  A  as 
follows 

<«•»» 

liquation  (G.-tO)  agrees  satisfactorily  with  experiment  for  dilute 
solui  ions,  especially  for  electrolytes  of  low  valency.  Its  agreement 
with  experimental  data  becomes  worse  in  the  case  of  stronger  solu¬ 
tions  and  polyvalent  electrolytes.  The  best  fit  between  theory  and 
experiment  can  be  obtained  if  the  following  factors  arc  taken  into 
accouin:  (1)  the  modified  electrophoretic  and  relaxation  effects: 
(2t  i lie  transport  of  water  molecules  by  diffusing  ions;  (3)  the  move¬ 
ment  of  water  molecules  in  the  direction  opposite  to  diffusion; 
and  (i)  the  variation  of  viscosity  with  concentration. 

The  difference  between  the  process  of  diffusion,  on  the  one  lianri. 
and  electrical  conduction  and  the  equilibrium  state  of  electrolytes, 
on  the  other,  must  lie  in  the  character  of  the  ion-ion  interaction. 
It  would  therefore  be  wrong  to  use  the  activity  coefficient  /  or  the 
conductance  coefficient  />.  as  a  correction  factor  in  considering  diffu¬ 
sion  In  thi«  case  it  is  necessary  to  introduce  a  special  coefficient  /,j. 
which  would  take  into  account  the  forces  of  ionic  interaction  spec- 
licollv  for  the  process  of  diffusion.  This  coefficient  may  be  Icrim-d 
the  interaction  diffusion  coefficient.  It  can  be  determined  from  the 

C<,,,,,'i0"  A  =  A°/j  «»-fO 

In  computing  the  value  of  fa  one  should  reckon  with  the  specific 
nature  of  diffusion  processes.  As  already  noted,  during  the  diffusion 
of  electrolyte  solutions  the  ions  move  in  a  single  common  direction 
ami  acquire  the  same  velocity  when  steady-state  diffusion  sets  in. 
Thus,  the  motion  of  oppositely  charged  ior  '•  . . 


s  largely  loses  its  specific 
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wflcl‘  “  111  "«»  i"  •»  eciilibrl.m  soluUon  „„d 

belie"!™  •*»  “  *«*  «™«*  “  P—xl  through  H.  Tli,.  Io., 
o>  Hit  ions  of  Ihcir  ubtlily  lo  move  independently  is  to  n  cerlain 
Cq'n'i  0nt  10  ",e  formaUo"  ion  pairs  or  larger  clusters 
IX’J'S  r  lconc°l>l1  is  wsiially  used  in  considering  the 

properties  of  electrolytes  in  the  region  of  high  concentrations.  It 
viour'of  Moplmlvi rcB,,0.".of  dil'"c  solutions,  for  which  the  bchu- 
nX  it,!1  ,S  s*“»sfactorily  described  on  the  basis  of  the 
Seo  eeuXC  TCCP,S  0f  l'fC  i0nic  cloud-  ,n  ll»  case  of  the  diffusion 
however,  when  the  central  ion  and  the  ionic  cloud 
S.  roX  l.«anme  "rC,Cl,0n'  U,"  ccnlral  ion-ionic  cloud  svstem  mav 
be  treated  as  a  special  ease  of  ion  pair  with  an  intcrion  c  list  mce 
equal  lo  the  radius  of  the  ion  cloud  l'v  The  ieuie 

the'ccnlral'io'u  ll*  *  l?arlic1,e  al  lhc  indicated  distance  from 

and  Xri.  .  „  eiI"0V,,,e  a,°?8  wilh  il  in  ,hc  direction  of  diffusion 

iin-pXconclid"  dATn,lc,,cc  ,of  l!,c  diffusion  coefficient!  nsing'the 


nn  nnir  .  *  i.  °  01  ItlC  dlltlisioil  COefflci 

ohtMn ed  hv  t!h Af  ?r  ccrU,n  si'npiifications  the  1 
obtained  bj  Inin  can  be  pul  down  in  the  form: 

A  =  A*  (1  —  A  Yc  +  lie) 
where  c  =  molar  concentration 
A  “d  B  =  fomp'cx  coefficients,  both  dependent 

charge,  the  dielectric  constant  and  temper 
solution,  and  B.  also  on  the  inlerionic  dis 
ion  pair. 

Though  Eq.  (6.32)  has  not  been  tested  quantilativi 
less  reflects  correctly  the  character  of  varkJion 
coefficient  with  concenlralion  and  helps  lo  obtain 
coinciding  m  form  with  the  experimental  graph  ' 


THE  DIFFUSION  POTENTIAL 

THE  THERMODYNAMIC  TREATMENT 
OF  DIFFUSION  POTF.Y 


c  cqualio 


the  diffusion 


6.3.1. 


"r“*  >vl'“  "*  ionic  moliilli  U.s  m  M 
equal  and  there  is  a  concentration  gradient.  Il  cannot  he  regarded 
ns  an  equilibrium  potential,  though  its  value  mav  remain ^u  in  It  ere 
the  dilln8  I!""*  Undl'r  lll«  conditions  of  steady-stale  diffusion.  Like 
‘  lilt!!  ?  l>r0CCrSS  ‘  SC.f’  lhc  diffusion  potential  is  associated  wilh 

ite&jKSf .  *>»••  -  >""»  . . .  treed 

;:"S“  ■  gg 
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The  two  solutions  are  separated  by  a  layer  (an  inlerpliasc  region) 
of  transitional  coinposilion  and  conceal ral ion.  Il  is  in  Ibis  inlerpliasc 
region  that  the  diffusion  potential  is  localized.  Neither  the  structure 
of  the  intcipbase  region,  nor  the  law  by  which  its  composition  and 
concentration  change  are  known.  Il  may  however  he  staled  Ilia  , 
if  we  mentally  isolate  in  this  region  an  elementary  layer  or  thickness 
dx  extending  from  /I/I  to  hh  and 
assume  that  on  the  left  of  AA  the  -I  i  1 

activities  of  solution  particles  arc  g  j  j  a.tda, 

a„  a»,  a,  and  «»,  then  on  the  right  '[  , 

of  b'b  the  activities  will  differ  ,  i 

from  these  values  by  infinilesiinal  i  \  ,d 

amounts.  When  one  faraday  of  ele-  !  i  j  ! 

ctricity  is  transported,  irreversibly  p  [  ,  U 

and  isolhcrmally.  through  the  iso-  Iyz  —  |  I  ~*2 

laled  system,  its  composition  will  |  [ 

change,  and  so  will  its  free  energy.  a^tdai 

We  will  denote  this  freo-energy  j 

change  by  dG  and  express  il  in  ,  '  . _ 

terms  of  chemical  potentials:  a* I  a*-dak 


dG  --  RT  2  in  id  111  a,  (0.33)  Ofl,r{wo’'^,iutjom  in  contact  giving 
II  Il„.  fraction  ol  ll.e  cm.,!  c„r- 
ried  hv  a  given  ionic  species  is  t,. 

then  l he  ratio  t,:z,  will  be  equal  to  the  number  or  gram-uioleculcs 
of  the  transported  substance: 

from  which  and  according  to  liq.  (6.33) 

dG -  -  RTZ  d  In  oj  (6.34) 

At  I  lie  same  lime  the  free-cnergy  change  here  corresponds  to  electri¬ 
cal  work  n-. 

,IG  =  -  Fityj  (6.0.)) 

where  ifi  is  ll>c  diffusion  potential.  Replacing  dG  in  Kq.  (6.34)  by 

its  value  from  liq.  (6.35)  and  solving  the  resulting  equation  for 

one  can  obtain,  upon  integration,  the  following  general  expressi¬ 
on  for  the  diffusion  potential  between  the  solutions  1  and  II: 


i|*ti - - [  2-^-dlnn/ 


THE  PI.ANCK  AM)  III-  NDKKSON  THEOIUES 
I‘.<1  Uiilion  (0.30)  contains  individual  ionic  nclivitie ■  whirl 
nol  thermodynamically  measurable,  ami  any  altcmiil”  al  i|,,!r,m! 
dynamic  delcrminalion  of  diffusion  potentials  is  .loomed  to  r.il r! 
Inc  values  of  if,,  can  be  calculated  if  certain  assume!  ions 

X,™  s;r,:""r*  I!«  “"".’I"*-  win,, i,,;,.,, 

character  of  changes  in  ionic  activities  and  ionic  mobilities  there 

n«llv,MthTS-*)  'Vh-lrlSOlVCd  by  Pla,lck  "•  «««.  «-h«  ‘lisu  m< 

rstly,  that  ionic  mobilities  are  independent  of  concentration  ..  I 
Ihe  properties  of  tbc  solvent  undergo  no  change  noon  transition 
from  soliiHon  I  to  solution  II  and  secondly,  that  i|„.  ion« 

I  anil" 1 1 SlKCl  y  ,,n,lCd  S|,acc  °"  cithcr  si,l«  of  which  are  .solutions 

Kh  uSSbi'iTS'  "  ","kTn  *  ll,»  Il»  PM  I  liL-orv 

on  ..It”  “  \  a  ,1  lIC"  1,10  acl,vil'cs  and  concentrations  arc 

d.I  r  i?‘  “  C|)’  0n.lllc  basis  of  these  assumptions  one  ran  obtain 
the  following  equation  for  the  diffusion  potential 
a,  RT  ,  . 

fd^-pins  f|i.37i 


a  certain  transcendental  functio 


1  d”“'  i*™°  I’ ;  1 ' 

i»  M7  uZi  ,T  T  *****  ♦.  was  propo.,,,1  ]„  n1.,„|,.„0„ 

;  ,\  _ V  i  “n r  >T  ‘kmlot.  bo  „  .1,0 

and  *  the  friclion  of  soh!. ion  ft.lhl  valu'rof^r ,i0".  °f  S0,"li‘"'  1 

hi" \Iodel ir<fC!i0n  fr°m  ,!Cfl  10  r'8hl-  fro,n  I'oinl'i  lo' point  '->° 
resn,  ds  thl  fo»f  ,ntcrPl,J“°  region  (diffusion  layer)  there  cor- 
n.  ponds  the  following  equation  for  the  diffusion  potential- 


((i.3«J) 
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Here  again  the  single  prime  stands  for  sol  ni  ion  I  .uni  I  he  double 
prime  for  solution  II.  When  substituting  the  valencies  into  Eq. 
((>.30).  one  should  take  (hem  with  the  sign  of  Ihe  pnrlicular  ion. 

A  pari  from  the  above  two  methods  for  calculating  diffusion  nr 
liquid  junction  potentials,  other  methods  were  also  proposed:  ( Ut¬ 
most  effective,  however,  is  the  method  develrqiod  by  Henderson. 

Equations  (6.38)  and  (6.39)  are  not  used,  as  a  rule,  because  they 
arc  cumbersome  in  their  general  form.  Resides,  simple  special  cases 
are  more  important  in  practice.  Two  such  discs  are  discussed  below. 

i.  Two  solutions  of  one  and  Ihe  same  electrolyte  MA  but  of  diffe¬ 
rent  concentrations,  c'  and  c  .  For  this  special  case  the  Planck  and 
Henderson  equations  simplify  to 


Substituting  the  activities  for  the  concentrations,  one  can  apply 
Eq.  (0.40)  to  concentrated  solutions.  In  (his  case 

'fc.'T'fex-1"'?-  (Oil) 

where  the  ionic  mobilities  and  >.+  must  correspond  to  the  ionic 
activities  in  solutions  I  and  II. 

2.  Solutions  of  two  dissimilar  electrolytes  with  a  common  ion 
(for  example,  M'A  and  M'A),  the  concentrations  of  the  electrolytes 
being  equal,  c'  =  c.  For  this  case  the  Planck  and  Henderson  equati¬ 
ons  reduce  to  the  form 


Taking  into  account  that  X?  XI  =  /.g,  one  can  write,  in  place 
of  Eq;  (6.42): 

'“if- 


0.3.3.  KXPEItlMENTAL  DATA  OX  DIFFUSION 
POTENTIALS 

Some  values  of  diffusion  potentials,  both  experimental  and  cal¬ 
culated  by  Eq.  (6.43),  are  given  in  Table  6.4.  The  highest  diffusion 
potentials  are  observed  in  those  cases  when  one  of  the  solutions  used 
is  an  acid,  because  the  mobility  of  the  hydrogen  ions  present  in 
acidic  solutions  (e.g.  in  a  solution  of  hydrogen  chloride)  exceeds 
the  mobilities  of  all  other  ions.  It  can  be  seen  from  Table  6.4  that 
the  disparity  between  the  experimental  and  calculated  values  of 
diffusion  potential,  though  not  great,  reaches  several  millivolts. 


Tiro.  Xonri/iulibriutti  Phrnoniena  in  Solutions 


Comparison  of  Experimental  nod  Calculated  Values 
of  DilTusion  Potential 


11 ,  d 

V  mV 

rxiirriinriilal  | 

riilcnla  Icil 

1101  -  KCI 

. 

•>s 

IlCl-XaC.I 

“■! 

1ICI  -  l.iCI 

NaCI  -  MCI 

KOI  —  MCI 

a 

1? 

pP 

exceeding  permissible  experimental  errors.  Fur  Ibis  reason  it  is  not 
recommended  to  use  Eqs.  (G.40)  and  (8.43)  or  the  general  equation 
(6.3'J)  for  accurate  calculations  of  diffusion  potentials. 

Methods  have  been  proposed  for  diminishing  l  he  diffusion  potenti¬ 
al  at  the  boundary  between  two  different  solutions  and  thereby  reduc¬ 
ing  the  error  introduced  by  it  into  the  emf  measured.  One  of  these 
is  the  salt  bridge  method.  It  consists  in  interposing  between  two 
solutions  a  concentrated  solution  of  an  electrolyte  with  nearly  equal 
cationic  and  anionic  mobilities.  In  this  case  one  liquid  junction 
is  replaced  by  two:  the  diffusion  potential  at  each  . . .  boun¬ 

dary)  is  smaller  than  at  the  original  boundary.  Mori-u' . ,  ,  l, 
sum  potentials  at  the  two  boundaries  are  often  nppn>i  . jn,,  ,s 
a  result  of  winch  the  total  diffusion  potential  i-  redm  t  ] jT  si.cli 
salt  bridges  use  is  made  of  saturated  solutions  of  polas-ii.ei  chloride 
or  ammonium  nitrate  whose  cationic  and  anionic  mniiilii les  an- 
nearly  equal  (see  Table  4.2).  Since  diffusion  potential-  r.uiuni  he 
completely  eliminated  by  Ibis  method,  in  measurement-  requiring 
high  accuracy  system-  are  constructed  in  which  there  i-  ■■■■  interface 
(and  I  Inis  no  diffusion  potential)  between  two  different  solutions. 

The  absolute  value  of  diffusion  potentials  (Table  8.4)  is  small 
and  docs  not  exceed  several  lens  of  millivolts.  Thai  is  why.  in  indu- 
slrial  electrochemistry  diffusion  potentials,  ns  a  rule,  are  ignored. 
True,  measures  are  taken  occasionally,  for  example,  in  the  industrial 
electrolysis  of  water,  to  reduce  diffusion  potentials  in  order  to  cut 
down  power  consumption. 

There  arc  grounds  for  believing  that  diffusion  potentials,  along 
with  membrane  potentials,  whirharc  the  domain  of  colloid  chcmislrv. 
play  an  important  part  in  the  vital  activity  of  animals  and  plants! 
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Electrode  Equilibrium 


CHAPTER  7 

Equilibrium  Electrode  Potentials 


7.1.  THERMODYNAMIC  EXPRESSION 
FOR  EQUUBRll'M  ELECTRODE  POTENTIAL 
Suppose1  the  following  reaction  proceeds  reversibly  and  mother* 
nially  in  an  electrochemical  system: 

v.\A -!  v„B  ...  v,  L  vjiM-v-  ...±Q 

Al  constant  pressure  the  change  of  the  free  energy  C  in  this  reaction 
corresponds  to  the  electrical  energy  of  the  system: 

—A Gr.  p  =  zFF.r.  p 

and  the  reversible  emf  of  the  system  will  he  defined  as 


At  the  same  time,  according  to  liq.  (1.43). 

AC  =  -Hi'", 

where  v,  is  the  stoichiometric  number  for  the  component  possessing 
the  chemical  potential  p(;  here,  all  the  values  of  v,  arc  taken  as 
negative  for  the  reactants  and  as  positive  for  the  reaction  products. 
Since,  according  to  Kq.  (2.27). 

Pi  ~  p?  -r  HT  In  a, 
then,  in  place  of  (1.43).  one  can  write 

AC  —  Spjv,  RT  - v,  In  at 
or.  taking  into  account  the  signs  before  v(. 

ac  . ,  2p?v, nr  in  ' 


(7.2) 


ISO  Part  Three.  Electrode  Equilibrium 

where  a  positive  value  is  assigned  lo  all  the  stoichiometric  numbers 
v,  contained  in  the  logarithmic  term.  If  the  activities  of  all  the 
substances  participating  in  the  reaction  arc  equal  to  unity,  i.o., 
if  for  any  of  them  a,  =  I,  or  if  <r(  ^s=  1  but 


AG  =  AG°  =  Xpjv,  =  RT  In  K 
where  AG°  =  standard  change  of  the  free  energy 

K  =  equilibrium  constant  of  the  chemical  reaction  in 
question  at  definite  temperature  and  pressure. 

Ihe  quantities  AG°  and  K  have  the  same  meaning  here  as  in  the 
familiar  equation  of  the  chemical  reaction  isotherm 

AC  =  RT  In  K  +  RT  In  (7.3) 

On  the  basis  of  Eqs.  (7.1)  and  (7.2)  one  can  write: 


From  Eq.  (7.4)  it  follows  that,  at  a,  =  1  for  each  component  and 
also  when  the  logarithmic  expression  in  the  second  term  on  the 
right-hand  side  of  the  equation  is  equal  to  unity. 


This  value  of  the  emf  corresponding  to  the  cquilibri 
of  a  current-producing  electrochemical  reaction  is  del 
and  is  called  the  standard  emf  of  an  electrochemical  sm 
Ihus.  the  emf  of  any  equilibrium  electrochemical  systen 
on  of  the  standard  emf  and  of  the  activities  of  the  pa 
the  electrochemical  reaction  and  is  given  by  the  cqualio 


(7.5) 

m  constant 
oled  by  £* 
cm,  or  cell. 


or,  in  the  decimal  system, 


(7.6) 


E -■=  E"  +  2.303 ^ log -**af  ' ' '  (7.7) 

aLL“u  ••• 

r*°  ot  I'fclogarithmic  factor  in  Eq.  (7.7)  as  well  ns  in 
vq.  (  .0)  is  a  linear  function  of  temperature.  For  any  temperature 
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T  il  cun  be  found  from  the  forinuln 

o.ooota*  T  (7.8) 

Some  values  of  the  fnclor  2.303 HT.’F  (which  will  further  he  denoted 
as  6*)  in  Kq.  (7.7)  arc  presenled  in  Table  7.1  for  temperatures  ranging 
from  —50  lo  -i- 150*0. 

TAM.E  7.1 


Values  of  Hie  Factor  6®  =  2.303  RT/E  for  Different  Temperatures  " 


At  room  temperature  (18-22X)  the  value  of  6°  may  lie  taken  as 
0.06  V  with  sufficient  accuracy. 

Kq  nut  ions  (7.4)  and  (7.6)  lack  certainty  in  the  sense  that  il  is 
not  always  possible  to  establish  which  of  the  participants  of  the 
reaction  arc  tile  reactants  and  which  the  resultants.  Therefore,  unless 
some  additional  conditions  are  introduced,  the  emf’s  may  turn  out 
to  be  of  opposite  sign  for  one  and  the  same  electrochemical  system. 
Such  additional  conditions  have  been  worked  out  and  recommended 
for  general  use  by  the  International  Union  of  Pure  and  Applied 
Chemistry  (IUPAC);  their  significance  will  become  clearer  after 
the  concept  of  “single  electrode  potential",  or  “electrode  potential". 

(ini'  of  the  basic  features  of  an  elect rocheniicul  system  is  the 
spatial  separation  of  the  participants  of  the  reaction  taking  place 
in  it.  Thus  the  overall  current-producing  reaction  consists  of  two 
partial  reactions,  each  occurring  at  the  respective  electrode.  Accor¬ 
dingly,  the  omf  of  an  electrochemical  system,  which  reflects  the 
change  of  its  chemical  energy  in  the  course  of  the  overall  reaction, 
must  also  represent  the  sum  of  two  electrode  potentials.  Kadi  of 
these  corresponds  to  the  change  of  the  chemical  energy  during  the 
respective  electrode  reaction.  Thus 

E  =  e,  -i-  e.  (7.0) 

where  e,  and  e2  are  the  electrode  potentials. 
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Suppose  dial  I  lie  following  road  ions  proceed  at  I  lie  first  ami  the 
second  electrode,  respectively: 

v*A-i-...  =vlL  (7.10) 

vbB+  ...  =ifvj,M  (7.11) 

Then,  in  place  of  Kq.  (7.7),  one  can  write 


£  =  e,  -r  e3  ^  rj —  log  -j-  |og (7.12) 

where  e°,  and  ej  arc  standard  electrode  potentials,  their  sum  being 
equal  to 

*:  +  =  £•  (7.i3) 


From  Eqs.  (7.7)  and  (7.12)  it  follows  that  the  equation  for  the 
electrode  potential  has  the  same  form  as  the  general  thermodynamic 
equation  for  the  cmf  of  all  electrochemical  system: 


(7-14) 


with  the  only  difference  that  it  includes  the  activities  of  the  sub¬ 
stances  taking  part  in  the  respective  electrode  reaction.  The  standard 
electrode  potential  corresponds  to  the  potential  of  .  reversible 
electrode  when  the  activity  of  each  of  the  participants  of  the  electro¬ 
de  reaction  is  equal  to  unity,  i.e..  a,  =  1.  or  when  a,  ^  I  but  the 
product  of  the  activities  of  all  the  participants  is  equal  to  unitv. 

Experimentally,  one  can  determine  only  the  value  ■>!  E  or  £°. 
i.e.,  only  the  sum  of  electrode  potentials  e,  and  e-,  or  .?  and  ef. 
but  not  the  potential  of  each  electrode  separately  The  quantities 
?<  ""**  *=  I*  S'ven  any  values  provided  that  ilieir  sum  satisfies 
fcq.  (7.»).  to  eliminate  the  uncertainty  of  e  values  sou.,  additional 
condition  should  he  introduced. 

This  additional  condition  usually  consists  in  selecting  a  reference 
electrode,  whose  potential  is  taken  to  be  equal  to  zero,  all  other  ele¬ 
ctrode  potentials  being  referred  to  it.  In  this  case  electrode  potentials 
are  expressed  on  an  arbitrary  or  relative  scale,  their  values  depending 
on  the  nature  of  the  adopted  reference  electrode.  Nernsl  proposed,  as 
the  arbitrary  zero,  the  potential  of  a  hydrogen  electrode  at  a  unit 
Hydrogen  ion  concentration  and  a  hydrogen  gas  pressure  of  I  atm.  This 
arbdrary  scale  is  called  the  hydrogen  scale.  Another  idea,  suggested  bv 
Uslwold.  is  to  use.  as  the  reference  potential  for  (he  arbitrary  scale, 
the  potential  of  a  mercury  electrode  under  conditions  in  which  its 
charge  with  respect  to  the  solution  is  zero.  Assuming  that  in  this 
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case  nol  only  Hie  charge  bill  also  the  potential  of  the  mercury  ele¬ 
ct  rode  is  equal  to  zero,  Ostwald  named  his  scale  the  absolute  potential 
scale.  At  present  the  arbitrary  hydrogen  scale  is  mainly  used,  in 
which  the  potential  of  the  standard  hydrogen  electrode  (SHE)  is 
chosen  ns  the  zero  at  all  temperatures.  It  differs  from  the  Nernsl 
hydrogen  scale  in  that  unit  activity  and  unit  fugacity  an-  chosen 
in  place  of  unit  concentration  and  unit  pressure.  Thus,  electrode 
potentials  can  la-  determined  on  the  hydrogen  scale  at  all  temperatu¬ 
res.  Their  direct  comparison  is  impossible  however  since  the 
hydrogen  electrode  potential  may  vary  with  temperature,  i.e..  t lie- 
arbitrary  zero  will  nol  lie  the  same  at  different  temperatures. 

In  certain  cases,  for  example,  in  polarography.  electrode  potentials 
are  referred  to  a  normal  calomel  electrode;  they  can  however  be 
readily  converted  to  hydrogen  scale  units. 

7.2.  INTERNATIONAL  CONVENTION 
FOR  ELECTROMOTIVE  FORCE  AND  ELECTRODE 
POTENTIALS 

The  adoption  of  the  hydrogen  scale  made  it  possible  to  assign  deli- 
nilc  numerical  values  to  the  potentials  of  the  various  electrodes 
and  to  compare  them.  It  did  nol  however  eliminate  the  uncertainly 
associated  with  the  use  of  the  equations  for  electrode  potentials  (7.7) 
and  (7. Id)  and  with  the  resolution  of  the  question  which  substances 
should  he  regarded  as  the  reactants  and  which  as  the  reaction  pro¬ 
ducts.  This  uncertainty  once  led  to  a  paradoxical  situation  where 
America  and  Europe  used  opposite  signs  for  electrode  potentials 
(though  their  absolute  values  were  identical,  of  course).  To  unify 
the  sign  system  for  electrode  potentials,  the  1  Ul’AC  agreed  at  Stock¬ 
holm  in  1053  to  adopt  the  European  sign  convention  for  general  use 
in  all  countries  of  the  world.  The  adoption  of  the  convention  for  the 
signs  or  electrode  potentials  is  associated  with  the  introduction 
of  definite  rules  for  writing  the  constituents  of  an  electrochemical 
system,  or  cell,  the  overall  electrochemical  reaction  and  partial 
electrode  reactions.  At  present,  any  electrochemical  system  is  written 
as  follows:  (1)  the  material  of  one  of  the  two  electrodes  in  the  cell; 
(2)  the  solution  in  contact  with  it;  (3)  the  solution  in  contact  with 
the  other  electrode:  and  (4)  the  material  of  the  latter  electrode. 
In  this  notation  the  electrodes  are  separated  from  the  adjoining 
solutions  by  a  single  bar.  and  two  different  solutions  cither  by  a 
double  bar  indicating  that  the  diffusion  potential  (liquid  junction 
potential)  has  been  completely  eliminated  or  by  a  dashed  line  if 
it  persists.  If  an  electrode  or  a  solution  contains  two  or  several 
different  substances,  the  latter areseparuled  by  a  comma  (or  commas). 

For  example,  the  notation 

PI.  H-/HCI//CnSO,/Cu 


(7.15) 


corresponds  to  an  electrochemical  system,  or  cell,  consisting  of 
a  hydrogen  electrode  immersed  in  a  solution  of  hydrochloric  acid 
and  a  metallic  copper  plate  dipped  into  a  solution  of  copper  sulphate; 
the  diffusion  potential  at  the  boundary  between  the  two  solutions 
in  this  cell  has  been  completely  eliminated.  The  hydrogen  electrode 
is  a  metal  plate  (usually,  with  a  sufficiently  developed  surface) 
in  contact  with  hydrogen  gas  and  immersed  in  a  solution  containing 
hydrogen  ions.  Instead  of  the  substances  in  solutions,  one  may  write 
only  the  potential-determining  inns.  The  cell  (7.15)  mav  he  written 
thus: 

Pi,  H./H'//Cu‘VCu  (7.1(1) 

since  the  potential  of  the  electrode  on  the  left  depends  on  the  hydro¬ 
gen  ion  concentration,  and  the  potential  of  the  right-hand  electrode 
on  the  concentration  of  cupric  ions. 

The  electromotive  force  (omf)  of  a  cell  is  equal  to  the  potential 
of  the  electrode  on  the  right  provided  that  the  potential  of  the  elect ro- 
de  on  the  left  is  zero.  The  electrode  potential  is  the  cmf  of  a  cell 
with  a  given  electrode  on  the  right  and  an  SHK  on  the  left.  The 
diffusion  potential  must  be  eliminated.  The  omf  and  the  electrode 
potential  are  therefore  determined  hy  one  and  the  same  equation; 

£  =  er-e,  =  e„  (7.17) 

in  which  r  stands  for  the  electrode  on  the  right  and  /  for  that  on  the 
left  provided  that  when  determining  the  electrode  potential  the  left 
electrode  is  a  standard  hydrogen  electrode;  the  subscript  II  signifies 
that  the  electrode  potential  is  expressed  on  the  hydrogen  scale.  The 
cell  cmf  is  considered  positive  when  the  electric  current  in  the  electro¬ 
lysis  circuit  flows  from  left  to  right,  and  negative  when  the  current 
flows  in  the  opposite  direction.  Equation  (7.17)  defines  the  cmf 
of  a  cell  as  the  difference  between  two  electrode  potentials  each  of 
which  is  expressed  on  the  same  conventional  hydrogen  scale,  liquati¬ 
ons  (7.9)  and  (7.17)  yield  the  same  result  if  ' 


Suppose  we  are  to  measure  the  potential  of  a  zinc  electrode  using 
the  hydrogen  scale.  In  order  to  obtain  for  the  zinc  electrode  the  sign 
of  its  potential  conforming  to  the  International  convention,  the 
electrochemical  system  should  be  written  thus: 

Pi,  H:/IW/Zn=*/Zn  (7.18) 

Since  tho  cell  cmf  is  equal  in  magnitude  and  identical  in  sign  with 
the  potential  of  the  metallic  conductor  on  the  right,  the  potential 
of  the  metallic  conductor  on  the  left  is  taken  to  be  zero.  The  reaction 
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proceeding  in  this  cell  i 


written 
+  Zn2*  = 


s  follows 
211*  +  Zn 


If  l ho  electrode  on  the  left  is  n  standard  hydrogen  electrode,  then 
the  cell  einf  will  he  equal  to  the  zinc  electrode  potential.  'I  he  reaction 
corresponding  to  tho  potential  of  the  zinc  electrode  must  therefore 
be  written  as 

Zn2*  -j-  2e  =  Zn 

and  the  zinc  electrode  represented  ns 
Zn2*/Zn 

Onlv  when  the  reaction  is  written  in  this  way,  i.o.,  when  the  zinc 
ions'  are  regarded  as  reactants,  and  the  metallic  zinc  as  the  product 
or  the  reaction,  will  the  application  of  formula  (7.14)  yield  the  sign 
of  the  zinc  electrode  potential  in  accord  with  the  International 
convention.  It  is  known  from  experiment  that  in  the  cell  (7.18) 
positive  electricity  flows  from  right  to  left  and  hence  the  cmf  as 
well  as  the  zinc  electrode  potential  equal  to  it  will  be  a  negative 
quantity  *>.  If  one  writes,  in  place  of  (7.18), 

Zn/Zn2*//H*/H:,  Pt 

the  flow  of  the  current  will  be  reverse 
to  right,  and  the  cell  cmf  will  be  posili 
equal  to  the  zinc  electrode  potential. 

The  potential  of  a  half-cell  corresponds  to  the  definition  of  the 
electrode  potential  if  it  is  written  so  that  the  substances  in  solution 
are  placed  on  the  left,  and  the  electrode  material  on  the  right  of 
the  bar 

Zn2*/Zn 
Cl ‘/Cl..  Pt 
Ke2*,  Fe**/Pl 

The  other  half-cell  placed  on  the  left  is  here  taken  to  be  a  standard 
hydrogen  electrode.  Heactions  giving  rise  to  an  electrode  potential 
should  he  written  so  that  the  oxidized  forms  (reactants)  are  on  the 
left-hand  side  of  the  equation  and  the  reduced  forms  (resultants) 
on  the  right-hand  side: 

Zn1*  2c  -  Zn 

ici.-l-c-CI- 


>>  This  implies  tlml  measures  have  boon  taken  to  eliminate  the  diffusion 
potential  (liquid  junction  potential)  and  so  it  is  not  included  in  tho  cell  cmt. 
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The  recommendations  of  the  Stockholm  convention  were  the 
subject  of  discussion  at  the  17th  session  of  the  Inlernational  Commit- 
tee  of  Electrochemical  Thermodynamics  and  Kinetics  (CITCE.  Japan. 
190(5).  The  nomenclature  panel  of  the  Committee  suggested  that  the 
use  of  the  terms  “electromotive  force"  and  “potential"  should  U 
limited  and  the  term  “voltage”  used  on  a  wider  scale  retaining  the 
word  potential”  only  in  such  combinations  as  “electrical  (electro¬ 
static)  potential"  and  “chemical  potential".  It  was  recommended 
to  replace  the  term  “electrode  potential"  by  “electrode  voltage"  and 
to  use  the  concept  of  "electromotive  force",  which  is  equivalent  to 
“chemical  potential  of  an  electrochemical  cell,  or  system",  only 
in  connection  with  free  energy  change  occurring  in  the  course  of 
a  reversible  electrochemical  reaction,  and  to  define  it  with  the  aid 
of  the  equation 


As  to  the  quantity  measured  experimentally  it  was  recommended 
to  use  the  term  “the  voltage  of  a  system  (cell)"  or  “the  electrical  vol¬ 
tage  of  a  system  (cell)"  and  to  designate  it  by  the  letter  U.  The 
quantity  U  is  defined  as  the  difference  between  tin  inner  potentials 
(sec  page  211)  of  two  identical  conductors  connected  l<>  the  electrodes 
of  an  electrochemical  cell.  The  cell  notation  is  the  n  versed  notation 
used  for  defining  the  emf.  For  example,  the  cell  (7. 1 S>  is  constituted 
thus: 

Cu7Zn/Zn1*//H*/H2,  Pl/Cu 

and  the  voltage  across  the  cell  is  measured  as  the  di>n  fence  between 
the  inner  potentials  in  the  conductors  Cu'  and  Cu.  If  the  cell  is  in 
electrochemical  equilibrium,  then  from  the  doliniii,.n  of  the  emf 
and  voltage  it  follows  that 


E  +  Vr  =  0 

where  U,  is  the  reversible  voltage  across  the  cell.  Naturally 


£fr=-£  =  ^- 


Similar  definitions  arc  proposed  for  the  electrode  voltage.  When 
iVJThni  (l!S  |,as“<‘ 1 lhrou8l>  «  cell,  the  voltage  must  always  he  equal 
l  b  «*«m (E  -  —  U')  is  pegged  specifically  to  the  equilibri¬ 
um  stale  and  is  not  a  function  of  mnwni  ini.mcii. 


...  . .  ■■  ■■■■".nun  ui  mrreni  intensity. 

Hie  suggestions  made  by  the  Nomenclature  Coinmissio 
yet  gained  universal  recognition  and  therefore  further  in 
electrode  equilibrium  will  be  treated  in  accord  with  the 
convention. 


ui  have  not 
»  this  book 
Stockholm 
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7.3.  CLASSIFICATION  OF  ELECTRODES 
As  follows  from  fiq.  (7.14) 


Ihe  potential  of  any  electrode  at  a  given  temperature  and  pressure 
is  determined  by  the  magnitude  of  the  standard  potential  e°  and 
the  activities  of  the  substances  taking  part  in  the  electrode  reaction. 
The  standard  potential  is  a  constant  which  is  specific  for  each  electro¬ 
de.  while  the  activities  of  Ihe  reacting  species  may  be  different, 
depending  on  the  concentration  of  the  reaction  medium.  The  effect 
of  the  activities  of  the  species  involved  on  the  electrode  potential 
is  directly  associated  with  the  nature  of  the  electrode  reaction,  and 
this  relationship  lies  at  the  basis  of  the  classification  of  electrodes. 
It  is  customary  to  distinguish  electrodes  of  the  first  or  second  kind, 
gas.  redox,  and  some  special  types  of  electrodes. 


7.3.1.  ELECTRODES  OF  THE  FIRST  KIND 
Metal  electrodes  of  the  first  kind  can  be  represented  schematically 
M;VM 

and  non-metal  ones  (metalloids)  as 
Me'' "/Me 


The  electrode  reaction  is  written  accordingly 
M  *  -  se  =  M 
Me  -  :e  =  Me'" 

Subst it  tiling  the  activities  of  the  species  involved  in  the  electrode 
reaction  into  Ihe  general  equation  of  electrode  potential  (<M)  yields: 

e  =  (7-‘9) 

-M’/M  zh  «M 

for  a  metal  electrode  of  the  first  kind  and 


for  a  non-metal  electrode  of  Ihe  first  kind.  Considering  that  the 
activity  of  a  pure  solid  at  a  given  temperature  is  constant  and  assum¬ 
ing  it  to  he  equal  to  unity,  expressions  (7.19)  and  (i. 20)  can  be  simpli- 


(7.21) 
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fled  lo 

_  _  -o  ,  W  , 

eM**/M  ~  eM!*/M  T  T  log  «„.♦ 

and 

eMc--/M«  =  eM.«-/Me  -  T  lo8  “mc‘-  0  • 22) 

11  can  be  seen  from  Iiqs.  (7.21)  and  (7.22)  that  Ihe  polenlial  of  an 
electrode  of  the  first  kind  depends  on  the  activity  of  only  one  ionic 
species.  The  ions  that  govern  the  magnitude  of  electrode  potential 
arc  called  potential-determining  ions.  In  the  case  of  metal  electrodes 
ot  the  hrst  kind  the  cations  of  Ihe  metal,  and  with  non-metal  electro¬ 
des  the  anions  of  Ihe  non-metal  play  Ihe  pari  of  potent  ial-dctormin- 
ing  ions.  A  silver  plate  immersed  in  a  solution  of  silver  nitrate,  or 
a  copper  plate  dipped  in  a  solution  of  copper  sulphate  are  typical 
examples  of  metal  electrodes  of  the  first  kind.  A  silver  electrode  of 
the  first  kind  is  represented  as 

Ag*/Ag 

with  the  electrode  reaction 

Ag*  +  e  =  Ag 
and  the  electrode  potential 

*a«v,\r  =  eAE*/AR  +  b°  log  aAt.  (7.23) 

After  substituting  the  numerical  values  of  e®  and  6®  at  2.VC  one  has 
=  +  0.799  +  0.0592  log  aA,+  (7.24) 

For  n  copper  electrode  of  the  first  kind  we  have,  accordingly. 
Cu**/Cu 

d  Cu**  +  2e  =  Cu 


.  -o  .  b°  , 

'  eCus+/Cu  +  T  loe  flCul* 


®cu»*/Cu  “  +  0.3i{  ~  0.03  log  aCui, 


A  selenium  electrode  may  be  quoted 
electrode  of  the  first  kind:* 


an  example  of  a 


(7.25) 


(7.2l>) 

non-metal 


So  +  2e  =  ScJ- 


(7.27) 
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or.  nl  25®C, 


.,.(Sc  =  —  0.92  —  0.02  log  as«5- 


DM  clccl  roil  us  ol  II, n  iM  M  ol  M* 
and  arc  easier  to  conslrucl  than  non-mclnl  electrodes.  In  tin  lau.  r 
case  mcMuremcn.8  of  the  potential  usually  require  w^r  .on  of  a 
inert  metal  conductor  into  the  system  consisting  of  a  non-metal  and 
its  ions. 

7.3.2.  ELECTRODES  OP  THE  SECOND  KIND 

covered  by  one  of  its  sparingly  soluble  compounds  M1..  oxide. 
hvdroxide)  immersed  in  a  solution  having  the  same  anion  as  the 
sparingly  soluble  compound  of  the  electrode  metal.  A  generalized 
electrode  of  the  second  kind  may  be  expressed  as 
A--/MA,  M 

with  the  electrode  reaction 

iMA  +  ze  =  M  -r  A*" 

The  equation  for  the  electrode  potential  will  then  be 

,  =P.  —  |0g  —  (7.28) 

eA!"/JIA.  M  PA‘/MA.  M  s"8  «a;-«»I 

c:,.....  ii1L.  activities  of  metal  M  and  solid  substance  MA  arc  constant 
fhc  eq-mliS  fir  The  potential  of  the  electrode  of  the  second  kind 
mav  he  simplified  to 

=  »•“..  *logov.-  (7.29) 

ba‘*/ma.  M  'a-  MA.  M  ;  ”  A 

Thus,  the  potential  of  an  electrode  of  the  second  hind  depends  on 
the  anionic  activity  of  the  sparingly  so  uble  compound  of  th eh*  ro¬ 
de  metal.  The  values  of  the  potentials  of  electrodes  o  hc  ^e  nd 
kin, I  are  readily  reproducible  and  stable.  These  electrodes  at r,  often 
employed  as  standard  half-cells  or  reference  electrodes'' xu l hrtspecl 
to  which  the  potentials  of  other  electrodes  arc  measured.  Of  gri.  e. ' 
interest  ill  practice  are  calomel,  mercury-mercurous  sulphate,  -i 
ver-siiver  chloride,  mercury-mercuric  oxide.  and  antimony  elec  ro<  e  . 

Calomel  Electrodes.  The  calomel  electrode  consists  of  a  p 
mercurv  covered  with  a  paste  of  mercury  and  calomel  and  immersed 
in  a  solution  of  potassium  chloride  acting  as  eleclrolju. 

Cl-TIg-CI..  Tig 

»  They-  are  often  called  subsidiary  or  secondary  ^‘re^e  electrodes  in  dW.in- 
clion  to  the  hydrogen  electrode,  which  is  known  ns  ine  p  ima  j  / 
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The  electrode  reaction  is  the  reduction  of  the 
chloride)  to  metallic  mercury  and  a  chloride  an 
HgjCI*  -f  2e  =  Mg  +  2C1- 
Ihc  potential  of  the  calomel  electrode  is  reversibl 
to  chloride  ions: 


•loinel  (mercurous 
(7.30) 


and  i 


®ct-.'iisscij.  tig  —  eci-,'iig-ci..  iiG  —  6°  log  <iC|_  (7.:ji) 

governed  by  their  activity.  The  potential  of  tin-  calomel 

Ic  at  2;m)  I.  is  fnmul  fpnm  iK,. 


electrode  at  250 Y  is  found  from  the  equal 

eci-/iissci2.  iu  =  -i-  0.2678  —  0.0592  log  «c,_  (7.32) 

The  most  frequently  used  electrodes  arc  calomel  electrodes  in 
which  the  concentration  or  potassium  chloride  is  either  at  saturation 
or  equal  to  1.0  or  0.1  g-cq/litre.  The  potentials  of  calomel  electrodes 
on  the  hydrogen  scale  are  calculated  with  the  aid  of  the  folio  win" 
equations  which  hold  for  temperatures  ranging  from  0  to  100Y/ 

(1)  for  a  0.1A  calomel  electrode 

to.,  =  0.3337  —  8.75  x  lO'1  (1  —  25)  —  3  x  K)-‘:  (<  —  25)a 

(2)  for  a  1.0A  calomel  electrode 

ei.o  =  ‘>.2801  -  2.75  x  10-*  «  -  25)  -  2.5  x  10'“  (/  -  25)=  - 

-  i  10-»  (/  -  25)» 

(3)  for  a  saturated  calomel  electrode 

e.„  =  0.2412  -  0.01  x  10'*  (<  -  25)  -  1.75  x  10-'  U  -  25)-  - 
-  9.0  x  10-'"  (i  -  25? 

Calomel  electrodes,  especially  saturated  ones  are  convenient 
hPtwln^h^  ',I,C  (!if,1usion  P°u'",if!  wWng  in  a  cell  at  the  junction 
between  the  saturated  potassium  chloride  solution  and  the  solution 
under  study  is  insignificant ;  it  may  lie  ignored  in  many  cases  where 
high  accuracy  is  not  required. 

'•V'M""lr”“'  S"l|,l‘ntI  *,ul  Silver -Silver  Cl.I.rUe  Hlectre- 
aes.  Mercury-mercurous  sulphate  electrodes  SO?-/Hg,SO..  He  are 
similar  to  calomel  electrodes  with  the  difference  that  the  mercury 
pool  is  covered  with  a  paste  of  mercury  and  mercurous  sulphate, 
and  sulphuric  acid  is  used  as  the  solution.  The  activity  dependence 
of  the  potential  of  a  mercury-mercurous  sulphate  electrode  at  25°C 
is  described  by  the  equation 

•c  =  0.6156  -  0.0296  log  (7.33; 


eSOj-/IIe,SO|.  Ilg  ~ 

The  silver-silver  chloride  electrode  is  a  system  repres. 

CI'/AgCl.  Ag 


d  by 
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mid  its  potential  is  given  by  the  equation 

eci-  Agci.  a*  =  «?:!-•  a»ci.  a  log  "ci-  O-M) 

or.  at  23 X 

ea-/A«a.  as  =  0.2224  -  0.0592  log  «,:i-  (~ 

Meici.v-mcrci.rons  sulphate  and  silver-silver  chloride  electrodes 
should  be  used  where  the  half-cell  under  study  contains,  as  the 
electrolyte,  sulphuric  acid  (or  sulphates)  or  hydrochloric  acid  (or 
chlorides).  In  order  to  reduce  the  diffusion  potential  (liquid  junction 
potential),  the  concentrations  of  these  electrolytes  in  reference  (or 
comparison)  electrodes  should  be  the  same  as  in  the  half-cell  being 
tested,  or  close  to  it.  The  temperature  coefficients  of  the  potentials 
of  merc.rv-mcrcurous  sulphate,  silver-silver  chloride  and  calomel 
electrodes’ are  dependent  on  the  solution  composition.  Since,  in 
contrast  to  calomel  electrodes,  in  the  first  two  types  of  electrode 
use  is  made  of  solutions  of  very  different  concentrations,  the  values 
of  their  temperature  coefficient  will  not  be  given  here. 

Though  the  potentials  of  the  electrodes  of  the  second  kind  describ¬ 
ed  above  arc  governed  by  the  activity  of  the  corresponding  anions, 
one  can  nevertheless  write  equations  for  them  coinciding  in  form 
with  the  equations  for  the  potentials  of  electrodes  of  the  first  kind. 
For  example,  according  to  the  solubility  product  principle,  the  pro¬ 
duct  of  the  activities  of  the  silver  ions  and  the  chloride  ions  in  solu¬ 
tion  will  be  equal  to  the  solubility  product  of  silver  chloride.  KAga- 
«ait  X  "ci-  =  Ka*ci 


Substituting  the  value  of  «ci—  from  Eq.  (7.36)  into  Eq.  (7. 34)  gives 
Cci-zajci.  Ag  =  e*i-/Aici.  Af  -  5°  log  KAta  -i-  ><°  log  «At-  (7.37) 
Comparing  Eqs.  (7.23)  and  (7.37),  one  obtains  the  following  equality 
Ccl'/ARCI.  Ac  —  log  ^A«e.l  ~  *AK»/AC  (7. .18) 

The  solubility  product  of  sparingly  soluble  salts  can  be  found  by 
comparing  the  potentials  of  the  corresponding  electrodes  of  the 
first  and  the  second  kind.  Equation  (7.37),  in  which  the  potential 
of  an  electrode  of  the  second  kind  is  represented  as  a  function  of  the 
activity  of  metal  ions,  is  less  convenient  in  practice  than  Eq.  (7.34) 
since  the  activities  of  metal  ions  arc  negligibly  small  and  arc  derived 
from  the  activities  of  the  corresponding  anions. 

Metal-Metal  Oxide  Electrodes.  This  group  of  reference  electrodes 
are  particularly  interesting  since  the  role  of  the  anions  of  the  sparing¬ 
ly  soluble  compound  of  the  electrode  metal  is  played  by  hydroxyl 
ions.  Examples  arc  provided  by  t lie  following  electrode  systems: 
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(1)  the  merciiry-mcrcnric  oxide  eleclrodc 

OH-'llgO,  Hi: 

(2)  the  iiiitinioiiy  electrode 

OII-.«h30„  Sb 

Thu  equations  for  (lie  eleclrodc  read  ions  and  potentials  of  these 
electrodes  arc,  respectively, 

HgO  +  H,0  +  2e  =  Ifg  -f  2011- 
Sb50,  -r  3H=0  -f  fie  =  2Sb  --  6011* 
nnd 

eon-.iiso.  He  *on-/ltso.  tie  —  6®  log  non-  (7.39) 

eoii-.'Si^oa.  sb  =  *on-,sbjOj.Sb  —  log  «ou-  (7.  (0) 

Equations  (7.39)  and  (7.40)  arc  obtained  from  the  general  equation 
for  the  electrode  potential  (7. 14)  under  the  assumption  dial  not 
only  the  activities  of  the  corresponding  metals  and  their  oxides  arc 
constant,  but  so  is  the  activity  of  the  water,  which  also  takes  part 
in  Hie  electrode  reaction.  This  assumption  practically  does  not  affect 
the  accuracy  of  the  equations  for  the  electrode  potential  and  is 
widely  used  where  the  concentration  of  the  solution  is  not  very  great. 

Like  metal-metal  salt  electrodes  of  the  second  kind,  metal-metal 
oxide  electrodes  of  the  second  kind  can  bo  reduced  to  tin-  correspond¬ 
ing  electrodes  of  the  first  kind.  Therefore  they  are  reversible  not 
only  with  respect  to  hydroxyl  ions  but  to  the  ions  of  a  mi-tnl  as  well. 
Besides,  they  are  also  reversible  with  respect  to  Ir.drogen  ions 
because  the  ionic  product  of  water 

AV  =  flu.  X  (ton¬ 
al  a  given  temperature  is  constant  for  any  aqueous  eleclrolvlic  solu¬ 
tion.  Substitution  of  the  value  of  (?„„.  from  the  last  equation  into 
Eq.  (7.39)  or  (7.(0)  gives,  respectively. 

Coil-Hco.  He  =  C?ill-'HsO.  He  —  h®  log  A'le  —  |>°  log  — 

•-=  Ci,'.  „eo.  lie  -  b°  pi  I  (7.41) 
und 

eon-.sbjOj.si.  =  *on-,sb,oj.  Sb  -  i>°  log  Kw  -i-  6®  log  = 

=  eH»/sb-oj.sb  —  6®  pH  (7.42) 

After  substitution  of  numerical  values  of  the  constant  terms  into 
Eqs.  (7.41)  and  (7.42)  they  assume  the  following  form  for  2-VC 
eoii-.Heo.  h«  =  0-92  —  0.06  pH  (7.43) 

e0n-/sbj0j.  sb  =  0.145  -  0.06  pH  (7.44) 

Metal-metal  oxide  electrodes  can  be  used  as  reference  electrodes 
for  any  acid  or  alkali  solution  since  hydrogen  or  hydroxyl  ions  are 
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potential-determining  ions  in  this  case.  The  mercury-mercuric  oxide 
electrode  is  recommended  only  for  solutions  with  pH  >  7  because 
mercury  oxides  are  perceptibly  soluble  in  acids.  The  antimony 
electrode  cannot  be  employed  as  a  reference  electrode  because  of 
the  instability  of  its  surface  oxide  (oxides  other  than  Sb-O-,  may 
form).  It  finds  application  as  an  indicator  electrode  for  approximate 
pH  measurements  in  moderately  acidic  and  neutral  solutions. 

7.3.3.  GAS  ELECTRODES 

General  Description  of  Gas  Electrodes.  A  gas  electrode  is  a  half¬ 
cell  consisting  of  a  metallic  conductor  in  simultaneous  contact  with 
the  corresponding  gas  and  the  solution  containing  its  ions.  A  gas 
electrode  cannot  be  designed  or  the  potential  of  the  system  composed 
of  a  gas  and  a  solution  of  its  ions  measured  without  the  provision 
of  a  metallic  conductor  just  as  any  other  electrode  is  inconceivable 
without  an  electronic  conductor. 

Besides,  a  metal  in  gas  electrodes  not  only  creates  an  electrical 
contact  between  the  gas  and  the  solution  containing  its  ions,  but 
also  accelerates  the  attainment  of  electrode  equilibrium,  i.e.,  serves 
as  catalyst  for  the  electrode  reaction.  Hence,  only  those  metals  can 
be  used  in  gas  electrodes  which  possess  high  catalytic  activity  with 
respect  to  the  reaction  between  the  gas  and  its  ions  in  solution. 
Further,  the  potential  of  the  metal  in  a  gas  electrode  must  be  inde¬ 
pendent  of  the  activity  of  other  ions  present  in  the  solution,  in 
particular  of  its  own  metal  ions.  Functioning  as  catalyst  for  the 
reaction  between  the  gas  and  its  ions  in  solution,  the  metal  must 
at  the  same  time  be  inert  with  respect  to  other  reactions  which  may 
occur  in  the  system.  Finally,  the  metal  must  provide  as  large  an 
interface  as  possible  on  which  the  reversible  reaction  converting 
the  gas  to  the  ionic  stale  could  proceed.  All  these  requirements 
are  best  met  by  platinum,  which  is  most  frequently  used.  To 
produce  a  large  surface  area  the  platinum  is  coated  eleclrolylically 
with  finely  divided  platinum  black,  this  resulting  in  so-called  plati¬ 
nized  platinum.  Ft.  Ft.  Gas  electrodes  arc  very  sensitive  to  any 
change  in  the  condition  of  the  platinized  surface,  in  particular, 
to  catalytic  poisons.  To  obtain  reproducible  values  of  the  potential 
corresponding  to  the  true  equilibrium  conditions  of  functioning  of 
gas  electrodes,  it  is  necessary  to  observe  various  precautionary 
measures,  which  may  involve  considerable  difficulties. 

The  Hydrogen  Electrode.  The  gaseous  hydrogen  electrode  may¬ 
be  represented  ns 

H*/H2,  Pt 

The  corresponding  electrode  reaction  is 
211*  2e  =  H, 


Part  Thrte.  Electrode  Equttlbr 


from  which  and  from  Eq.  (7.14) 

*»*,,,  (7-45> 


kh‘/iij  "  eii*/n, + ^  lo8 flH‘ — T  *°e  Pin  (7.40) 

ll  is  seen  from  expressions  (7.45)  and  (7.46)  that  Ihc  hydrogen  electro¬ 
de  potential  depends  not  only  on  the  hydrogen  ion  activity  but  also 
on  the  partial  hydrogen  gas  pressure.  Hence,  the  hydrogen  electrode 
(as  well  ns  other  gas  electrodes)  is  more  complicated  than  electrodes 
of  the  first  or  second  kind,  the  potentials  of  which  arc  directly  de¬ 
pendent  on  the  activity  of  a  single  ionic  species.  The  standard  hydro¬ 
gen  electrode  potential  e?,./n,  is  conventionally  taken  as  zero  at  all 
temperatures  and  therefore  one  can  write,  in  place  of  (7.45): 

-2.303  if  l„s^l  ,7.47) 

Kor  a  partial  hydrogen  pressure  of  one  atmosphere  Eq.  (7.47)  simpli- 

en*/iij  =  b"  log  on.  (7.48) 

en./H.  =  -  6°  pH  (7.49) 

Thus,  under  definite  conditions  the  hydrogen  electrode  potential  is 
a  direct  expression  of  the  pH  value. 

The  Oxygen  Electrode.  Hie  oxygen  gas  electrode  is  symbolized 
by 

OH'/O.,  Pt 

The  reaction  occurring  at  Ihc  oxygen  electrode  mav  be  written  as 
follows: 

0.  -f  2H-0  \e  =  4011-  (7.50) 

On  this  basis  and  from  Eq.  (7.14)  one  obtains  the  following  expressi¬ 
on  for  the  reversible  oxygen  gas  electrode  potential: 

foil-,.*  foil-,,.  2.303 -g- log (7. 51) 

foil- o.  4  fon-  o,  -r  log  1\>.  —  i»°  log  a0„-  (7.52) 

the  activity  of  the  water  being  included  in  the  value  of  e°.  At  25 'C 
the  theoretical  value  of  the  standard  potential  of  the  oxygen  electro- 
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dc  obtained  from  thermodynamic  data  is  +0.401  V.  Therefore,  nl 
P(jt  —  1  aim  and  25 'C  llic  expression  for  Ihc  equilibrium  oxygen 
electrode  can  be  written  as 

«oh-/Oi  =  0.401  —  0.0302  log  aon-  (7.53) 

In  practice,  however,  it  is  rather  difficult  to  set  up  an  oxygen 
electrode  whose  behaviour  would  lie  described  by  the  derived  equati¬ 
ons.  This  is  explained  by  the  specific  features  of  gas  electrodes  in 
general  and.  in  addition,  by  the  tendency  of  oxygen  to  oxidize  me¬ 
tals.  especially  in  a  moist  atmosphere.  For  this  reason,  on  the  princi¬ 
pal  electrode  reaction  is  imposed  a  reaction  corresponding  to  a  metal- 
metal  oxide  electrode  of  the  second  kind.  Oxide  films  may  form  even 
on  platinum  and  then  the  behaviour  of  the  oxygen  electrode  will 
not  conform  to  theoretical  equations.  These  deviations  manifest 
themselves,  for  example,  in  the  way  the  potential  varies  with  oxygen 
pressure.  Moreover,  there  arc  grounds  for  believing  that,  apart  from 
the  formation  of  surface  oxides,  the  reaction  taking  place  at  the 
oxygen  electrode  differs  from  the  reaction  forming  the  basis  for  (In¬ 
equation  of  the  oxygen  electrode  potential.  According  to  the  data 
obtained  by  Bcrl  (1943)  and  confirmed  by  other  workers,  purl  of 
Ihc  oxygen  is  reduced  at  Ihc  electrode  to  hydrogen  peroxide  ions 
rather  Ilian  to  water: 

O,  +  H20  +  2e  =  110*  +  on- 

Thc  potential  of  such  an  oxygen  electrode  is  given  by  the  equation 
eitor.  oif/o,  =  e?to-  oh-/o,  +  —  loS  r— ^ —  ('  54 ) 

s  1  -  all(+,Oll- 

whiclt  differs  from  Eq.  (7.50)  in  the  magnitude  of  the  standard  poten¬ 
tial  (here  e°  at  25°C  is  0.076  V)  and  the  manner  in  which  the 
electrode  potential  depends  on  Ihc  hydroxyl  ion  activity.  This  is 
why  the  experimentally  measured  values  of  the  oxygen  electrode 
potential  usually  do  not  coincide  with  theory. 

The  Chlorine  Electrode.  'Hie  selling  up  of  the  reversible  chlorine 
gas  electrode 

CI-/C1..  Pi 

entails  considerable  difficulties.  Theoretically,  the  relevant  electrode 
reaction  is  simple: 

Cl2  -1-  2c  =  2CI- 

and  Ihc  electrode  potential  can  be  expressed  by 

i  2.303 pm 

It  should  however  be  kept  in  mind  that  on  Ihc  basic  electrode  process 
are  itnposetl  secondary  reactions  in  which  chlorine  lakes  part  and 
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which  result  in  the  formation  of  products  of  chlorine  hydrolysis— 
hypochlorilcs.  The  high  positive  value  of  the  standard  potential 
of  the  chlorine  electrode  (+1.358  V  at  25eG)  complicates  the  choice 
of  a  sufficiently  stable  electrode  material  inert  with  respect  to  chlo¬ 
rine.  This  is  also  one  of  the  causes  for  the  deviation  of  the  experi¬ 
mental  values  of  the  chlorine  electrode  potential  from  its  reversible 
value  determined  on  the  basis  of  Ihcrmochcmicnl  data.  Notwith¬ 
standing  this,  a  number  of  authors  have  succeeded  in  obtaining 
an  experimental  value  of  the  chlorine  electrode  potential  coinciding 
with  the  theoretical  value. 

The  study  of  the  behaviour  of  gas  electrodes  has  been  attracting 
much  attention  lately  in  connection  with  intensified  work  on  so- 
called  fuel  cells. 


7.3. -i.  AMALGAM  ELECTRODES 

The  amalgam  electrode  is  a  half-cell  in  which  an  amalgam  of  some 
metal  is  in  contact  with  a  solution  containing  ions  or  this  metal. 
A  generalized  amalgam  electrode  may  be  represented  by 
Mg 

It  is  assumed  here  that  the  amalgam  electrode  potential  is  controlled 
by  the  reaction 


m.Mr‘  +  zme  =  M,„  (Mg) 

which  means  that  mercury  behaves  as  an  inert  mediii 
metal  M  is  dissolved  and  the  ions  of  this  metal  plav  tie 
tential-determiiiing  ions.  The  potential  of  the  anial-i 
is  given  by 


ole  of  po¬ 
oled  rode 


*.M‘*/.M„.  Hi!  “  e0U-*.,M,„.  lie  2.303  log-^ 

It  depends  not  only  on  the  activity  of  the  mel  il  i 
but  also  on  their  activity  in  the  amalgam.  If  the  me 
in  mercury  as  individual  atoms  (in  »=  |).  (’hen  the  mi 
is  replaced  hv 


(7.50) 

solution 

lissolved 

equation 


It  should  be  borne  in  mind  that  mercury  is  cai 
a  metal  with  the  formation  of  intermeliillii 


(7r,7) 

ible  of  reacting  with 
compounds  soluble 


*M'' *  =  M,Hg„  (Ifg) 

llic  magnitude  of  the  electrode  potential  will  here 
the  composition  of  the  resulting  compounds: 
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Amalgam  electrodes  lind  wide  application  in  industry  and  in 
laboratory  work.  An  example  is  provided  by  I  lie  cadmium  amalgam 
electrode 

Cd*’/Cd,  Mg 

on  which  the  following  reaction  lakes  place 
Cds*  +  >e  =  Cd  dig) 

Its  potential  is  determined  hy  the  formula 

ecd! Vc<t.  tie  =  eoi>*/cd.  iik-  +  T  lo«  (7.551) 

Electrodes  of  this  type  containing  12.5  per  cent  cadmium  arc  used 
to  prepare  standard,  or  normal  Weston  cells,  the  electromotive 
force  of  which  practically  does  not  vary  with  time.  Amalgams  most 
widely  used  in  industry  arc  made  of  alkali  metals  obtained  as  inter¬ 
mediates  in  the  production  of  chlorine  and  alkalis. 


7.3.5.  OXIDATION-REDUCTION  OH  ItF.DOX 
ELECTRODES 

Any  electrode  reaction  involves  a  change  in  the  oxidized  or  redu¬ 
ced  state  of  the  substances  participating  in  the  reaction;  in  this 
sense-  all  electrodes  may  be  regarded  as  oxidation-reduction  systems. 
But  the  term  oxidation-reduction  electrodes,  or  briefly  redox  electrodes, 
is  usually  confined  to  those  cases  where  metals  or  gases  take  no  direct 
part  in  the  electrode  reaction.  In  a  redox  electrode,  the  metal,  which 
supplies  or  accepts  electrons,  acquires  a  potential  corresponding 
to  a  steady  redox  equilibrium.  The  metallic  conductor  here  must 
meet  the  same  requirements  as  in  gas  electrodes.  A  distinction  should 
be  made  between  simple  and  multiple  redox  electrodes.  With  simple 
electrodes  the  reaction  consists  in  changing  the  valency  of  the  ions, 
their  composition  remaining  constant.  Examples  are  provided  by  the 
following  electrode  processes; 

Fc3*  i-  c  =  IV’ 

Tl3’  2e  Tl’ 

MnO*  e  --=  MnO;- 

Fc(CN);-  -f-  e  --=  Fe(CN)l- 

If  the  oxidized  ions  are  designated  as  Ox  and  the  reduced  ions  ns 
lied,  then  all  the  above  reactions  can  be  represented  by  a  single 
general  equation: 

(7.  tilt' 


Ox  +  te  Bed 
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A  simple  generalized  redox  electrode  is  written  as 
Red,  Ox/Pt 

and  its  potential  is  given  by  the  equation 


£R«J,  o*  —  efted.  ox 2.303  -jjj-  log  (7. Cl) 

Equation  (7.61)  shows  that  the  potential  of  a  simple  redox  electrode 
is  determined  by  the  activity  ratio  of  ions  in  two  different  states 
of  oxidation.  If  a  cell  yields  ions  of  several  valencies,  there  will  be 
as  many  redox  electrodes  as  the  number  of  pairs  that  can  be  sol  up. 
For  example,  if  a  cell  con  exist  as  ions  of  three  different  valencies, 
then  there  will  be  three  different  redox  electrodes. 

The  potentials  of  simple  redox  electrodes  can  be  easily  related 
to  the  potentials  of  the  corresponding  electrodes  of  the  first  kind. 
Suppose,  for  example,  that  metal  M  is  capable  of  existing  in  solution 
in  the  form  of  ions  of  high  valency  M*  and  low  valencv  M".  In  this 
case  two  electrodes  of  the  first  kind 

M*/M  and  Mn/.\l 

and  one  redox  electrode 


M".  M*/M 


can  be  constituted.  The  potentials  of  these  electrodes  al¬ 
ly-  eV/M-  «*»/»•  a,ul  *"m».  m*,m-  T*1®  relation  be 
quantities  can  be  found  by  visualizing  the  process  of  eh 
dissolution  of  metal  M  with  high-valency  ions  M*  bei 
either  directly  or  through  the  intermediate  formation  ni 
ions  M\  It  is  supposed  that  the  process  of  dissolution 
sibly  and  isothermally  in  an  infinitely  large  volume 
in  which  the  activity  of  each  ionic  species  is  unitv. 
may  be  represented  by  the  following  simple  cycle:  ' 


■i .  respeclivc- 
■t  ween  these 
eelrorhemical 
jug  produced 
f  low-valencv 
i  ice  ill's  rever- 
i!  of  solution 
This  process 


From  this  cycle  it  follows  that 

»f°n  -  ( h  -  n)  eX.A  (7.62) 

t  'i"K  Kq.  (7.t>2)  known  as  Luther's  rule,  one  ran  calculate  the 
s‘ and  aril  potential  of  any  one  of  the  three  electrodes  if  the  values 
for  the  other  two  electrodes  are  known.  Equation  (7.62)  is  used  in 
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c uses  where  Ihc  direct  determination  of  one  of  the  potentials  is  cither 
very  difficult  or  impossible.  For  instance,  the  potential  of  the  electro¬ 
de  of  the  first  kind  Fc*VFe.  which  is  not  directly  measurable  because 
of  the  instability  of  ferric  ions  under  these  conditions,  can  lie  found 
from  the  experimentally  accessible  standard  potentials  of  an  electro¬ 
de  of  the  first  kind  Fes,/Fc  and  a  simple  redox  electrode  Fe*‘. 
Fc3‘/Pt: 

*Ft**/K»  =  H  eFc S*/re ■*"  7  Ft3' 

In  the  case  of  multiple  redox  electrodes  Ihc  reaction  involves 
a  change  in  the  valencies  of  the  reacting  particles  and  in  their  com¬ 
position.  Heaclions  of  this  type  usually  involve  hydrogen  ions  and 
water  molecules;  the  participation  of  water  molecules  however  does 
not  affect  the  equations  for  the  electrode  potential  because  the  acti¬ 
vity  of  the  water  remains  constant  throughout  Ihc  reaction,  except 
in  very  concentrated  solutions.  Using  Ihc  previous  notation  (Ox  for 
oxidized  forms  and  Red  for  reduced  forms),  multiple  redox  electrode 
can  be  represented  as 

Red,  Ox,  H*/Pt 

Its  potential  must  be  a  function  not  only  of  the  activities  of  the 
oxidized  and  reduced  particles  but  of  the  hydrogen  ion  activity  as 
well.  The  dependence  on  the  latter  is  determined  by  the  nature  of 
the  reacting  particles.  For  example,  for  the  system  permanganate- 
bivalent  manganese  ions  in  which  the  following  reaction  lakes 
place 

MnO«  +  8H*  -I-  5e  =  Mn*+  -f  4H.0 
the  electrode  potential  is  given  by  the  equation 

P'm 

e M„07  =  eJ|n*»  MnOJ-T  lf>K  +  f  6°  log«,r  (7.154) 

For  the  quinone-hydroquinonc  system  with  the  reaction 
CaH;02  +  2H*  -i-  2e  =  C,jI14(OH)2 
the  electrode  potential  is  given  by 

E0.  no  =  *0.  tiQ  +  2.303  log-^  (7.li.r) 
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\vlu*re  llic  subscripls  Q  and  HQ  stand,  respectively,  for  <|iiinone  ami 
hydroqninone. 

An  investigation  into  the  dependence  of  the  potential  of  multiple 
redox  electrodes  on  the  pH  of  the  solution  can  therefore  yield  infor¬ 
mation  on  the  nature  of  a  particular  redox  reaction.  And,  conversely, 
multiple  redox  electrodes  can  lie  used  as  indicator  electrodes  in  pi  I 
measurements.  Electrodes  reversible  with  respect  to  the  quiiionc- 
hydroquinono  system  arc  widely  used  for  this  purpose.  An  equimole- 
cnlar  mixture  of  quinone  and  hydroqninone  is  introduced  into 
a  solution  whose  pH  value  is  to  he  measured.  Assuming  that  the 
ratio  of  the  concentrations  of  quinone  and  hydroqninone  is  equal 
to  that  of  their  activities 


chQ  "iiQ 

we  can  simplify  Eq.  (7.62)  to 


*q.  iuj  =  eQ.  hq  +  log  an*  =  elj,  hq  —  />**  pH 


The  potential  of  such  an  electrode,  known  as  a  quinliy 
dc.  will  he  directly  determined  by  the  pi  I  of  the  elect 
When  the  reactants  m  a  redox  reaction  are  compl,-' 
stances,  say.  proteins,  the  metnllic  conductor  in  hh. 
loses  its  alulily  to  assume  an  equilibrium  poleulial  x  at- 
mg  to  this  system.  In  such  cases  so-called  poleulial 
used  hi  measuring  the  redox  poleulial  These  iiii-.li. 
a  simple  redox  system,  often  of  the  type  (a-1*,  t'.e1 
salts  of  cuuceiii ration  many  limes  lower  than  ilial  ’ 
forming  a  multiple  redox  system  are  added  to  I  he  iv.n 
the  following  reaction  will  take  place: 

Ox  +  Ce3*  =  Red  +  Ce“ 


■  III  I  hem 

. . . 

represent 


and  the  simple  redox  system,  having  reached  an  equilibrium  with 
the  multiple  system,  assumes  its  potential.  The  metallic  conductor 
acquires  the  steady  potential  of  the  mediator  and  the  identical 
potential  of  the  multiple  redox  system.  The  change  of  the  original 
potential  as  a  result  of  the  reaction  between  the  principal  redox 
substances  and  the  mediator  may  be  ignored  since  the  concentration 
of  the  latter  is  negligibly  small  compared  with  those  of  the  substances 
const i luting  the  complex  redox  system.  The  concentrations  of  these 
substances  therefore  remain  practically  constant. 


7.3.6.  THE  GLASS  ELECTRO!) E 

The  glass  electrode  differs  from  the  electrodes  discussed  above 
in  Hint  no  electrons  take  part  in  the  corresponding  electrode  reacti¬ 
on.  The  electrode  reaction  here  is  merely  an  exchange  of  hydrogen 
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ions  between  Iwo  phases — solution  and  glass: 

If  =  Hg 

The  cliiirgc  of  the  hydrogen  ion  corresponds  to  the  elementary 
positive  quantity  of  electricity,  and  the  transfer  of  the  hydrogen 
ion  from  one  phase  to  the  other  is  equivalent  to  the  transport  of 
unit  charge,  i.e.,  the  value  of  z  in  the  equation  for  Ihc  glass  electrode 
potential  should  be  taken  as  unity: 

eo  =  e&  +  2.303  log  (7.67) 

Ho 

But  in  fact  Ihc  alkali  mclal  ions  contained  in  the  glass  are  also  drawn 
into  the  exchange  reaction.  Part  of  these  ions  are  replaced  by  hydro¬ 
gen  ions  and  pass  into  solution: 

If  +  Mg  =  H£  +  M* 


where  ,\f  may  be  ions  of  lithium,  sodium  or  some  other  alkali  metal, 
depending  on  Ihc  type  of  glass  used.  To  this  general  equation  there 
corresponds  the  following  exchange  constant 


K,- 


VaM$ 

’h6°m* 


(7.68) 


The  value  of  this  conslunl  depends  on  Ihc  properties  of  the  glass  and 
on  temperature;  for  ordinary  glass  electrodes  at  room  temperature 
it  ranges  from  10~'“  to  10_H.  Assuming  that  in  Ihc  type  of  glass 
used  the  sum  of  the  activities  of  hydrogen  ions  and  alkali  metal 


we  can  rewrite  the  expression  for  the  exchange  constant 


follows 
(7  .till) 


Solving  this  equation  for  aHJaa£,  one  gets: 

°“6 


(7.70) 


Replacing  in  the  equation  for  the  glass  electrode  potential 

by  its  value  from  (7.66)  gives 

sc,  =  eg  +  h°  log  (aa*  +  K^a m»)  (7.71) 


where  the  standard  potential  of  the  glass  electrode  eg  includes  the 
quantity  RTIF  In  a.  which  is  constant  for  a  given  electrode. 
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Thus,  in  a  general  case  llio  glass  electrode  potential  depends  ou 
the  activities  of  the  hydrogen  ions  and  alkali  metal  ions.  When 
“H*  >  Ke*Sl’ 

which  is  true  for  acidic  solutions  and  also  (owing  to  the  low  value 
of  Ke)  for  neutral  and  weakly  alkaline  solutions  with  a  pll  value 
of  up  to  10-12,  Eq.  (7.71)  simplifies  to 

ec  =  eo  +  &°  log  <»k*  =  eii  —  6°  pH  (7.72) 

In  such  solutions  the  glass  electrode  potential  depends  only  on  the 
hydrogen  ion  activity;  that  is  why  the  glass  electrode  is  used  as 
indicator  electrode  in  pH  measurements.  At 

<*h» 

i.e.,  in  the  alkaline  region,  Eq.  (7.67)  also  simplifies,  taking  the 
form 

ec.  =  eo  +  Ifi  log  (7  73) 

where  the  quantity  e<j  includes  a  term  containing  the  exchange  con¬ 
stant 

2.303  log  Kt 

It  follows  from  Eq.  (7.73)  that  for  alkaline  solutions  the  glass 
electrode  potential  is  a  function  of  the  alkali  cationic  activity  and 
it  can  therefore  be  employed  as  indicator  electrode  for  determining 
the  ionic  activity  of  the  corresponding  alkali  metal.  When  an  alkali¬ 
ne  solution  alone  is  the  source  of  cations. 


then  for  the  alkaline 
can  write 

?g  =  e£” 


<>m*  =  »0H- 
hk*Ooh-  —  Kvr 

gion  of  solutions,  in  place  of  Eq. 
■2.303  log «„♦  =  eJT  +  b«  pH 


(7-74) 


from  which  it  is  seen  that  for  acidic  and  alkaline  solutions  the  glass 
electrode  potential  is  a  function  of  hydrogen  ion  activity.  Each  regi¬ 
on  of  solutions  has  its  own  value  of  standard  potential  t°  and  the 
slopes  of  e°  vs.  pH  straight  lines  in  acidic  and  alkaline  regions  arc 
equal  in  magnitude  and  opposite  in  sign.  The  variation  of  the  glass 
electrode  potential  with  pH  is  described  by  a  curve  with  a  maximum 
(Fig.  7.1).  the  position  of  which  depends  on  the  type  of  glass  used 
and  primarily  on  its  exchange  constant.  Because  of  the  uncertainty 
of  e°  (it  depends  on  the  nature  of  the  glass,  its  treatment,  etc.)  glass 
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electrodes  should  be  calibrated  against  a  series  of  solutions  of  known 
(ill  value. 

The  procedure  for  measuring  the  glass  electrode  potential  is  as 
follows.  A  glass  electrode  in  the  form  of  a  thin  membrane,  on  one 
side  of  which  is  a  solution  under  study  and  on  the  other  a  solution 
of  constant  pH'1,  is  introduced  into  the  electrochemical  system. 
Then  reference  elect  rodes 

(most  often,  silver-silver  chlo¬ 
ride  electrodes)  arc  immersed 
in  each  of  these  solutions.  The 
potentials  on  either  side  of  the 
membrane  are  determined  by 
the  corresponding  exchange 
reactions;  on  one  side,  howe¬ 
ver,  the  potential  remains 
constant,  while  on  the  other 
it  varies  together  with  the 
composition  of  the  solution 
according  to  tile  equations 
derived  above.  Thus,  the  glass 
electrode  potential  is  equal 
to  the  potential  difference 
between  the  two  sides  of  the 
membrane.  If  the  sides  of  the 
membrane  were  identical, 
then,  with  one  and  the  same 
solution,  the  glass  electrode 
potential  would  be  zero.  But 
in  reality  the  properties  of  the 
glass  on  both  sides  of  the 

membrane  differ,  giving  rise  to  a  certain  potential  difference.  This 
potential  di (Terence— the  asymmetry  potential  of  the  glass  elect¬ 
rode— is  included  in  the  value  of  its  standard  potential. 

The  above  consideration  of  the  glass  electrode  is  in  accord  with 
the  thermodynamic  theory  of  the  glass  electrode  dovclopcd  by  B.  Ni¬ 
kolsky  (1937)  and  is  based  on  the  coucepl  of  the  existence  of  an  ion 
exchange  between  glass  and  solution.  Similar  assumptions  were 
advanced  by  Dole  (1934)  in  his  quantum-mechanical  theory  of  the 
glass  electrode. 


i>  In  some  gloss  electrode  designs,  instead  of  o  solution  of  constant  pH, 
use  is  mode  of  low-melting  metals  or  alloys  (o.g.,  the  Wood  alloy),  a  thin  layer 
of  which  is  applied  to  one  side  of  the  membrane.  Such  glass  elcctrodos  aro  called 
metallized. 
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7.4.  STANDARD  ELECTRODE  POTENTIALS 


7.4.1.  THE  TABLE  OF  STANDARD 
ELECTRODE  POTENTIALS 


The  general  equation  for  the  electrode  potential  (7.14)  indicates 
that  at  a  given  temperature  the  magnitude  of  the  potential  of  any 
electrode  depends  on  the  composition  of  the  system  and  its  standard 
potential,  which  is  independent  of  the  activities  of  the  substances 
taking  part  in  the  electrode  reaction  and  is  a  constant  specific  to 
a  given  electrode.  The  values  of  standard  potentials  for  a  number 
of  electrodes  on  the  hydrogen  scale  and  the  corresponding  electrode 
reactions  are  presented  in  Table  7.2. 

The  standard  potentials  given  in  Table  7.2  are  referred  to  l  = 
=  25°C;  their  values  for  other  temperatures  can  be  found  from  the 
corresponding  isothermal  temperature  coefficients,  which  are  also 
given  in  the  table.  The  isothermal  coefficients  correspond  to  the 
reaction 

°*“+>+ (})H2  =  Red  +  zH*  (7.75) 

occurring  in  the  electrochemical  cell 

M/H2/Pl/elcclrolylc  (electrode)  M 

in  which  both  electrodes  and  the  electrolyte  are  at  the  same  tempe¬ 
rature  (25°C).  Any  change  of  the  system  emf  due  to  deviations  of 
the  temperature  from  25°C  is  primarily  determined  bv  the  difference 
in  the  temperature  coefficients  of  the  potentials  of  the  electrode 
being  tested  and  the  standard  hydrogen  electrode.  Since  the  potential 
of  the  standard  hydrogen  electrode  is  taken  as  zero  at  all  temperatu¬ 
res,  the  emf  of  the  system  (7.71)  at  any  specified  tempera!  lire  will 
be  equal  to  the  standard  potential  of  the  electrode  under  study 
on  the  hydrogen  scale. 

From  the  thermodynamics  of  electrochemical  systems  it  follows 
that  the  first  isothermal  temperature  coefficient  reflects  the  change 
in  the  standard  entropy  during  a  reaction  (7.75)  proceeding  in  a  given 
direction,  i.c., 


and  the  second,  the  change  in  the  standard  molar  isobaric  heat 
capacities 


j  dHO  \  _  AcJ 
V  iT*  )  ~  iFT 


If  the  isothermal  temperature  coefficients  are  known,  the  standard 
potential  of  any  electrode  at  a  temperature  t  different  from  25°C  can 


Ba3*4-2<=Ra 
Ba3*  +  2«  =  Ba 
Ca3*  +  2a-Ca 


B»**+2e  =  Be 

H  f  0, + 4H* + 4«  =  Hf + 2H,0 

Al3*+3e  =  Al 

Ti*++2e  =  Ti 

ZH*+4«  =  Zr 

V**  +  2«  =  V 

Mn*+  +  2e=Mn 

WOJ-  -f-4H50+6<  =  W+80H- 

So  +  2*  =  So*' 

Zn*+  +  2«  =  Zn 
Ci»*J-3*  =  Cr 

Sh0i+2H,0+3<r=Sb+40H- 
Ga3*  —  3e  =  Ga 


-2.522  +0-085 

-2.363  +0.103 

-1.847  +0.565 

-1.7  - 

-1.062  +0.504 


Ccr*/'Co  Co-*-  +  2a  =  Co 

Ni**/Ni  Ni3*  +  2e  =  Ni 

M^'/Mo  Mo3*  +  3a  =  Mo 

Sn*+/Sn  Sn=+  +  2*  =  Sn 

Pb**/Pb  Pb!*  +  2a  =  Pb 

Ti*+,  Ti3*/Pt  Ti4*  +  e  =  Ti3* 

D*/Dj,  Pt  D*  +  f  =  >/jD, 

H*/n:,  PI  H*  +  c  =  VjH. 

Ge**/Ge  Gc3*  +  2e  =  Ge 

Sn4*,  Sn3+/Pt  Sn4*+2«  =  So«* 

Cu3,  Cu*/Pt  Cu3*+*  =  0.u‘ 

Cu**/Cu  Cu**  +  2<  =  Cu 

Fe(CN)J-.  Fe(CN)i-/Pl  Fc(CN)j-  +  «  =  Fe(CN)i- 
OH-/0,,  PI  Vt0,+  H10  +  2c.  =  20H- 
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Cu+/Cu 

Pt 

Te**/Tc 

MnOr,  MnOJ-/Pl 
Rl.*+/Rh 
Fc3*,  F««*/Pt 

K;Pf'VPl 

Br-/Br„  PI 
Pt**/Pt 

Mn»*  H*/MqO,,  Pt 
Tl**,  Tl*/Pt 
Cr*»,  Cr5Of-,  H‘/Pt 

CI-/C1,.  Pt 

Pb*+,  HVPbO.,  PI 
Au*+/Au 

MdOt,  H*/MnO„  PI 


Cu*4-«  =  Cu 
I.+2<=.2I- 
To“— 4«=  Te 
MnOr+«  =  MnOJ- 
nhs*+2<  =  nh 

Fc3* + f  =  Fca* 

Hg|*  -f  2e  =  2IIg 
Ag*+«  =  Ag 
Ilg**-j-2«=*Ig 
Hg**+e  =  Ilg* 

Pd** +2*  =  Pd 
Dr,  +  2«  =  2Br- 
Pt**+2«=  Pt 

MnOj+4H*+2<=MnJ*+2HjO 
Tls*+2e  =  Tl* 

- .  KH'  -Ge  =  2Cr**J- 


C%1 


Mn07+4H*J-3e=Xln0,4-2H,0 
Ce**  — «  =  Co3*  '  1 

PbO.-T-SOJ"  -f  4H*  --  2e  = 
=’PbSO«J-2H.O 


•  This  Is  Ihe  thermal 


be  calculated  from  (he  equation 

(Sf)  (1-25)*  (7.78) 

Since  the  second  isothermal  temperature  coefficients  are  known 
for  a  very  limited  number  of  electrodes,  calculations  are  made  by 
using  an  approximate  equation,  taking  into  account  onlv  the  first 
isothermal  coefficient: 

e?  =  e?.+  (^)  (*-23) 


(7.79) 
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For  instance,  for  the  AgVAg  electrode  nl  which  the  following  rcacli- 
oii  lakes  place 

Ag'  t  e  =  Ag 

I  he  slumlord  potential  nl  35CC  is  equal  to 

eV/Ae.r.:--R>  =  0-7!>91  -  1.000  X  10"»  (53  -  23)  =  0.7691  V 
Knowing  the  value  of  the  isothermal  temperature  coefficient  of 
the  potential  and  the  thermal  temperature  coefficient  of  the  standard 
hydrogen  electrode,  one  can  find  (he  thermal  temperature  coefficient 
of  any  electrode: 


(^l)T  =0.871  mV/deg  C 


(?rh-(^r)+0-871 

The  thermal  temperature  coefficient  corresponds  to  the  change 
of  the  end  in  a  themiogalvanic  cell'*,  i.e..  in  an  electrochemical 
system  consisting  of  two  identical  electrodes  immersed  in  solutions 
of  the  same  composition  but  at  different  temperatures  I,  and  lt. 
The  thermal  temperature  coefficient  is  considered  positive  if  the 
“hot"  electrode  in  a  thermogalvailic  cell  is  the  positive  pole  or,  in 
other  words,  if  with  rising  temperature  the  electrode  potential 
shifts  towards  more  positive  values.  For  example,  for  the  thcrmogal- 

M’/Ag/AgNOj/Ag/M 

the  thermal  coefficient  will  be  equal  to 

(  rfEV/Ag  5  —1.000  +  0.871 «  —0.129  mV/degC 
that  is.  in  this  system  the  “hot"  electrode  has  a  less  positive  potential. 


r.12.  THE  USE  OF  STANDARD  POTENTIALS 
Standard  potentials  are  used  to  resolve  many  problems  associated 
with  chemical  equilibrium  in  solutions.  When  the  electrode  poten¬ 
tial  coincides  in  magnitude  with  the  standard  potential,  i.e..  when 


>*  Here  we  consider  tho  simplest  form  of  a  thermoealvanic  cell.  In  a  general 
case,  the  electrodes  in  a  llicnuogalvnnic  cell  may  be  different 
necessarily  reversible.  They  may  bo  brought  into  contact  with  solutions  of 
different  composition. 
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the  second  term  in  Eq.  (7.14)  is  equal  to  zero,  any  electrode  situated 
lower  in  the  electrochemical  series  is  more  oxidized  than  an  electrode 
situated  higher,  i.e.,  closer  to  the  top  of  the  scries.  When  two  such 
electrodes  are  combined  to  form  an  electrochemical  system,  we  will 
have  reduction  at  the  first  electrode  and  oxidation  at  the  second. 
The  process  will  proceed  in  the  same  direction  if  the  active  substances 
of  both  electrodes  are  in  direct  contact  and  the  reaction  follows  the 
chemical  path.  In  either  case,  as  a  result  of  the  reaction,  the  compo¬ 
sition  of  the  system  will  change  and  the  electrode  potentials  will 
no  longer  correspond  to  the  standard  values.  An  equilibrium  will 
set  in  at  the  moment  when  the  potentials  of  the  two  electrodes  (or 
the  two  electrode  reactions)  become  equal.  This  slate  is  reached  at 
a  definite  ratio  of  the  activities  of  the  reacting  species,  corresponding 
to  the  equilibrium  constant  of  the  reaction. 

Suppose  we  have  redox  systems  of  the  tvpe  Ces\  Ce'~  and  Fe5\ 
Fe  ♦.  The  electrode  potential  of  the  first  svstein  at  25*0  is  given  by 
the  equation 

1.61  +  0  059  log  (7.81) 

aCo»* 

and  that  of  the  second,  by 

ares..  fc*»  -  0.77  +  0  059  log  (7.82) 

In  a  system  containing  iron  and  cerium  ions  an  equilibrium  will  be 
set  up  when  the  two  electrode  potentials  become  equal: 

*Ce»»,  Cc**  =  CFe<*.  Fc>» 

Then,  on  the  basis  of  Eqs.  (7.81)  and  (7.82).  one  can  write 


1.61  -j-  0.059  log  =  0.77  4-  0.059  log  ^ 
<lCeJ*  «rc.. 

Hence,  at  equilibrium 


aCO*ar«»« 


=  1014 


(7.83) 

(7.84) 


\\hen  a  solution  containing  ceric  and  cerous  ions  is  added  to  a  solu- 
Uon  containing  ferric  and  ferrous  ions,  the  reaction  will  proceed 
!n  tnc  direction  of  oxidation  of  the  ions  of  bivalent  iron  and  reduction 
of  those  of  tctravalenl  cerium;  at  equilibrium  the  iron  will  be  practi¬ 
cally  completely  oxidized  to  ferric  ions,  and  the  cerium  reduced 
to  cerous  ions.  The  system  Ces*,  Co4*  can  be  used  in  chemical 
volumetric  analysis  (ccrimetry)  because  of  its  high  oxidation 
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A  similar  picture  is  observed  on  mixing  solutions  of  Fe*»,  Fea* 
and  Sn“,  Sn“,  where  the  iron  is  reduced  and  the  tin  is  oxidized. 
At  equilibrium,  as  follows  from  the  magnitudes  of  standard  polen- 
tials:  . 


arc»»aSn«» 

aKcw°Sn‘* 


=  10 


=  10_i 


(7.85) 


practically  all  (he  dissolved  iron  will  be  present  as  bivalent  ions 
Solution*  of  salts  of  bivalent  tin  arc  therefore  used  for  quantitative 
reduction  of  ferric  to  ferrous  ions  and  for  other  reduction  processes. 

Analogous  phenomena  lie  at  the  basis  of  the  process  of  displace¬ 
ment  of  metals  from  solutions  of  their  salts  by  other petals  s«. ua  ed 
closer  to  the  top  of  the  electrochemical  senes.  This  process  i-  called 
cementation  or  contact  displacement  and  is  widely  employed  in 
engineering.  In  practice,  cases  of  contact  displacement  of  topper 
from  .Xion,  of  Us  simplo  .olio  bj  iron  are  often  .«»»»'«'« 
Equating  thu  oloclrodo  potentials  of  partial  reactions f’”bl  „ 
ruling  the  table  values  of  slumlord  potentials,  one  obtains  for 
state  of  equilibrium: 


=  io-IC 


(7.86) 


Thu«  if  a  copper  salt  solution  is  brought  into  contact  with  a  suffi¬ 
cient  amount  of  metallic  iron,  the  processes  of 
copper  deposition  will  continue  until  the  ratio  of  their  ionic  octi 
vitics  be-ins  to  satisfy  Eq.  (7.86).  This  equation  shows  that  if  the 

^ll'bc'as  low  as'To'^fi'.e.^lhe^solutron^^be'practfcally^mplcte- 

flo'fiui'liWum  cmsSat'ofTrsioAeioMon  “‘“i'”” 

Most  electrochemical  processes  occur  in  “I*1"*  71*,  .  ehemj_ 
air.  This  is  why  the  position  of  a  given  electrode  in  the  cleclrochemi 
col  scries  relative  to  the  electrodes 


H*/Hj,  Pt 
OH -/O.,  Pt 


(printed  in  bold  tjpe  in  Tabic  7.2)  i>  particularly  important  from 
the  practical  and  theoretical  points  of  view.  i,»-ilro«*i» 

All  electrodes  with  a  potential  morcnegntive  h»n  the 
electrode  potential  arc  thermodynamically  unstable  in  aqueous 
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solutious.  Reactions  corresponding  to  such  electrodes  will  proceed 
spontaneously,  resulting  in  more  oxidized  substances  and  simulta¬ 
neous  decomposition  of  the  water  with  evolution  of  hydrogen  gas. 
For  example,  metallic  sodium  (e&aVK«  =  -  2.71  V)  should  de¬ 
compose  water  and  pass  into  the  ionic  stale  according  to  the  equation 

i\a  4-  H20  =  Na*  +  i  II, + OII~ 
or.  in  acidic  media,  according  to  the  equation 
Ka  t  H*  —  Na*  +  ~  I  I2 

The  ratio  of  the  activity  of  sodium  ions  to  that  of  hydrogen  ions 
at  wh'ch  equilibrium  sets  in  is  approximately  equal  to  10”.  Since 
h's  ratio  is  impossible  to  realize  either  in  acidic  solutions,  where 
the  activity  of  hydrogen  ions  an,  is  close  to  unity,  or  in  alkaline 
»1U.  n  S>  "h'ch  aH'  is  aboul  l0‘'4-  metallic  sodium  is  always 
unstable  when  in  contact  with  water. 

Stmtlitfly-  since  the  standard  potential  of  the  redox  system  Ti-* 
ill- is  considerahiymoro  negative  than  the  hydrogen  electrode  poten- 
of'tit ininm'Vi,  i  '  )' .  .,n  aqueuos  solutions  of  bivalent  salts 

of  titanium  spontaneous  oxidation  of  Ti2'  to  Ti3*  ions  will  moceed 
with  simultaneous  decomposition  of  water: 


i  acidic  media 


*-Ml20=Ti3* 


11,-rOH- 


‘  2  "* 


Ti3*_H*  =  Ti3*+ '  fl2 


All  electrodes  whose  potentials  are  less  positive  than  the  ox 
electrode  potential  are  thermodynamically  unstable  when  in  coi 
mi  ,ur  amt  water.  In  such  cases  spontaneous  reaction  of  oxvei 
<!m,C|0|"VerSIOn  l.n.,0."'a,cr  or  hydrogen  peroxide  is  observed 
simultaneous  oxidation  of  the  corresponding  metals  or  other  sub 
ces.  1  or  example,  metallic  iron  (ek.,,.,  =  _  n  /./.  vi  r 
with  the  oxygen  of  the  air  ,fe  '  >  r 

Fp  02-r  II20  =  Fe!*  +  20H- 

=  *»i5i  ■'»  « 

H,0  -  2C.,!*  +  2011- 

.l.'.'.'.V  'i1™,  C<>!'|W';.  -  -MUM  V)  sora 

di  a  lent  ions,  simultaneously  reducing  oxygen: 

Cu  -1-  4  °z  -r  HjO  CuJ-  20H- 
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Thus  if  an  electrode  is  situated  between  the  hydrogen  and  oxygen 
electrodes  in  the  electrochemical  series,  decomposition  of  water 
with  evolution  of  hydrogen  is  thermodynamically  improbable.  Since 
reduction  of  oxygen  is  still  possible,  such  an  electrode  must  lie  ther¬ 
modynamically  unstable  in  the  presence  of  water  and  air  But  if  the 
aqueous  solution  is  degassed  and  the  air  above  it  is  replaced  with 
an  inert  atmosphere,  reduction  of  oxygen  will  then  be  avoided  and 
the  electrode  will  become  thermodynamically  stable.  Under  these 
conditions  it  is  possible  to  realize  a  reversible  electrode  potential 
and  to  measure  its  magnitude  against  the  corresponding  reference 
electrode.  .  ..  ,  . 

Finally,  electrodes  with  potentials  more  positive  than  the  potential 
of  the  equilibrium  oxygen  electrode  are  thermodynamically  unstable 
and  will  decompose  water  with  evolution  of  oxygen  gas.  For  example, 
judging  bv  the  value  of  the  standard  potential  of  ceric  and  cerous 
ions,  which  is  equal  to  -f-1.61  V.  the  ions  of  tetravaleul  cerium  must 
reduce  spontaneously  with  simultaneous  decomposition  of  water 
and  formation  of  oxygen 

CeJ+  -r  4-  H-,0  -  Ce3*  +  j  02  -|-  H* 

To  evaluate  the  thermodynamic  stability  of  electrodes  in  aqueous 
solutions,  it  is  convenient’ to  use  a  diagram  of  the  type  shown  in 
Fig.  7.2,  which  gives  the  reversible  potentials  of  the  oxygen  (line  «) 
and  hydrogen  (line  b)  electrodes  as  a  function  of  hydrogen  ion  concen¬ 
tration  in  the  range  of  pH  =  0  to  14.  The  area  /  below  tbe  line  6 
of  equilibrium  potentials  of  the  hydrogen  electrode  corresponds 
to  the  region  of  water  decomposition  with  evolution  of  hydrogen. 
The  area  -7  above  the  line  a  of  equilibrium  potentials  of  the  oxygen 
electrode  corresponds  to  the  region  of  water  decomposition  with 
formation  of  oxygen.  Within  the  area  2  situated  between  the  lines 
a  mid  b  the  water  will  not  decompose;  on  the  contrary,  it  may  be 
formed  from  hydrogen  and  oxygen.  In  the  absence  of  these  gases, 
electrodes  whose  potentials  are  within  the  area  2  will  be  thermodj- 
namically  stable.  Using  this  diagram,  one  can  easily  prcdic  he 
behaviour  of  any  electrode  in  aqueous  solutions  provided  that  the 
magnitude  of  its  potent ial  at  a  given  value  of  pH  is  known,  r  igure  7.2 
also  gives  the  thermodvnamic  stability  of  water  at  -5  C  and  atmo¬ 
spheric  pressure  as  a  function  of  the  pH  of  the  solution  and  the  value 
of  electrode  potential.  ,  .  ,  , 

In  using  the  data  of  Table  7.2  it  is  necessary  to  keep  in  uuud  that 
the  conclusions  based  on  them  are  the  most  probable  only  thormody- 
namically,  indicating  only  whether  a  given  process  is  thermodyna¬ 
mically  possible.  In  actual  conditions,  however,  there  may  be  devia¬ 
tions  from  the  conclusions  made,  and  the  processes  involved  may 
occasionally  proceed  differently  from  what  would  be  expected  from 
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general  thermodynamic  considerations.  Such  deviations  are  possible 
primarily  because  the  thermodynamic  equations  for  electrode  poten¬ 
tials  lose  their  meaning  when  the  activities  of  the  reacting  species 
are  vanishingly  small.  If  the  activity  of  even  one  of  the  reactants 
is  equal  to  zero,  the  electrode  potentials  must  become  infinitely  large 
in  absolute  value;  this  is  not  observed  in  actual  fact.  Each  electrode 


Fig.  7.2.  Hcgions  of  electrochemical  stability  of  water  ami  electrode-  in  aqueous 


has  a  limiting  value  of  activity  below  which  the  tliermodvnauiic 
equation  of  the  electrode  potential  ceases  to  agree  with  experiment. 

IJlochan,sm  of ‘h,c  potential-determining  electrode  reaction 
Hr'l  hanfg,e,r  T"  be,foru  *his  limitin8  value  is  reached;  hence, 
the  nature  of  the  electrode  itself  and  the  corresponding  variation  of 
of  the  potential  with  the  composition  of  the  system  also  change. 
Thus,  for  most  metallic  electrodes  of  the  first  kind  the  variation  of 
potential  with  activity  can  no  longer  be  described  by  the  correspond¬ 
ing  thermodynamic  equation  if  the  concentration  is  below 
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■JO-*  g-ion/litre.  The  fncl  that  electrode  processes  do  not  always  pro¬ 
ceed  reversibly  may  ulso  cause  deviations  in  the  region  where  the 
thcrmodvnamic  equation  for  the  equilibrium  electrode  potential 
must  agree  with  experiment.  As  far  as  irreversible  chemical  processes 
proceeding  at  an  appreciable  rale  are  concerned,  they  are  known  to 
defy  thermodynamic  interpretation.  They  obey  the  laws  of  chemical 
kinetics.  It  may  turn  out  that  a  process,  which  is  thermodynamically 
probable  does  not  actually  take  place  because  of  its  specific  kinetic 
features.  And,  finally,  departures  arc  also  possible  associated  with 
phenomena  omitted  in  the  general  thermodynamic  treatment  of 
electrode  potentials  such  as  the  so-called  passivation  of  electrodes. 


CHAPTER  8 
Electrochemical  Systems 
(Electrochemical  Cells) 


8.1.  PRINCIPLES  OF  CLASSIFICATION 
OF  ELECT ROCHEMICA  L  SYSTEMS 

Not  only  can  (lie  various  electrodes  be  classified  according  totbc 
nature  of  the  electrode  reaction  but  also  their  possible  combinations. 
Three  principal  typos  of  electrochemical  systems,  or  cells,  are  distin¬ 
guished. 

Systems  of  the  first  type  consist  of  two  chemically  idem  icul  electro¬ 
des  with  one  and  the  same  electrode  reaction.  The  emf  of  such  systems 
would  he  equal  to  zero  if  the  physical  properties  of  both  electrodes 
and  hence  their  standard  potentials  were  identical,  lint  if  the  stan¬ 
dard  potentials  of  the  electrodes  do  not  coincide  owing  to  the  diffe¬ 
rence  in  their  physical  properties,  the  emf  of  the  system'  will  be  diffe¬ 
rent  from  zero: 

E  =  e?  -  e?  =  £°  (8.1) 

This  equation  follows  from  the  general  thermodynamic  equation 
(7.12).  Electrochemical  systems,  or  cells,  in  which  the  electrodes 
differ  only  in  their  physical  properties  and  the  emf  is  given  by  Eq. 
(8.1)  are  called  physical  cells.  In  a  physical  cell,  one  electrode,  as 
a  rule,  is  in  a  more  stable  and  the  other  in  a  less  stable  stale  under 
given  conditions.  The  source  of  electrical  energy  is  the  free  enorgv 
of  transition  of  the  electrode  from  the  less  to  the  more  stable  slate. 

In  systems  of  the  second  type  there  are  two  electrodes  coinciding 
in  their  physical  properties,  qualitative  chemical  composition  and 
the  nature  of  the  electrode  reaction,  but  the  activities  of  one  (or  seve¬ 
ral)  of  the  participants  in  the  respective  electrode  reactions  are  diffe¬ 
rent.  In  this  case  the  emf  of  the  system  (taking  into  account  the  equa¬ 
lity  of  the  standard  potentials  of  the  electrodes)  is  given,  on  the  basis 
of  Eq.  (7.12),  by 

(S-2) 

where  k  and  n  arc  the  participants  in  the  electrode  reactions,  with 
activities  different  at  each  of  the  electrodes.  Electrochemical  systems 
in  which  the  electrodes  differ  only  in  the  activity  (concentration) 
of  the  participants  in  the  electrode  reaction  and  the  emf  is  determined 
by  Eq.  (8.2)  are  called  concentration  cells.  The  source  of  electrical 
energy  in  such  cells  is  the  energy  of  transfer  of  a  substance  from  the 
greater  to  the  lower  activity. 
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Electrochemical  systems  of  the  third  type  arc  cells  in  which  the 
electrodes  may  differ  both  in  their  chemical  and  physical  properties. 
The  cmf  of  a  system  of  this  type  is  expressed  by  the  general  equation 
(7.12).  Such  electrochemical  systems  arc  called  chemical  cells.  In 
these  cells,  the  source  of  electrical  energy  is  the  chemical  read  ions 
proceeding  in  them. 


8.2.  TYPES  OF  ELECTROCHEMICAL  SYSTEMS 


8.2.1.  PHYSICAL  CELLS 

Gravitational  Cells.  These  cells  usually  consist  of  two  liquid  elec¬ 
trodes  of  different  height  made  of  one  and  the  same  metal.  The 
electrodes  are  immersed  in  a  solution  of  a  salt  of  the  given  metal. 
A  cell  of  this  type  with  mercury  electrodes  of  heights  h ,  and  hz 
(/,i  >  lu)  dipped  into  a  solution  of  mercury  salt  HgA  may  he  repre¬ 
sented  as 

Hg/HgA/Hg 

(/II)  (ZlJ) 

The  electrode  of  greater  height  (A,)  has  an  increased  amount  of  free 
energy  compared  with  the  electrode  of  smaller  height  (A;),  and  there¬ 
fore  it  dissolves  to  form  mercury  ions: 

and  at  the  right-hand  electrode  the  mercury  ions  are  discharged  and 
metallic  mercury  is  deposited: 


4-H;++*=Hg 

<*!> 

Hence,  the  overall  process  in  the  cell  is  the  transfer  of  mercury  from 
the  higher  electrode  to  the  lower  one 
Ilg-*-Hg 


This  spontaneous  process  keeps  on  running  until  the  heights  of  the 
two  electrodes  become  equal.  Thus,  gravitational  cells  are  electro¬ 
chemical  systems  in  which  the  mechanical  energy  due  to  the  difference 
in  the  gravity  of  the  electrodes  (whence  the  name  of  these  cells) 
is  transformed  into  electrical  energy  as  a  result  oftheelectrochen.icul 
reactions  taking  place  in  them.  The  cmf  of  gravitational  cells  depends 
on  the  height  difference  and  decreases  as  this  difference  becomes 
smaller.  The  cmf  of  cells  of  this  type  is  usually  very  small.  For 
example,  for  mercury  at  a  height  difference  of  An  =  100  cm  the  etui 
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is  only  about  20  X  10'‘  V.  Some  values  of  tlie  einf  for  the  system 
Hg-’Hfel*.  Kl/Hg 

(ft ■)  (*i) 


calculated  from  the  height  difference  Aft,  using  the  relation  Ecat  = 
=  MgShiiF ,  where  M  =  molecular  weight  and  g  —  gravity  due 
to  acceleration,  and  measured  directly  arc  as  follows: 


The  satisfactory  agreement  between  the  theoretical  and  experi¬ 
mental  values  of  cmf  corroborates  the  concept  of  the  origin  of  electri¬ 
cal  energy  in  gravitational  cells.  The  emf  of  such  cells  can  be  raised 
to  several  millivolts  by  creating  a  larger  difference  in  the  gravity 
of  the  electrodes,  c.g.  by  centrifuging.  In  this  case  the  emf  will  also 
be  very  small,  only  a  small  fraction  of  the  mechanical  energy  consu¬ 
med  for  the  operation  of  the  centrifuge  being  converted  into  electri¬ 
cal  energy.  Although  such  cells  are  of  no  practical  importance, 
they  are  of  interest  because  the  property  described  points  to  the  pos¬ 
sibility  of  generation  of  electrical  energy  in  systems  with  chemically 
identical  electrodes. 

Allotropic  Cells.  The  electrode  materials  in  cells  of  this  type  are 
two  modifications  of  the  same  metal  (M„  and  Mu)  immersed  in  a  solu¬ 
tion  (or  a  melt)  of  its  ion-conducting  compound.  At  a  given  lempe- 
raturo  (unless  it  is  the  phase  transformation  temperature  at  which 
the  two  modifications  coexist  in  equilibrium)  only  one  modification 
of  the  metal  chosen  is  stable  and  the  other  is  in  a  met  as  I  able  stale. 
An  electrode  made  of  a  metal  in  a  mctaslablu  state  (say.  MB)  will 
possess  an  increased  amount  of  free  energy.  It  plays  the  role  of  the 
negative  electrode  in  the  cell  and  supplies  metal  ions  to  the  solution: 


Ms  =  M-  +  se 

At  the  electrode  prepared  from  the  stable  a-inodifiralion  metal 
ions  ure  discharged: 

-I-  se  =  Ma 

Thus,  the  overall  reaction  proceeding  in  the  cell 

Mj/MA/M,, 

consists  in  the  transfer  of  metal  from  the  metastablc  modification 
to  the  stable  one: 

Mj  -*■  M0 

which  is  an  electrochemical  transformation  of  the  unstable  modifica¬ 
tion  into  the  stable  one.  From  the  frcc-cnergy  change,  which  cor¬ 
responds  to  an  allotropic  transformation,  one  can  calculate  the  cmf 
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of  the  system  or,  conversely,  the  free  energy  of  an  allolropic  li 
million  can  he  determined  from  the  emf.  which  is  relalivel 


Under  certain  conditions  such  cells  can  lie  used  l< 
temperature  of  allolropic  transformation.  If  the  tempi 


deli 


e  the 

a  i. seil 

to  a  value  alwhich  tile  a-mod  ificnli  on  is  converted  to  the  p-i"«>di li¬ 
ce  lion.  the  metal  of  the  two  electrodes  will  he  in  the  same  modihca- 
lion.  and  the  emf  of  the  system  will  be  equal  (or  close)  to  zero.  I  he 
emf  of  the  system  may  he  different  from  zero  because  the  free  energy 
of  two  electrodes  made  of  a  metal  of  the  same  modihcalion  need  not 
be  equal.  This  is  observed,  for  example,  when  the  electrodes  differ 
in  grain  size  or  are  subjected  to  different  internal  stresses.  An  electrode 
mule  uii  of  smaller  crystals  or  experiencing  excessive  mechanical 
stress  plavs  the  role  of'lhe  negative  pole  of  the  cell.  This  electrode 
dissolves,  and  the  metal  is  deposited  at  the  other  one.  ■'•ofeo'er -  ^n 
emf  mav  appear  even  when  faces  of  a  single  crystal  of  one  and  the 
same  met  il  ire  u«ed  as  electrodes,  because  they  possess  different 
amounts  of  free  energy.  The  electrode  formed  by  the  face  with  the 
greater  amount  of  surface  energy  will  dissolve,  and  metal  ions  will 
be  deposited  on  the  crystal  face  with  the  smaller  amount  of  surface 
enei-'v  Uv  measuring  the  resulting  emf  one  can  find  the  difference 
in  surface  'energy  between  faces  of  a  single  crystal  of  the  given  metal. 
II  si, i, uli  I  wisVr  l,t  -smssscl  II,. I  in  mmt  «•  *,  l»'«""»l  **• 
rence  existing  between  two  different  samples  of  one  and  the  same 
metal  should  not  he  identified  with  the  value  of  the  reversible  emf. 

Electromotive  forces  arising  in  the  cases  considered  are  usually 
small:  ncwrl lieless.  in  certain  electrochemical  reactions,  say  in  corro¬ 
sion  processes,  they  should  be  taken  into  account. 

8.2.2.  CONCENTRATION  CELLS 

Concentration  Cells  of  the  First  Kind.  Two  types  of  concent  rat  ion 
cells  are  distinguished:  cells  of  the  first  and  (lie  second  kind.  Con¬ 
centration  cells  of  the  first  kind  consist  of  two  electrodes  of  the  same 
chemical  nature  but  of  different  activities;  both  electrodes  are  immer¬ 
sed  in  the  same  solution.  A  typical  example  of  concentration cellsof 
the  first  kind  is  provided  by  amalgam  cells,  in  which  the  elect 
differ  c  “  "  “  '~l 


ii  the  activity  of"  the  metal  dissolved 
M.  fig  MAM.  III? 


n  the  amalgam: 


,.  the  metal  dissolves  at  the  left-hand  electrode  and  passes 
ion  as  the  corresponding  ions: 

s«'  •  I  Iff 
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rile  some  reaction  proceeds  at  the  right-hand  electrode  but  in  tbe 
opposite  direction: 


The  overall  cell  process  consists  in  transfer  of  the  metal  from  the 
concentrated  amalgam  to  the  dilute  one 
MHg-*-MIIg 

(“i*  (’ll* 

and  the  emf  of  such  a  system  is  given  by 

£  =  -gl  in^i-  (8.3) 

In  amalgam  cells,  this  process  goes  on  v.  :!•  there  is  a  diileronce 
in  the  concentrations  (activities)  of  the  am,.:,  is  used  as  electrodes. 

An  example  of  an  amalgam  cell  is  prov;  :  by  a  cell  consisting 
of  potassium  amalgams  of  different  activitie-  i  I  a  solution  of  potas¬ 
sium  chloride 

K,  Hg/KCl/K.  tig 

(«,)  o„> 

The  emf  of  this  system  is  determined  by  lim  formula 

E  =  b°logjL 

Since  metal  ions  are  always  positively  charged,  the  emf  of  the  amal¬ 
gam  cell  as  written  will  be  greater  than  zero.  1hc_  fundamentals  of 
the  theory  of  amalgam  cells  were  worked  out  by  V.  Tyurin  (1890). 

Concentration  cells  of  the  first  kind  may  also  be  exemplified  by 
simple  gas  systems  consisting  of  two  identical  gas  electrodes  at  diffe¬ 
rent  pressures.  The  emf's  of  such  systems  can  be  found  from  the  mecha¬ 
nical  work  done  in  transferring  one  mole  of  gas  from  the  high  pressure 
P'  to  the  low  pressure  P'i 

E^£L\n-£r  (8.(> 


For  example,  the  emf  of  the  gaseous  hydrogen  cell 


H2,  Pt/HCl/H2,  Pt 
(PH,I 


is  given  by  the  equation 


(8.5) 


In  the  cell  as  written,  the  hydrogen  gas  is  ionized  at  the  left-hand 
electrode,  while  at  the  right-hand  electrode  the  hydrogen  ions  are 
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discharged  and  the  hydrogen  formed  is  transferred  to  the  gas  phase. 
The  positive  electric  current  flows  within  the  cell  from  left  to  right 
and.  according  to  the  International  convention,  the  cell  emf  will 
be  positive. 

The  emf  of  a  chlorine  gas  cell  of  Ihc  type 
Cl2.  Pl/HCI.;CI*,Pt 
0'cit>  <*cn> 

is  given  by  I  he  equation 


i hen  the  reaction  at  the  left-hand  electrode  is  the  ioni- 
“  .jo,,  „f  chlorine  rcsulling  in  negatively  charged  chloride  ions. 
At  the  rHit-hand  electrode,  the  chloride  ions  are  discharged  and  the 
chlorine  molecules  formed  are  transferred  to  the  gas  phase.  The  posi- 
,  :  clll-ri.i.t  nows  from  right  to  left  and,  according  to  the  International 
convention,  the  emf  of  this  cell  is  negative1*.  Equation  (8.4)  indicates 
.  »  ..  „..SI,S  such  as  hydrogen  and  chlorine  with  *  =  ±  2  the  emf 

,  _as”,.j|  at  a  pressure  ratio  of  P'lP'  =  10  and  at  2b°C  is  about 

?‘no  v  For  an  oxygen  gas  cell  (a  =  —4)  under  the  same  conditions 
the  emf  i“  equal  to  0.015  V. 

Concentration  Cells  of  the  Second  Kind.  Cells  of  this  type  consist 
f  two  identical  electrodes  immersed  in  solutions  of  the  same  oloctro- 
,  ,  r  different  activities.  Depending  on  Ihc  ions  with  respect  to 
*  h'cli  the  electrodes  are  reversible,  concentration  cells  of  the  second 
kind  are  classified  ns  cationic,  e.g. 

K,  Hg/KCl/KCl/K,  Hg 


nnd  anionic,  e.g. 

a"  Ag,  AgCI/HCl  HCl/AgCl,  Ag 

<■>,)  «•,!> 

Th  •  nvocess  giving  rise  to  an  emf  in  cells  of  this  type  is  Ihc  transfer 
icC(rolyte  front  the  concentrated  to  the  dilute  solution:  such 
0  iJ.  Cf.  therefore  also  known  os  concentration  cells  with  transference 
cells  ar  They  may  also  be  called  concentration  cells  with  a  liquid 
(or  frans/*  (j)erc  js  a  boundary  between  the  two  solutions,  across 
junction  «•  nrc  (,.onSp0r|t,(|  onti  „  diffusion  potential  develops, 
wliich  I®  ■  _Jg  nn  example,  the  generation  of  an  emf  in  anionic  cells. 
Consi*  ■  ‘  |(C  reaction  at  the  left-hand  electrode  is 

!f  n  >  Ag  +  CIr  -  AgCI  4-  < 

- negative  value  of  emf  follows  from  the  fact  that  here  j  =  —2. 


and  ions  nru  transferred  according  lo  llieir  transport  ■■iiiiiIkt.- 
(<  +  Hf  -j-  <_Clf).  As  a  result  of  Hie  electrode  reaction,  a  molecule 
of  silver  chloride  is  formed,  for  which  one  g-ion  of  chloride  ions 
is  used.  At  the  same  time,  I.  g-ions  of  chloride  ions  migrate  to  the 
electrode  on  the  left,  thus  partially  compensating  the  loss  of  chloride 
ions.  The  net  loss  of  chloride  ions  when  one  faraday  of  electricity 
is  passed  through  the  cell  is 

-  (1  -  I.)  Clf  -  -  f+CIf 

The  region  around  the  electrode  will  lose  l  <-  g-ions  of  hydrogen,  and 
so  the  amount  of  hydrogen  chloride  will  lie  reduced  hy  l  grain- 
equivalents. 

The  same  processes  will  lake  place  at  the  right-hand  electrode  but 
in  the  opposite  direction:  first,  the  conversion  of  silver  chloride  into 
metallic  silver  and  chloride  ions: 

AgCI  4-  *  =  Ag  +  Clii 
and.  second,  the  transport  of  ions: 


As  a  result,  the  amount  of  hydrogen  chloride  at  the  right  hand  electro¬ 
de  will  increase  by  l +  gram-equivalents. 

The  sum  of  all  the  electrode  processes  gives  the  goeval  equation 
for  the  electrochemical  reaction  in  I  lie  anionic  cell. 

f+Uf  i-  /  ,Clfi  ia.lir,  +  /+Clfi  (8.7) 

Thus,  the  source  of  electrical  energy  in  the  concentration  cell  under 
consideration  is  the  transfer  of  / gram-equivalents  of  hydrogen 
chloride  from  the  more  concentrated  lo  (he  more  dilute  solution. 
Using  Eq.  (7.7)  in  combination  with  liq.  (8.7),  we  obtain  the  expres¬ 
sion  for  the  omf  of  an  anionic  concentration  cell  of  the  second  kind: 


E  =  E°-j-  -y-  In  ~^  (l>  ,;(1) 

"fit)  CI(!I) 


(8.8) 


(S.'J) 


since  E°  =  ej  -j-  ej  must  be  equal  to  zero  for  a  system  with  two 
identical  electrodes  connected  in  opposition  (e*  =  —  el). 

Using  Eq.  (2/i)  relating  the  mean  ionic  activity  of  an  electrolyte 
to  the  activities  of  its  individual  ions,  one  can  write 
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E  =  2l,2.3«3^r  l«a 


of  the  type  ,  „ 

K.  Hg/KCI  •  KC1/K.  Hg 

the  following  equation  is  valid: 

£, -2^303  (»■*<> 

I'Vmii  Eos  (8  10)  and  (8.11)  it  follows  that  by  measuring  the  cmf 
with  a  liquid  junction  at  different  concentra¬ 
tions  one  can  find  the  transport  numbers  of  lh®  ,on*-  .  rilV(>r,ibi,. 

S'  "iV.  „,r,.lr«lion  of  ll.o  reaclanls  on  .ho  omf  rol.inod. 

8.2.3.  CHEMICAL  CELLS 

Ch-mical  cells  are  usually  subdivided  into  simple  8 1 1 
'  sininle  chemical  cells  one  electrode  is  reversible  with  res  peel 
“  the  cations  of  the  electrolyte  and  the  other  to  the  anions.  In  com- 
cel.  of  the  type 

H-,  M/HjO/O;.  M 
H«  +  -j  O:  ~  Ha° 

Co, oh . .,,bton»«.l»»lll.Kq‘P-’).«»W«‘».hoM|o-in,o«|»»u 

sion  for  the  emf  of  the  hydrogen-oxjgcn  cell 


The  same  equation  can  be  obtained  by  considering  the  partial 
electrode  reactions.  The  reaction  occurring  at  the  hydrogen  elec  rode 
is  the  ionization  of  hydrogen 

II.  =  2H*  -f  2e 
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The  cmf  of  the  cell  is  thus  given  by 


1+«L,n^L.^.,^L,n^2L  (8J 


(8.17) 


«il*«SO'{-  =*=  «ll=SO, 

where  «h-soi  is  the  total  activity  of  If^SO,  we  can  write  for  the  emf 
of  the  lead  accmniilalor,  in  place  of  K<|.  (<S.I7). 

E^-E'-i  In  (8.18) 


E  ■-=  2.04  +  0.059  log 


(8.19) 


In  lead  accumulators  use  is  made  of  c< 
phuric  acid,  and  therefore  the  activity  c 
here  and  cannot  be  included  in  the  measi  w.l  emf. 

The  currcnl-producing  processes  lying  at  she  basis  of  liq.  (8.18) 
are  in  accord  with  the  so-called  theory  of  dm. !dc  siilphalion  develo¬ 
ped  by  Gladstone  and  Tribe.  According  to  this  theory  both  electrodes 
arc  converted  into  lead  sulphate  on  discharge.  When  they  become 
identical  in  chemical  composition,  i.c.,  when  they  are  both  transfor¬ 
med  to  electrodes  of  the  second  kind.  SO;  I’bSO..  I’b.  the  cell 
emf  practically  falls  down  to  zero.  The  product  of  the  electrode  reac¬ 
tions— solid  lead  sulphate— is  capable  of  adhering  to  the  electrode 
surface.  Therefore,  when  a  current  flows  in  the  opposite  direction  (if 
an  external  source  of  direct  current  is  connected  to  the  cell),  the 
reactions  proceed  from  right  to  left,  recovering  the  initial  current- 
producing  substances  (metallic  lead  and  lead  dioxide).  After  this 
process  is  complete,  the  electrochemical  cell  can  again  operate  as 
a  source  of  electrical  energy,  i.c..  it  is  capable  of  functioning  as  an 
electrochemical  accumulator  of  electrical  energy.  These  discharging 
and  charging  cycles  may  repeat  many  limes,  the  original  stale  of  the 
system  being  recovered  after  each  new  charging.  Such  accumulators 
arc  therefore  sometimes  called  secondary  cells,  in  contrast  to  primary 
cells (e.g.  the  Weston  cell)  in  which  (lie  energy  of  chemical  reaction's 
can  be  used  but  once. 

The  cell  discussed  above  was  the  first  lead  accumulator  It  was 

teis.i.d by  Plant!  him  on  [In,  b.i.i,  „r  .  i,l,a  .ugstMtd  w 

Jakobi.  Later,  in  the  20lh  century,  alkaline  accumulators  were  devi- 
seil,  viz.  nickel-iron  (Edison),  nickel-cadmium  (Jungncr)  and  silver- 
*"ic  cells  (Andre). 


Ch.  8.  F.ltctr 


il  Sfitle 


201 

Complex  Chemical  Cells.  Kxamplos  of  this  type  of  cells  are  the 
primary  Daniel  l-Jnkohi  and  Leclanchd  cells. 

The  Danicll-Jakobi  cell  may  he  schematically  represented  as 

Zn/ZnSO*|CuSO,/Cu 

The  reaction  lak i nji  place  in  the  cell  is 

Zn  -b  Cir*  =  Zn2*  -b  Cu 

The  left-hand  electrode,  the  negative  pole  of  the  cell,  is  reversible 
with  respect  to  zinc  ions,  and  the  electrode  on  the  right,  the  positive 
pole,  with  respect  to  copper  ions.  The  emf  of  the  cell  is  therefore 
determined  by  the  ratio  of  the  activities  of  copper  and  zinc  ions: 

e 

In  this  cell  there  is  a  boundary  between  the  two  solutions,  across 
which  a  diffusion  potential  is  developed.  The  equations  for  the  che¬ 
mical  reaction  and  the  emf  of  the  Danicll-Jakobi  cell  are  in  fact  more 
complicated  than  those  given  above.  Hut  since  the  mobilities  of  cop¬ 
per  and  zinc  ions  do  not  differ  considerably  and  the  concentrations 
of  copper  and  zinc  sulphates  arc  nearly  equal,  the  diffusion  potential 
plays  no  significant  part  in  the  generation  of  an  emf  in  this  cell. 

For  the  l.eclanche  cell 

Zn/NHiCl,  ZnCU/MnO;,  C 

the  probable  current-producing  reaction  may  be  written  as 
Zn  -b  2MI4C1  +  2MnOj  =  Zn(NH9)2Cl.  +  Mn-O,  -b  H*0 
The  theory  of  the  operation  of  the  Leclanchc  cell  has  been  insuffi¬ 
ciently  worked  out  so  far. 

Double  Chemical  Cells.  In  double  chemical  cells  two  identical 
simple  cells  of  different  electrolyte  activities  have  a  common  electrode 
and  arc  thus  electrically  combined  into  a  single  cell  via  an  electronic, 
conductor.  For  example,  two  simple  cells  consisting  of  a  silver- 
silver  chloride  and  a  hydrogen  electrode  each  can  be  joined  to  form 
a  double  cell  with  a  common  hydrogen  electrode: 


Ag,  AgCI/lICl/Hj,  Pi,  Ht/lICI/AgCl,  Ag 

<aI>  <°11> 

The  same  reaction  lakes  place  in  each  single  cell: 

Ag  -b  H+  +  Cl"  =  AgCl  -b  4-  Hi 
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The  emf  of  the  cell  is  thus  given  by 


j-Jg.1,  a",aso5- 


oWso?-  =0115*0, 

where  is  the  lolul  activity  or  H,SO.  we  can 
oi  (lie  lead  accumulator,  in  place  of  Kq.  (8.17), 


e  for  the  emf 
(8.18) 
(8.19) 


£■2.01+  0.05!)  log  -aH»90< 

In  lead  accumulators  use  is  made  of  concenlraled  solutions  of  sul- 
!'hur,c  f*.  »”'l  Ikmbn  Ui.  .aiviiv  oi  .. , 

here  and  cannot  he  included  in  the  measured  emf  C  ‘  1 

I  he  current-producing  processes  lying  „|  i|„.  |)JlsK  „f  |.;(.  (8  ,8) 

|»cd  by  (•ladslouc  and  Irihe.  According  to  this  theory  l„.Mi  electrodes 
are  converted  into  lead  sulphate  on  discing.  W he  i  he^S 
identical  in  chemical  composition  ie  when  it,,..-  ..  Yi  ,  T 
ined  to  electrodes  of  the  second  kind.  SO;-/l*bSO.  i’l/  tlie^cell 
emf  practically  falls  down  to  zero.  The  product  of  it...',  i.  ,  „  j 

lions— soli . .  sulphate-is  capable  of  h  nr  . ,  ,  i 

surface.  Therefore,  when  a  current  flows  in' the  opposite  direct  h.n°(if 

. .  --^iSHCS. 

process  is  complete,  the  electrochemical  cell  cm  leii,,  .1M1,r...„ 
a  source  of  electrical  energy,  i.e..  it  is  callable  of  -  ' 

electrochemical  accumulator  of  electrical  energy.  These  discharging 
"...  durum  cycle.  m,,y  ,|“ori  J  £ 

rsifejjrr . tr*r . 

.  ;  smm-l iint-s  Cilllcil  secondary  cello,  in  conlni.l  In  . .  irv 

tl,  itt«,T  ««y  *  d,,. . I 

Tin'  cell  dllCIBKd  I'  I'll  VC  will  ||„.  Iinll  ecu, . . .  I, 

.  C..B..C.I  by  I'lnnto  i„  185!)  «,  bns„  , . , ,  ” JL  ,  J 

!}*•  1  clk.lin.  ccccm ul.  o,  »  *  7 

st  “firsts"  ***« . .  . . .  sit- 
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Complex  Chemical  Cells.  Examples  of  this  type  of  cells  are  the 
primary  Daniell-Jakobi  and  Leclanche  cells. 

The  Daniell-Jakobi  cell  may  be  schematically  represented  as 

Zn/ZnSO*  |  CuS04/Cu 

The  reaction  taking  place  in  the  cell  is 

Zn  +  Cua*  =  ZnJ*  -r  Cu 


The  left-hand  electrode,  the  negative  pole  of  the  cell,  is  revcrsibli- 
with  respect  to  zinc  ions,  and  the  electrode  on  the  right,  the  positive 
pole,  with  respect  to  copper  ions.  The  emf  of  the  cell  is  therefore 
determined  by  the  ratio  of  the  activities  of  copper  and  zinc  ions: 


At 


(8.20) 


In  this  cel!  there  is  a  boundary  between  the  two  solutions,  across 
which  a  diffusion  potential  is  developed.  The  equations  for  the  che¬ 
mical  reaction  and  the  emf  of  the  Daniell-Jakobi  cell  are  in  fact  more 
complicated  Ilian  those  given  above.  But  since  the  mobilities  of  cop¬ 
per  and  y.i'ic  ions  do  not  differ  considerably  and  the  concentrations 
of  copper  -:ud  zinc  sulphates  are  nearly  equal,  the  diffusion  potential 
ploys  no  significant  part  in  the  generation  of  an  emf  in  this  cell. 

For  the  Leclanche  cell 


Zn/iNM.Cl,  ZnCU/MnO*  C 

the  probable  current-producing  reaction  may  be  written  as 
Zn  -I-  2NII4C1  +  2.M11O2  =  Zn(NlIj)jCI5  +  Mn.Oj  -f  H*0 
The  theory  of  the  operation  of  the  Leclanche  cell  has  been  insuffi¬ 
ciently  worked  out  so  far. 

Double  Chemical  Cells.  In  double  chemical  cells  two  identical 
simple  cells  of  different  electrolyte  activities  have  a  common  electrode 
and  are  thus  electrically  combined  into  a  single  cell  via  an  electronic 
conductor.  For  example,  two  simple  cells  consisting  of  a  silver- 
silver  chloride  and  a  hydrogen  electrode  each  can  be  joined  to  form 
a  double  cell  with  a  common  hydrogen  electrode: 

1  11 

Ag.  AgCl/MCI/llj,  Pi,  Hj/HCl/AgCl.  Ag 

(«,)  <»n> 

The  same  reaction  lakes  place  in  each  single  cell: 

Ag  4-  H* + Cl'  =  AgCI  + 1 II2 
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bul  in  opposite  directions.  If  ai  >  an-  I  lien  in  the  first  cell  the  reac¬ 
tion  proceeds  from  left  to  right,  mid  in  the  second,  from  right  to  left: 

Ag--  Ilf  -i-CIf  -  AgCl  -f  4-  Th¬ 
an  d 

AgCI  -i-  j  Hi  =  Ag  -i-  Ilfi  Gift 

The  overall  process  is  equivalent  to  the  transfer  of  I  g-ion  of  hydro¬ 
gen  and  1  g-ion  of  chloride  ions  from  the  lirst  cell  to  the  second: 

Ilf  -~  Clf  +  lift  j-CIn 

though  actually  there  is  no  transport  in  this  system  because  of  the 
absence  of  a  boundary  between  the  solutions,  and  the  change  in  the 
amount  of  hydrochloric  acid  is  caused  not  by  ion  i  ransport  bul  by  the 
chemical  reactions  taking  place  in  the  cell.  Aeon  ding  to  the  equation 
for  the  reaction  involved,  the  cmf  of  the  eel!  is  given  by 

E  =  E°- j--££ln— fo  (8.21) 

aiifn,"c!;j!, 

Here  E°  is  the  standard  cmf  and  is  equal  i 
reaction  occurs  in  the  two  single  Cells  bin 
On  one  side  of  the  hydrogen  electrode  (win 
Cells)  the  cathodic  process  II'  —  c  '..II 
other,  the  anodic  process  '/}ll:  =  II*  -  e  >« 
bi/iolar  electrode*;  they  find  wide  use  in  tin  H- 
Taking  into  account  that  F  F,  —  C,,  and 
ionic  activity  of  the  acid  for  individual  to 
write,  in  place  of  (8  21). 

E  =  EX-E„  In  7”“  (8-22) 

A  double  chemical  cell  resembles  a  concentration  cell  of  the  second 
kind  in  the  nature  of  the  process  involved  and  in  the  form  of  the 
equation  for  the  cmf.  In  double  chemical  cells,  however,  there  is 
no  liquid  junction  between  the  solutions  and  so  the  nuisance  of  diffu¬ 
sion  potentials  is  avoided.  A  comparison  of  the  cmf  of  a  double  chemi¬ 
cal  cell  with  that  of  a  concentration  cell  of  the  second  kind  with  the 
same  electrolyte  enables  determination  of  its  transport  numbers 
because  in  Eq.  (8.10).  as  distinct  from  Eq.  (8.22).  the  prelogarithmic 
factor  includes  the  transport  number  of  the  cation.  By  computing 
the  cmf  of  a  double  chemical  cell  with  that  of  the  corresponding  simple 
cell,  one  can  find,  with  great  accuracy,  the  standard  potentials  of 
its  electrodes  as  well  as  the  activity  coefficients  of  the  electrolytes. 


zero  since  the  same 
opposite  directions 
-  common  foi  both 
i  -  place,  and  on  llie 
.-h-clrodcs  are  called 
■  >>■  lii  inic.il  industry, 
instituting  the  mean 
activities,  we  can 


203 


Ch.  H.  Electrochemical  Systems 

Consider,  as  an  example,  the  use  of  double  cells  for  determining 
the  standard  potential  of  a  silver-silver  chloride  electrode  and  the 
mean  activity  coefficient  for  hydrochloric  acid.  Suppose  that  the 
activities  of  the  hydrogen  and  chloride  ions  in  cell  I  and  hence  the 
mean  activity  of  the  hydrochloric  acid  are  equal  to  unity,  and  the 
hydrogen  gas  pressure  is  one  atmosphere.  1'he  einf  of  this  cell  will 
correspond  lo  its  standard  emf.  which  is  equal  to  the  difference  bet¬ 
ween  I  he  standard  potentials  of  the  hydrogen  and  silver-silver  chlo¬ 
ride  electrodes1*: 

A’,  =  E\  =  ch./ii,  —  eci-/A(cci.Ag  (8.23) 

but  eJi./Hj  =  0  and  therefore 

E,  =  —  eci-/Asci.  a« 

The  total  emf  of  a  double  cell  is  determined  in  this  case  by  the  oqua- 


Taking  into  account  that 

«±  =  m±f± 


one  can  v. rile,  in  place  of  Eq.  (8.24), 

=  .„-*n - S-tt'*  ii.— 2  Tr  h l±nc («  25) 

>» /.*»„,,  -  —  +  Inni.Ha,,,,  <S.2B) 

The  value  of  A',,  at  different  molalities  of  the  solution.  m±nci,n). 
is  obtained  by  direct  measurement  of  the  emf  of  a  simple  chemical 
cell*) 

Pi,  IIj/IICl/AgCI,  Ag 

<»i±> 

The  value  of  the  right-hand  side  of  Eq.  (8.2G)  may  therefore  be  regar¬ 
ded  as  known  for  any  molality  iici(ii,  :  at  any  value  of  m  ..  the 


11  The  equilibrium  polcntiul  of  the  silver-silver  chloride  electrode  on  the 
hydrogen  scale  is  defined  as  the  emf  of  the  cell  1*1.  Hj/HCl/AgCl.  Ag.  This  nota¬ 
tion  is  reversed  for  cell  I,  i.e..  the  liydrogcn  electrode  potential  is  expressed  with 
respect  lo  the  silver-silver  chloride  electrode,  this  leading  to  Eq.  (8.23). 

The  emf  of  electrochemical  cells  is  usually  measured  by  tin-  I’oggendorfl 
compensation  method.  Tho  principle  of  this  mclliod  is  explained  in  textbooks 
on  physical  chemistry.  A  detailed  description  can  be  found  in  manuals  on  physi¬ 
cal  chemistry  and  electrochemistry. 


^  Tt  ai  oT 


0.4  0.5  cl  0.7  —  m 1/1 

Fig.  8.1.  The  graphical  dotcrmi nation  of  (lie  polenlial  of  a  silver- 

silver  chloride  electrode  front  changes  in  the  e-ni's  of  chemical  cells 


to  the  standard  potential  of  the  silver-silver  chloride  electrode  on  the 
hydrogen  scale.  At  25 'C  the  value  of  the  standard  potential  of  the 
silver-silver  chloride  electrode  obtained  in  this  way  is 

Cci-/Agci.  Ac  =  0.2224  ±  O.OOOlti  V 

Now  that  the  value  of  the  standard  potential  of  the  silver-silver 
chloride  electrode  is  known,  one  can  find  the  ionic  activity  for  hydro¬ 
chloric  acid  by  using  the  equations  for  the  emf  of  a  simple  chemical 
cell  and  the  potential  of  the  silver-silver  chloride  electrode.  Since 
the  relation  between  the  cell  ctnf  and  the  molality  of  the  electrolyte 
is  not  liuear.  for  exoct  extrapolation  one  has  lo  measure  the  value 
of  emf  in  very  dilute  solutions.  The  solutions  used  shall  be  pure 
and  the  experiment  must  be  carried  out  very  carefully.  Other  methods 
of  extrapolation  have  been  proposed  which  make  use  of  the  theore¬ 
tical  or  empirical  equations  for  the  activity  coefficient.  This  enables 
one  lo  avoid  Ihc  difficulties  indicated  mid  lo  restrict  himself  lo  measu¬ 
rements  of  the  emf  in  not  very  dilute  solutions. 

Many  of  the  standard  potentials  listed  in  Table  7.2  have  been 
determined  by  this  method.  In  those  cases  when  direct  measurement 
was  impossible,  the  values  were  found  from  Ihermochemicnl  data. 
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8.3.  POTKNTIOMETRY 

I'otcnliomctry.  like  conductometry.  is  mi  electrochemical  method 
of  miiilysis  widely  used  in  scientific  research  and  in  conlrol  of  various 
tccluiolojiic.il  processes.  It  is  based  on  tile  dependence  of  electrode 
potentials  on  the  composition  of  the  solution.  As  distinct  from  the 
conductometric  method,  the  polenliomclric  technique  is  used  to 
measure  a  specific  properly  of  solutions— the  activity  of  a  given  ionic 
species.  It  should  be  kept  in  mind  however  that  the  activity  of  ions 
of  a  given  type  depends  not  only  on  their  concentration  hut  also 
on  the  ionic  strength  of  the  solution,  i.e..  on  its  general  composition. 
In  this  sense,  activity,  like  electrical  conductance,  is  an  integral 
property  of  the  solution. 

The  poteiitioniclric  method  can  be  used  to  determine  not  only 
the  activity  of  the  ions  present  in  a  given  solution  under  given  condi¬ 
tions.  hui  also  the  total  concentration  of  these  species,  no  matter 
whether  they  are  present  as  free  ions  or  make  part  of  the  correspond¬ 
ing  compounds.  In  the  first  case  one  speaks  of  direct  polentiomelry 
(ionomeiry).  and  in  the  second,  of  potent iomclric  titrations.  Combin¬ 
ing  the  results  obtained  by  the  two  methods,  one  can  determine  the 
dissociation  constant  of  a  given  electrolyte.  For  example,  in  an  aque¬ 
ous  solid  •(■II  of  acetic  acid,  as  a  result  of  incomplete  electrolytic  dis- 

CH3C00H  =  CHjCOO-  -T  H* 

part  of  tin-  acid  is  present  in  the  ionized  stale  and  the  other  part 
in  the  form  of  undissociatcd  molecules.  Direct  potenliomelry.  or 
iouomct ry,  yields  data  on  the  content  of  free  hydrogen  ions  and  hence 
the  concentration  of  dissociated  molecules  of  acetic  acid.  In  polcnlio- 
melric  titration,  which  is  conducted  in  much  the  same  way  as  ordi¬ 
nary  volumetric  titration  except  that  the  electrode  potential  is  used 
ns  indicator,  the  hydrogen  ions  arc  made  to  combine  into  water  by 
adding  hydroxyl  ions,  and  the  equilibrium  of  the  dissociation  reac¬ 
tion  is  shifted  to  the  right  until  all  the  acid  is  titrated. 

In  direct  potcntioinctry.  use  is  made  of  electrodes  of  accurately 
known  standard  potential  which  arc  strictly  reversible  with  respect 
to  the  ionic  species  to  be  determined.  For  example,  to  measure  the 
hydrogen  ion  concentration  (pH  value)  one  should  moke  use  of  such 
indicator  electrodes  as  the  hydrogen,  quinhydronc  or  glass  electrode: 
with  certain  conditions  observed  and  in  a  definite  range  of  pH  each 
of  these  electrodes  strictly  obeys  the  equation 
e  =  e®  —  6#pH 

Metal-metal  oxide  electrodes  (e.g.  the  antimony  electrode)  cuu  also 
be  used  for  pH  measurements  provided  they  hove  beeu  calibrated 
against  buffer  solutions  of  known  pH1*.  The  second  electrode  (the 

'•  A  class  electrode  must  also  be  calibrated. 
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reference  or  comparison)  is  usually  a  half-cell  of  known  potential, 
say,  the  hydrogen  or  calomel  electrode.  Measures  must  be  taken  to 
eliminate  possible  diffusion  potentials  so  that  the  measured  end 
corresponds  only  to  the  potential  difference  between  the  indicator 
electrode  and  the  reference  electrode. 

In  polentiomctric  titrations,  indicator  electrodes  need  not  meet 
the  above  requirements.  In  this  case  electrodes  must  only  provide 
a  regular  change  of  the  potential  with  concentration  of  the  ions  intro¬ 
duced  or  to  be  determined.  The  reference  electrode  may  be  either  the 
internal  or  the  external  electrode  immersed,  together  with  the  indi¬ 
cator  electrode,  in  the  lest  solution.  It  is  necessary  that  the  potential 
of  the  reference  electrode  either  remain  constant,  during  titration 
or  change  differently  from  that  of  the  indicator  electrode.  Since 
in  polentiomctric  titrations  the  potential  of  the  indicator  electrode 
need  not  be  determined,  no  measures  are  taken  to  eliminate  diffusion 
potentials. 

The  principle  of  polentiomctric  titrations  may  be  illustrated  by  the 
following  example.  Suppose  a  solution  of  hydrochloric  acid  is  to  be 
titrated  with  a  solution  of  sodium  hydroxide.  By  measuring  the 
potential  of  the  indicator  electrode  one  can  'assuming  that  the  con¬ 
centrations  arc  equal  to  the  activities  and  neglecting  the  effect  of 
clcclrostriclion)  trace  the  variation  of  the  hydrogen  ion  concentration 
during  the  titration.  It  can  be  seen  from  8.2  that  the  greatest 
change  of  the  indicator  electrode  potential  is  observed  near  the  equi¬ 
valence  point.  The  point  of  inflection  on  the  polentiomctric  titration 
curve  corresponds  to  the  volume  of  alkaline  solution  required  for 
the  acid  to  be  completely  neutralized.  If  polentiomctric  titration 
is  carried  out  with  an  external  reference  electrode  (or  with  a  reference 
electrode  dipped  into  the  titrate,  provided  that  its  potential  under¬ 
goes  no  change  during  the  titration),  curve  1  in  Fig.  8.2  will  corre¬ 
spond  to  the  change  of  the  emf  of  the  electrode  pair  (the  indicator 
and  the  reference  electrode).  But  if  the  potential  of  the  internal  refe¬ 
rence  electrode  docs  not  remain  constant  in  the  course  of  titration 
and  changes,  for  example,  in  accord  with  curve  2,  then  the  emf  of 
such  a  pair  of  electrodes  will  vary  according  to  curve  3.  The  highest 
value  of  emf  is  observed  near  the  equivalence  point  and  a  maximum 
indicating  the  end  point  of  titration  will  appear  on  curve 3.  With 
such  systems  one  can,  instead  of  using  a  potentiometer  to  record  the 
emf.  directly  measure  the  current  intensity  (noncompensation  poten- 
tiomclric  titration).  The  greatest  deflection  of  the  pointer  of  the 
measuring  instrument  (c.g.  a  high-ohmic  galvanometer)  coincides 
with  the  maximum  value  of  emf  and  hence  with  the  equivalence 
point.  The  potential  jump  near  the  equivalence  point  in  acidiinelrie 
titrations  is  the  more  pronounced,  the  higher  the  strengths  of  the 
acid  and  base  Inking  part  in  the  neutralization  reaction  and  the  higher 
their  concentrations. 
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In  o  similar  way,  one  can  carry  out  titrations  hosed  on  precipita¬ 
tion,  complex-formation  and  redox  reactions.  In  the  case  of  precipi¬ 
tation  and  complex-forming  reactions  the  indicator  electrode  must 
be  reversible  with  respect  to  one  of  the  ionic  species  present  in  the 
precipitate  or  complex  ion  formed.  For  example,  in  the  titration  ol 
a  solution  of  silver  nitrate  with  sodium  chloride  resulting  in  the  for¬ 
mation  of  a  silver  chloride  precipitate,  the  following  electrodes  may 
be  used  as  an  indicator  electrode:  metallic  silver  (an  electrode  of  the 


first  kind  reversible  with  respect  to  Ag*  ions);  the  silver-silver  chlo¬ 
ride  electrode  (an  electrode  of  the  second  kind  reversible  with  respect 
to  Cl-  ions):  or  the  chlorine  electrode  (a  gas  electrode  reversible  with 
respect  to  Cl*  ions),  which  is  less  convenient  to  use.  The  potential 
change  near  the  equivalence  point,  i.c..  the  accuracy,  orscnsilivitv. 
of  the  titration  will  in  this  case  iucrcase  with  decreasing  solubility 
of  the  precipitate  formed.  For  iustance.  when  silver  ions  are  titrated 
with  iodide  ions,  the  sensitivity  of  the  method  will  increase  in  com¬ 
parison  with  the  reaction  just  considered  because  the  solubility  of 
silver  iodide  (A'.«,  =  10*w)  is  lower  than  that  of  silver  chloride 
(AarCi  =  10-'°). 

In  potent iomctric  titrations  based  on  complex  formation  the  accu¬ 
racy  of  the  method  increases  with  decreasing  dissociation  constant 
(instability  constant)  of  the  complex  ion  formed.  In  oxidiinetric 
titrations  a  smooth  platinum  plate  is  used  as  indicator  electrode. 
The  potential  change  near  the  equivalence  point  and  hence  the  sen¬ 
sitivity  of  the  titration  increases  with  increasing  difference  in  the 
standard  potentials  of  the  redox  systems  in  the  tost  solution  (titrate) 
and  in  the  standard  solution  flitranl). 
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Ail  advantage  of  potent iometric  titrations  over  the  conventional 
volumetric  titration  is  its  objectivity  and  applicability  in  the  ana¬ 
lysis  of  coloured  solutions.  Moreover,  one  can  follow  the  course  of  the 
titration  and  all  possible  transformations  by  measuring  changes  of 
electrode  potential.  And.  finally,  one  can  determine  potentiometri- 
callv  two  (in  some  cases  even  three)  species  of  particles— molecules 
or  ions— simultaneously  present  in  the  solution.  When  employed  for 
product  ion  control  and  automatic  control  of  technological  processes, 
polentiomelry  again  has  a  number  of  additional  advantages  over 
other  techniques.  It  provides  uninterrupted  control  since  the 
indicator  electrode  can  be  placed  directly  into  the  reaction  space. 
Besides,  the  potential  difference  (or  the  current  intensity  determined 
by  it)  serves  as  a  signal  indicating  a  change  in  the  state  of  the  system 
being  controlled,  which  is  convenient  for  transmitting  the  signal 
to  controllers  and  actuating  mechanisms. 


CHAPTER  9 

The  Mechanism  of  Buildup 
of  Electromotive  Force  and  the  Nature 
of  Electrode  Potentials 


Tin*  application  of  the  laws  of  thermodynamics  lo  electrochemical 
systems  enables  one  to  establish  a  quantitative  relationship  between 
the  electrical  energy  of  electrochemical  systems  ami  the  change  of  the 
chemical  energy  of  the  current-producing  chemical  reactions  taking 
place  in  these  systems.  The  chemical  energy  of  current-producing 
reactions  as  a  source  of  electrical  energy  in  electrochemical  systems 
is  correctly  defined  by  thermodynamics.  But.  being  a  science  dealing 
with  general  laws,  thermodynamics  is  incapable  of  indicating  the 
paths  ami  mechanism  of  conversion  of  chemical  energy  into  electrical, 
the  part-  of  which  the  value  of  einf  is  composed,  and  the  nature  of 
the  elect! ode  potential. 

A  more  complete  picture  of  electrode  equilibrium  can  be  obtained 
by  applying,  along  with  thermodynamics,  the  molecular-kinetic 
theory  to  electrochemical  systems. 

9.1.  ELECTROMOTIVE  FORCE  AND  ELECTRODE  POTENTIAL 
AS  THE  SIMS  OF  INDIVIDUAL  POTENTIAL  DIFFERENCES 

9.1.1.  POTENTIAL  DIFFERENCES  IN  ELECTROCHEMICAL 
SYSTEMS 

I'oleut i.il  differences  may  arise  across  the  boundary  between  any 
two  phases,  though  the  mechanism  of  their  formation  is  not  neces¬ 
sarily  l he  same  in  each  particular  case  and  is  dependent  on  the  nature 
of  contiguous  phases.  An  electrochemical  system  (I’ig.  9.1)  may  con¬ 
tain  the  following  phases: 

(a)  solid  mclallic  phases— Iwo  electrodes  and  the  external  circuit; 

(b)  liquid  phases— solutions  in  contact  with  the  electrodes:  there 
may  be  either  Iwo  phases  when  the  electrolyte  is  dissolved  in  two 
immiscible  solvents,  or  a  single  phase  when  one  solvent  (e.g.  water) 

(c)  a  gas  phase  in  contact  with  the  solutions  and  electrodes  (a  phase 
resembling  vacuum  in  properties). 

As  is  known,  the  potential  difference  between  Iwo  points  is  defined 
by  the  electrical  work  required  to  transport  a  unit  charge  from  one 
point  to  the  other.  If  both  points  are  in  the  same  phase,  the  work 
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of  charge  transfer  will  be  only  electrical  and  (he  potential  between 
the  two  points  selected  can  be  determined.  But  if  the  points  arc 
,k'°  fiflerenn  ?haS?S'  lhe  tra"sfer  of  a  unil  charge  from  one  point 
to  the  other  will  involve  not  only  electrical  but  also  chemical  work 
since  the  chemical  potentials  of  this  charged  species  are  not  equal  in 


the  different  phases.  The  energy  stale  of  the  charged  particle  i- 
therefore  characterized  in  a  general  case  by  the  sum  of  the  chemical 
potential  and  its  electrical  energy  in  a  given  phase: 

M«*  =  p±*fg  (<).|) 

The  quantity  p,;„  is  called  the  electrochemical  potential,  ami  e  cor¬ 
responds  to  the  potential  difference  between  a  point  inside  the  mate- 
I  hrinm?  “ft*  P?,nl  ?l  an  distance  in  vacuum.  The  equi¬ 

librium  condition  for  charged  particles  in  a  two-phase  system  with 
phases  1  and  2  will  be  the  equality  of  their  electrochemical  potentials 
l»**i  =  1***,  (9.2! 

cnn»r^k  i°i!  tra"spor,inK  •  «"i‘  charge  from  phase  1  to  phase  2  is 
phases-10  “,ffcrc,lcc  of  l,s  electrochemical  potentials  in  these 

l**Ai  —  P**,  =  Pi  —  pi  ±  ( zFg ,  —  zFg~)  (9.;j) 

cquairio,*eroriUm  Conditions,  accordin8  >o  Eq.  (9.2).  this  work  is 

rel‘  pr-°<iS3  ofJlr?a*Porl  of  a  ""il  charge  from  one  phase 
to  the  other  chemical  and  olectricnl  work  is  done  simultaneous! v. 
n  is  only  possible  to  determine  the  total  energy  effect  correspond i at 
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lo  the  chnnge  of  the  electrochemical  potential,  but  not  its  constituent 
parts.  For  this  reason  the  absolute  difference  of  electrical  poten¬ 
tials  (or  the  potential  drop  between  two  different  phases)  has  not  yet 
been  measured  experimentally.  By  contrast,  the  emf  of  an  electroche¬ 
mical  system,  or  cell.  E  is  readily  measurable  since  it  corresponds  lo 
the  potential  difference  between  two  points  within  the  same  phase- 
say  points  6  and  q  within  the  same  metal  or  a  and  r  in  a  vacuum 
near  the  metal  surface  (Fig.  9.1).  Figure  9.1  shows  an  open-circuit 
electrochemical  cell  with  two  pieces  of  the  same  metal  at  both  ends. 
If  the  emf  is  considered  positive,  a  positive  current  must  flow  along 
the  path  M*-*-  Mi  -*•  L,  -*■  L*  -*■  M-,  i.o.,  in  the  counterclockwise 
direction.  The  emf  of  the  cell  is  equal  lo  the  sum  of  all  the  potential 
differences  arising  along  the  entire  path  of  current  flow.  These  poten¬ 
tial  differences  may  arise  across  boundaries  between  any  two  phases; 
in  the  case  under  consideration  they  will  be  localized  between  the 
points  a  and  6,  e  and  d.  e  and  /,  l  and  m.  n  and  p,  and  q  and  r. 

Before  plunging  into  a  discussion  of  the  nature  of  these  potential 
differences  it  is  necessary  to  introduce  the  concepts  used  in  electro¬ 
chemical  literature  today. 

The  surface  potential  /.  is  defined  as  a  potential  representing  the 
work  required  to  carry  a  unit  positive  charge  from  the  interior  of  the 
plu.se  to  a  point  in  vacuum  situated  in  the  immediate  vicinity  of  the 
surface  of  the  given  phase.  The  phrase  “in  the  immediate  vicinity" 
should  not  be  taken  in  the  strict  sense;  it  is  usually  quantified  as  the 
minimal  distance  from  the  surface  of  the  given  phase  at  which  the 
so-called  image  forces  cease  to  operate;  this  distance  is  approximately 
JO-'  cm.  The  internal,  or  inner,  potential  g  is  identified  as  a  potential 
difference  corresponding  to  the  work  done  to  bring  a  unit  negative 
charge  from  infinity  in  vacuum  into  the  bulk  of  the  material  phase. 
And.  finally,  the  external,  or  outer,  potential  x  represents  the  work 
necessary  to  carry  a  unit  negative  charge  from  infinity  to  a  point 
also  in  vacuum  but  situated  in  the  immediate  vicinity  of  the  surface- 
of  the  phase.  In  line  with  the  definition,  one  can  write  for  a  phase- 


P:  ft -*»+♦» 

The  relations  between  all  the  above  potentials  can  be  conveniently 
represented  by  the  following  system  of  equation: 

Pa  +  *,F% t  +  *iF*9  =  f*lrt  <a> 

Pa  +  *i  F'/.t  =  “a  (9.6) 

’fa  +  7.9  =  git  (97) 

«a  +  *iFip#  *  p«a  .si  (9.8) 

Pa  +  tiFgi  -  p!ck  <a>  (9.9) 

U* 
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From  Eqs.  (9.5)  to  (9.9)  it  follows  that  the  chemical  u,  electrochi- 
nncal  n,*,  and  real  a  potentials  (see  below)  have  the  dimensions  of 
energy,  eV,  while  the  surface  %,  external  <|>,  and  internal  g  potentials 
are  expressed  in  units  of  electrical  potentials.  V.  In  accordance  with 
the  system  of  equations  given  above,  the  definitions  of  potentials  can 
be  somewhat  modified  and  explained.  The  electrochemical  potential 
pJrtca,  is  the  total  energy  of  transfer  of  a  charged  species  i  from 
infinity  to  a  point  in  the  interior  of  the  phase  p.  The  chemical  poten¬ 
tial  uj  is  the  energy  of  interaction  of  a  charged  particle  i  in  the  bulk 
of  the  phase  P  w-itb  the  particles  forming  that  phase.  The  surface 
potential  is  defined  as  a  measure  of  the  change  in  the  energy  of  the 
charged  particle  i  on  passing  through  the  double  dipole  layer  on  the 
surface  of  phase  p  The  external  potential  <pB  is  a  measure  of  the  change 
in  the  energy  of  the  charged  particle  i  caused  by  its  interaction  with 
the  free  charge  of  phase  p.  The  real  and  internal  potentials  are  deriva¬ 
tives  of  p  and  x  or^  and  ■/..  respectively,  and  their  physical  meaning 
is  clear  from  Eqs.  (9.6)  and  (9.7). 

The  potential  di Defences  between  the  points  a  and  b,  and  q  and  r 
should  be  ascribed  to  the  surface  potentials  between  metal  M  and 
vacuum  V;  they  may  be  designated,  respectively,  as  •/,.«  and 
Z*sv;  naturally  * 

Zviii  ”  —  ZmjV 

The  potential  diOerencc  between  the  points  c  and  <1  inside  the  metallic 
phases  M-  and  M|  is  the  diDercnce  of  the  corresponding  internal 
potentials,  g„,M|.  The  points  «-/  and  n—p  are  the  sites  where  the 
differences  of  internal  potentials  metal-solution  (M,-L,)  and  solu¬ 
tion-metal  (Lr-Mj)  are  localized.  These  potential  diDerenccs  should 
be  denoted,  respectively,  by  gMlLl  and  gUM,.  The  diDcrencc  ol 
internal  potentials  is  called  the  Galuani  potential-,  gLM  potentials 
are  often  called  Nernst  potentials  and  designated  by  e,  like  the  ele¬ 
ctrode  potential,  though  actually  their  physical  meaning  is  different 
The  difference  in  the  external  potentials  of  the  phases  a  and  B  is 
called  the  Volta  potential  ifa(.  For  example,  the  potential  difference 
between  the  points  a  and  B  is  the  Volta  potential  across  the  boundary 
between  the  metals  M,  and  M*.  i.e..  the  quantity  iWM..  and  the 
potential  diOerence  between  the  points  B  and  C  is  the'  Volta  potential, 
♦mu-  across  the  metal-solution  (M,-L|)  interface. 

Finally,  the  potential  diBerence  between  the  points  l  and  m  is  the 
Galvani  potential  across  the  solution-solution  (L.-L-.)  interface  and 
the  symbol  used  is  gLlU  .  Here  two  cases  should  be  distinguished. 
If  the  solutions  /,,  and  L2  correspond  to  two  diDerent  immiscible 
solvents,  then  gLlL,  is  the  Galvani  potential  between  two  liquids 
or  the  liquid  junction  potential.  But  if  the  solutions  L,  and  L. 
diner  from  each  other  in  the  nature  or  concentration  of  the  electro^ 
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lyle.  and  not  in  the  nature  of  the  solvent,  the  potential  is  known  as 
the  diffusion  potential ;  it  is  designated  »|>j- 

Thus,  the  cmf  of  on  electrochemical  system,  or  cell,  islhesumof  the 
following  potential  differences: 

E  =  Xvm,  -f  +  ff-M.L,  +  ffuu  +  *L,M: -r Xk.v 
or.  after  the  terms  equal  in  magnitude  but  opposite  in  sign  arc  can¬ 
celled  out, 

E  ■-=  -i-  g*iu  +  ?L,L-  +  Sum, 

Hence,  the  cmf  of  an  electrochemical  cell  is  composed  of  the  follow¬ 
ing  four  potential  differences:  the  Galvani  potential  between  two 
metals,  two  Nernst  potentials,  and  the  Galvani  potential  between 
two  solutions.  In  many  electrochemical  systems  the  liquid  junction 
potential  gLlLl  is  cither  absent  or  may  be  reduced  to  a  minimum. 
So  it  is  not  an  inevitable  consequence  of  the  nolure  of  an  electro¬ 
chemical  system  and  necessary  component  of  its  emf.  The  emf  is 
therefore  usually  expressed  as  the  sum  of  three  potential  differences: 

E  =  ftl,Mi  +  guft  +  ft.Mi 

In  modern  electrochemistry,  the  electrode  potential  e  is  idenlilicd 
with  the  cmf  of  a  cell  in  which  the  electrode  on  the  left  is  an  >Hb 
(standard  hvdrogcn  electrode),  whose  potential  is  conventionally 
taken  as  zero,  and  that  on  the  right,  the  electrode  whose  potential 
is  to  be  determined.  In  our  case  the  left-hand  electrode  (or  metal  1) 
is  platinum.  The  cmf  of  the  cell  (as  well  as  the  electrode  potential 
of  metal  2)  is  expressed  as 

*=  ft (iPt(Ht)  "?■  ft,Mj  —  (9. 13) 

Thus,  the  electrode  potential  e  (just  as  the  cmf  E)  consists  of  three 
potential  differences  and  includes  the  Galvani  potential  across  the 
boundary  between  the  electrode  metal  2  and  the  platinum. 

The  emf  of  the  cell  is  the  difference  of  the  potentials  of  the  left- 
hand  (Mg)  and  right-hand  (Mi)  electrodes,  i.  e., 


or.  taking  into  account  Eq.  (9.13), 

E  =  e,  —  ej  =  ft),M,  +  gLMj  —  ft.  mi 


(9-14) 


fti,pt  —  ftllPt  =  ftliMl 

Equations  (7.17)  and  (9.12)  provide  two  different  ways  for  expres¬ 
sing  the  cmf,  and  show  that  the  cell  cmf,  being  the  difference  of  two 
electrode  potentials,  is  at  the  same  time  a  sum  of  three  Galvani  poten¬ 
tials. 
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9.1.2.  ELECTROMOTIVE  KOUCK 
AND  ELECTRODE  POTENTIAL  AS  i III.  bU.I.S 
op  VOLTA  I'OTENIIALS 

Tho  coiisitlonilion  ofsiiih'lo  iiol.-i.iin1  nMloclroclioinic.,1 

I,., I,  lo  II, «  coiicliwion  IM  “Ir,.,"  w<“  l,“>»  *"  “ 

iicMic.il  in  their  ,>hy,ic..l  ii.iUrc.  The  tMn*>  . .  *  "t* 

reactions  described  by  the  scheme 

Red,  Ox/I't 


do  nol  include  ihe  conlacl  poleiilial  di (Terence  hi 
and  aro  therefore  simpler  Ilian,  say,  tho  potentials  i 
first  kind 


M*+/M 


ween  two  metals 
’  electrodes  of  the 


which  inevitably  contain  the  (lolvani  potential  gem-  1 he  potentials 
of  gas  electrodes  are  also  determined  solely  by  Nentsi  potential  d i flc- 
renccs,  whilo  those  of  electrodes  of  the  second  kind  are  composed 
of  conlacl  as  well  as  Ncrnsl  potentials. 

Tho  nature  of  the  single  potential  differences  across  the  interlaces 
of  electrochemical  systems,  or  their  number,  may  serve  as  the  basis 
for  their  classification.  hither  classification  (i.r.,  either  that  based 
on  tho  nature  of  the  process  and  the  form  of  tho  cinf  equation  or  that 
based  on  tho  number  of  potential  differences  constituting  the  cmf) 
yields  approximately  the  sarao  distribution  of  cells  between  the 
various  types.  For  example,  complex  (double)  chemical  cells  involve 
the  largest  number  of  single  potential  differences,  while  the  cmf  of 
a  concentration  gas  cell  is  composed  of  two  Ncrnsl  potentials. 

The  breakdown  of  the  cmf  into  single  potential  differences  yields 
additional  information  on  the  nature  of  electrochemical  systems. 
But  the  basic  equation  (9.12)  connecting  the  emf  with  potential 
differences  cannot  be  considered  satisfactory.  The  actually  measurable 
emf  is  expressed  here  as  the  sum  of  Galvani  potentials,  each  between 
two  points  in  different  phases  and  therefore  inaccessible  to  direct 
measurement  or  determination.  For  equilibrium  electrochemical 
systems  this  uncertainly  can  be  eliminated  if  one  lakes  into  account 
that  the  change  in  the  energy  of  a  system  in  reversible  processes  is 
determined  by  its  final  and  initial  stales  and  is  independent  of  the 
mode  of  transition  from  one  stale  to  the  other.  In  view  of  this  the 
direct  contact  between  the  phases  constituting  an  electrochemical 
?tvtCn  »  may  *)e  rePlaced  by  contact  through  a  vacuum 

(Fig.  9.2).  As  seen  from  Fig.  9.2,  which  contains  onlv  one  solution  L, 
the  emf  of  the  system  should  be  written  as  the  sum 

E  "  *V2  +  Xsv  +  +  Zvi  +  Xiw  +  Xvl  +  Xlv  + 

+  ’I’ 1.2  +  XV2  +  Xiv 


(9.15) 
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Taking  inlo  account  Hint  for  auy  potential  difference  an  equation  of 
t lie  type 

'fee  = 

holds  (food,  we  get1’,  in  place  of  Eq.  (0.15), 

E  =  *2,  +  ypl.a  -  *1.1  <916) 

I'he  emf  of  I  he  system  is  now  composed  of  three  Volta  potentials, 
rncli  of  which,  like  the  emf  itself,  is  a  directly  measurable  quantity: 


they  all  represent  the  electrical  work  done  to  transport  a  unit  charge 
between  the  corresponding  points  within  the  same  phase.  Equation 
(9.16)  can  also  be  obtained  from  the  arrangement  shown  in  Fig.  J.l 
if  a  unit  charge  is  carried  along  the  path  aBCDr  and  the  solutions 
L,  and  Lj  arc  assumed  to  be  identical,  i.c..  >|>ci> 

The  electrode  potential  on  the  arbitrary  hydrogen  scale  can  also  he 
expressed  by  Eq.  (9.16)  provided  that  metal  1  is  taken  to  mean  pla¬ 
tinum  saturated  with  hydrogen  at  atmospheric  pressure  and  dipped 
into  a  solution  with  a  hydrogen  ion  activity  oH.  —  1  and  the 
quantity  is  the  Volta  potential  corresponding  to  the  hydrogen 
electrode. 

»  Tho  bringing  of  two  phases  into  direct  conUct  changes  tho  values  of  corre¬ 
spond  ing  surfaco  potentials,  but  this  doos  not  invalidate  Eq.  (».t6). 
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ll  should  be  stressed  that  the  experimentally  accessible  emf  cor¬ 
responds  lo  Iho  difference  of  inner  potentials  of  points  in  two  pieces 
of  the  same  metal  connected  to  the  electrodes  of  an  electrochemical 
cell  (the  points  b  and  q  in  M:  and  Mj.  respectively  in  Fig.  9.1): 

E  =  gb  —  gq  =  gvt  —  gy i;  (9-17) 

As  noted  earlier,  the  difference  of  inner  potentials  cannot  he  deter¬ 
mined  in  a  general  case,  but  since  M;  and  Mj  are  of  the  same  chemical 
composition,  their  chemical  potentials  arc  equal,  i.c.,  ii.m,  =  j»m;. 
and  Eq.  (9.17)  may  be  replaced  by 

E  =  gUt-g)l'.  =  (P.CMM-)  -  (9.18) 

According  to  Eq.  (9.18),  the  emf  is  the  difference  of  the  electroche¬ 
mical  potentials  of  an  elementary  charged  particle  in  M:  and  Mj, 
i.c.,  a  directly  measurable  quantity.  For  the  case  under  examination 
X-m,  =  '/si;  and 

E  =  gut  —  Cm;  =  'I'M,  +  -/Mi  —  (<|.M;  +  "/«;)  = 

=  1.m=  -  <N;  (9.19) 

that  is,  the  cinf  is  equal  to  the  difference  of  external  potentials  near 
two  metallic  phases  of  the  same  chemical  composition  (the  points 
a  and  r  in  Fig.  9.1),  which  can  also  be  measured. 

Thus,  the  emf  of  an  opcn-circuit  electrochemical  cell  is  given  by  the 
equation 

E  =  =  7e(p.cMsi,)  — u..  (,(«;))  (9.20) 

Equation  (9.20)  is  valid  also  for  an  electrochemical  cell  which' is 
not  at  equilibrium,  provided  that  the  surface  and  chemical  potentials 
of  the  phase  are  independent  of  its  free  charge. 

9.1.3.  THE  PHYSICAL  AND  CHEMICAL  THEORIES 
OF  THE  ORIGIN  OF  ELECTROMOTIVE  FORCE 
IN  ELECTROCHEMICAL  SYSTEMS 

I  lie  magnitude  of  electrode  potential  docs  not  in  general  coincide 
with  the  Ncrnsl  potential,  nor  with  the  difference  in  the  X crust 
potentials  of  a  metal  and  electrode  HVH,,  I’l  since  it  includes  also 
the  contact  potential  between  the  given  metal  and  the  platinum. 
For  this  reason  the  concept  of  electrode  potential  is  more  complica¬ 
ted  than  the  concept  of  the  potential  difference  across  an  electrode- 
solution  interface  and  cannot  be  reduced  to  it.  The  so-called  phvsical 
theory  of  electrochemical  systems  formulated  by  Volta  at  the  beginn¬ 
ing  of  last  century  placed  special  emphasis  oii  the  contact  between 
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Fig.  <1.3.  £cliciualizali«n  of  I  lie  |  <  1 1  y- icn  I  llirory  of  the  generation  of  i‘inl  upon 
transition  from  a  system  consisting  of  two  mclnls  («)  to  n  system  consisting 
of  the  same  metals  with  an  added  separating  solution  layer  ( l i 


in  an  electrochemical  tell  is  explained  ns  follows.  If  two  dissimilar 
metals  are  brought  into  direct  contact  (Fig.  9.3a),  no  emf  will  In¬ 
formed  since 

E  =  'Pm,  —  >Pm;  =  tp.MjM,  +  'pM.M.  =  'Pm;M,  —  *pMjMj  =  <* 

Uni  if  direct  conlucl  between  the  two  metals  at  the  boundary  .1  is 
replaced  by  contact  through  a  current-conducting  sol  niton  (sec 
Fig.  9.3b),  the  emf  of  the  cell  will  be  equal  to  tpM,si,: 

E  =  IpM.  —  <Pm;  =  "PmjM,  T  <pM,l.  +  'pLM.  =  >pMJM  =  <P>:.  M, 

ipM.L  —  *>  and  'Pi.m,  =  0 

As  a  result,  an  electric  current  will  flow  through  the  cell,  i.e.,  the 
cell  will  produce  electrical  energy. 
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The  Volta  theory  ignores  the  Nernsl  potential  difference  and  thus 
cannot  account  lor  tho  dependence  of  the  emf  on  the  electrolyte  con¬ 
centration.  Besides,  it  contradicts  the  basic  law  of  thermodynamics— 
the  law  of  conservation  of  energy— by  postulating  that  energy  arises 
out  of  the  mere  existence  of  an  invariant  potential  difference  between 
two  metals,  that  is,  out  of  nothing.  The  physical  theory  of  Volta 
was  crilisized  soon  after  it  was  created.  In  180o  Hiller  advanced  his 
views,  which  were  later  developed  by  other  scientists  into  the  che¬ 
mical  theory  of  electromotive  force.  According  to  this  theory,  which 
was  most  thoroughly  elaborated  in  the  works  of  Nernsl  and  Ostwald. 
hi  electrochemical  systems  electrical  energy  is  produced  by  the  che¬ 
mical  reactions  taking  place  at  the  electrode-electrolyte  interface. 
1  lie  chemical  theory  thus  provides  a  correct  definition  of  the  source 
ol  electricity  in  electrochemical  systems.  It  forms  the  basis  of  the 
quantitative  thermodynamic  expressions  for  electromotive  force  and 
electrode  potentials  considered  earlier.  Following  this  theory. 
Pisarzhe vsky  established  a  distinction  between  chemical  and  clcctro- 
chemica  processes  and  formulated  a  set  of  conditions  necessary  for 
chemical  energy  to  be  converted  to  electrical  energy.  At  the  same 
time  the  chemical  theory  assumes  that  the  emf  of  an  electrochemical 
system  is  only  composed  of  two  potential  differences  across  the  inter¬ 
faces  at  which  current-producing  chemical  reactions  occur,  i.e.. 
across  clectroelc-e  ectrolyte  interfaces.  It  neglects  the  contribution 
of  the  potential  difference  at  the  metal-metal  junction  to  the  emf. 
Electrode  potentials  are  identified  with  potential  differences  across 
the  electrode-solution  interface,  and  the  emf  is  given  by 

E  =  £lm,  -  *lm,  (9.21) 

Now  we  know  that  these  conceptions  of  the  chemical  theory  are 
f  “"I  tl)at,ln,ftCl  the  emf  of  an  electrochemical  system  consists 
ol  three  potential  differences. 

iin[l,aifflal,0n  cxislil?g  b^ween  electromotive  force  and  single  poten- 
lial  differences  can  be  illustrated  by  considering,  as  an  example. 

rrc?e.m.,cal  system  consisting  of  two  metals  immersed  in 
solutions  of  their  current-conducting  compounds: 


The  emf  of  the  cell  i 


m;,  m,/m,a//m2a/m2 

determined  by  Eq.  (9.16): 

’I’MiMi  +  l|>LMi  —  l|>L.Mi 


linne  ihC  Kinusr  .polen,Ual  at  Ihc  boundary  between  the  two  solu- 
tions  has  been  eliminated.  If  the  potential  differences ibLM.  and«|>,Ml 
t'TT*  Vi  SOme  mcans  <say’  by  selecting  solutions  M,A 
Inholt  of.su!table  composition),  then,  contrary  to  the  conceptions 
of  the  chemical  theory,  the  emf  of  the  cell  will  be  equal  to  the  Volta 
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potential  at  the  raetal-mctal  interface,  and  not  to  zero'); 

E  =  er  —  ej  =  ituiHt  (9.22) 

Equation  (9.22)  underlies  the  parallelism  discovered  by  Langmuir 
in  1917  between  the  cmf  of  chemical  cells  and  the  contact  potential 
difference  across  the  mctal-inelal  interface  in  these  cells.  If  the 
composition  of  solutions  M|A  and  M*A  is  altered,  two  additional 
potential  differences,  'f lm,  and  'pi.ji,.  will  appear,  contributing 
to  the  emf  in  accordance  with  Kq.  (9.16). 

There  arc,  however,  electrochemical  systems,  say,  a  simple  chemical 
cell  with  gas  electrodes 

Pi,  H,/H20/02,  Pi 

iii  which  there  is  no  contact  between  the  two  dissimilar  metals, 
and  hence,  the  contact  potential  gMiMi  makes  no  contribution  to  the 
emf.  The  cmf  of  such  systems  is  given  by  Eq.  (9.21).  which  follows 
from  the  chemical  theory.  The  presence  of  a  contact  potential  between 
the  two  different  metals  is  not  thus  a  prerequisite  for  the  appearance 
of  an  emf  and  the  production  of  energy  in  electrochemical  systems. 
Contrary  to  the  conceptions  of  the  physical  theory,  electrical  energy 
can  be  obtained  from  an  electrochemical  cell  with  electrodes  made 
of  the  same  metal. 


9.1.4.  THE  NATURE  OF  POTENTIAL  DIFFERENCES 
ACROSS  PHASE  BOUNDARIES 

A  potential  difference  across  an  interface  between  two  phases  is 
produced  by  various  factors,  largely  depending  on  the  nature  of  the 
contiguous  phases.  One  of  the  more  general  causes  is  an  exchange 
of  charges.  At  the  moment  the  two  phases  are  brought  into  contact, 
charges  start  leaking  across  the  interface  predominancy  in  one  direc¬ 
tion,  this  resulting  in  an  excess  of  charge  of  a  given  sign  on  one  side 
of  the  interface  and  a  deficiency  of  them  on  the  other.  Such  an  uncom¬ 
pensated  exchange  results  in  the  formation  of  an  electrical  double 
layer  and  hence  gives  rise  to  a  potential  difference.  The  latter  will 
in  turn  influence  the  kinetics  of  charge  exchange,  tending  to  level 
out  the  rates  of  transfer  of  charged  particles  in  both  directions.  As  the 
potential  difference  increases  there  will  come  a  moment  when  no 
preferred  transfer  of  charged  particles  from  one  phase  to  the  other 
will  occur  and  their  velocities  in  both  directions  will  become  equal. 
This  value  of  potential  difference  corresponds  to  an  equilibrium  bet¬ 
ween  the  phases  at  which  the  electrochemical  potentials  of  the  charged 


>>  Electrode  potentials  corresponding  to  such  experimentally  realizable 
conditions  were  named  by  A.  Frumkin  potential*  of  zero  charge-,  he  noted  that 
the  actual  relations  aro  more  complicated  and  Eq.  (9.22)  is  only  approximate. 
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particles  in  Hie  Uvo  phases  arc  equal.  Both  positive  ami  negative 
ions  and  also  electrons  may  be  involved  in  the  charge  exchange  bet¬ 
ween  the  two  phases.  Which  of  these  particles  go  from  one  phase  to 
the  other  and  are  thus  responsible  for  the  appearance  of  a  potential 
difference  depends  on  the  nature  of  the  contiguous  phases.  For  inter¬ 
faces  between  a  metal  and  a  vacuum  or  between  two  different  metals 
electrons  usually  play  the  role  of  such  particles.  With  an  interface 
between  a  metal  and  a  solution  of  its  salt  the  cations  of  I  lie  metal 
lake  part  in  the  exchange.  A  potential  difference  across  the  interface 
between  glass  and  a  solution  or  between  an  ion-exchange  resin  and 


V  v 
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Fig.  9.4.  Development  of  a  potential  difference  at  a  vacuum-liquid  interface 
as  a  result  of  (n)  selective  adsorption  of  ions,  and  (b)  oriented  adsorption  of 
polar  molecules 


a  solution  arises  from  an  exchange  involving  two  species  of  like- 
charged  ions.  The  particles  exchanged  at  a  glass-solution  interface 
or  at  the  boundary  between  a  cation-exchange  resin  and  a  solution 
are  tons  of  an  alkali  metal  and  hydrogen;  for  interfaces  between  an 
anion-exchange resin  and  a  solution  it  is  a  hvdroxvl  ion  and  some 
other  anion.  When  two  immiscible  liquids  in  which  one  and  the  same 
electrolyte  is  dissolved  arc  brought  into  contact,  a  potential  difference 
Ti”  'VCS"  ,  of  a  "oncqnivalcnl  transfer  of  oppositely  charged 
ons  of  the  electrolyte  from  the  one  phase  to  the  other,  as  with  the 
diffusion  potential.  I  bus.  neither  the  liquid-junction  nor  the  diffusion 
potential  is  an  equilibrium  potential. 

Another  cause  responsib!0  for  the  development  of  potentials 
s  the  preferred  (selective)  adsorption  of  ions  of  one  si-n  near  the 
jdiase  boundary.  In  this  case  one  of  the  phases  is  impermeable  to 
nlcrfarl  r,  dilJcrcnco  '*  localized  not  on  both  sides  of  the 

ial  •  **chan8e  mechanism  of  formation  of  a  polen- 

Hv  oSc  in.  bf"1  of  llle  I’l'oses,  in  the  immediate  vici- 

med  hviM.  ‘  [),CC  (Flg-  9  m)-  A  l>l,ical  example  of  potential  for- 
The  iLbl'nv^a",ST  1.lhe  P°,cn,iil1  at  "  solution-gas  interface. 

0f-  lh,s  Potcnlial  <H Terence  cannot  lie  mea.su- 
Ihoueli  ZCZTC  “S  Vari,n,ion  *»h  composition  of  the  solution, 
rncisnrem^i.  ^  VCS  co.ns!,lcrablc  experimental  difficulties. Such 
Fnimkin  anj  ..  cr?  carJ'led  out  by  Gouy,  Quincke,  and  also  bv 
k'n  “d  eo,°'k*t>-  II  has  bean  f„„n<l  II, at  the  slroncosl  lamlei.cy 
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towards  selective  adsorption  is  usually  displayed  by  anions.  There¬ 
fore.  the  negative  charge  sheet  of  the  double  layer  formed  is  often, 
though  not  always,  situated  closer  to  the  interface  and  the  positive 
sheet,  away  from  it,  in  the  bulk  of  the  solution. 

A  third  possible  factor  responsible  for  the  appearance  of  a  potential 
difference  is  associated  with  the  tendency  of  polar  uncharged  particles 
towards  oriented  adsorption  near  the  boundary  between  two  phases. 
In  oriented  adsorption  one  of  the  ends  of  the  dipole  of  a  polar  molecule 
faces  the  interface  and  the  other,  the  phase  to  which  the  given  mole¬ 
cule  belongs  (Fig.  9.4b).  The  value  of  the  potential  depends  on  the 
number  of  adsorbed  molecules,  their  dipole  moment  and  degree  of 
orientation.  If  only  one  of  the  two  contiguous  phases  is  polar, 
a  double  layer  will  form  on  that  side  of  the  interface  within  the  given 
phase:  no  potential  difference  will  develop  in  the  other,  nonpolar 
phase.  Hut  if  both  phases  arc  polar,  an  electrical  double  layer  and 
the  corresponding  potential  difference  will  appear  in  each  phase  near 
the  phase  boundary. 

The  role  of  polar  particles  (the  oriented  adsorption  of  which  gives 
rise  t»  a  potential)  can  be  played  by  molecules  of  both  solute  and 
solvent  provided  they  arc  capable  of  being  selectively  adsorbed  at 
the  phase  boundary.  As  the  concentration  of  these  substances  increases, 
the  potential  difference  is  observed  to  increase  gradually  up  to  a  cer¬ 
tain  limiting  value,  which  will  no  longer  change  upon  further  addi¬ 
tion  of  a  surface-active  substance.  This  limiting  value  corresponds 
to  tin-  saturation  of  the  surface  layer  with  polar  molecules. 

Tlte  development  of  a  potential  difference  across  the  phase  boun¬ 
dary  cannot  be  attributed,  in  a  general  case,  to  any  one  of  the  Tudors 
quoted  above;  it  arises,  as  a  rule,  front  the  combined  effect  of  several 
parallel  processes.  The  Galvani  potential  between  two  phases 
a  and  fi  may  therefore  be  represented,  following  Lange,  ns  the  sum 
of  three  potentials: 

g«p  =  8;  +  8.  +  8  dip  <0.23) 

where  (!,,  =  potential  due  to  the  transfer  of  charged  particles  from 
the  one  phase  to  the  other 

"s  =  potential  arising  from  specific  (or  contact)  adsorption 
of  ions 

8, iip  =  dipole  potential  resulting  from  oriented  adsorption  of 
polar  molecules  at  the  phase  boundary. 

From  Eq.  (9.23)  it  follows  that  if  there  is  no  exchange  of  charged 
particles,  there  remains  a  potential  difference  associated  with  adsorp¬ 
tion  of  ions  and  dipoles: 

gap  =  8b  +  gdlp  (9.24) 

And  if.  in  addition,  specific  (or  contact)  adsorption  of  ions  is  excluded, 
there  will  still  remain  the  potential  difference  urising  from  oriented 
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adsorption  of  polar  molecules: 

ga»  =  idlp  (9.25) 

Only  in  the  absence  of  all  the  three  effects  (or  in  the  case  of  their 
mutual  compensation)  will  the  potential  difference  between  the  two 
phases  be  equal  to  zero. 

9.2.  THE  THEORY  OF  FORMATION 
OF  ELECTRODE  POTENTIALS 

An  electrode  potential  is  a  very  complex  quantity  composed  of 
three  single  potential  differences:  the  potential  difference  at  the 
electrode  metal-platinum  interface,  and  the  metal-solution  and  pla¬ 
tinum-solution  potential  differences.  The  theory  of  development 
of  electrode  potentials  must  therefore  be  based  on  definite  conceptions 
of  the  nature  of  both  the  contact  potential  between  the  two  metals 
and  the  potential  difference  across  the  metal-solution  interface. 

9.2.1.  THE  CONTACT  POTENTIAL  AT  THE  BOUNDARY 
BETWEEN  TWO  METALS 

The  relation  existing  between  the  Volta  and  Galvani  potentials 
can  be  found  by  using  the  rule,  according  to  which  the  sum  of  all 
the  works  of  transferring  a  unit 
charge  along  a  closed  path  is 
zero.  Hence,  the  total  work  ne¬ 
cessary  to  transfer  an  electron 
across  two  contiguous  metals  in 
vacuum  along  the  path  indica¬ 
ted  in  Fig.  9.5  must  also  be  equal 
to  zero,  i.c.. 

Xvi  +  gi:  ~  Z-v  -r  ifii  =  0 

Si'.  =  ’Id:  +  Ziv  +  Zvs  (9.26) 
according  to  Kq.  (9.4).  which  is 
applicable  to  two  phases. 

Thus,  the  Galvani  potential 
Fig.  9.5.  Relation  between  the  Volta  between  two  phases  is  equal  to 
and  Galvani  potentials  ,hc  Volta  potential  plus  the  sum 

_  of  the  two  surface  potential 

ditfcrences.  Equation  (9.26)  may  be  regarded  as  the  generalized 
form  of  Eq.  (9.4)  for  a  single  phase. 

The  work  necessary  to  bring  a  particle  i  of  charge  zF  from  one 
phase  to  the  other  is  known  to  be  defined  by  the  difference  of  theele- 
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clrochcmical  potentials  of  llml  charged  particle  in  two  phases,  for 
example,  by  the  difference  p }«ai  —  p«t,  for  the  phases  1  and  - 
(Fig.  9.5). 

Using  Eq.  (9.9.),  one  can  write: 

pic*,  -  P«a,  =  Pi  —  pj  +  2(Fg,  2  (9.27) 

where  pj  and  pj  =  chemical  potentials  of  particle  i  in  phases  7  and  2 
g,:  =  Galvani  potential  at  (he  boundary  between 
these  phases. 

Substituting  the  value  of  g|2  from  Eq.  (9.2G)  into  Eq.  (9.27).  one  has 
P«a,  —  P«a,  =  Pi  —  Pi  +  z<F'/.iv  —  hP/vr  +  2iFi|i|2  (9.28) 

For  the  boundary  between  each  of  these  phases,  /.  and  vacuum,  the 
following  equation  holds: 

picA/  =  pj  +  z,  Fyj  +  z,Flfj  (9.29) 

The  cleelrochcmical  potential  of  a  particle  i  in  phase  j  as  well  as  its 
external  potential  i)>;  can  he  measured  experimentally.  The  difference 
of  these  potentials,  which  is  equal  to  the  sum  of  the  chemical  and 
surface  potentials 

P«a/  -  z,Fty,  -  p}  +  z,Fxi  (9.30) 

can  also  he  measured.  The  quantity  p'  +  is  known  as  the  real 
potential  ctj  of  a  particle  i  in  phase/: 

Pi  -r  z,F%)  =  (9.31) 

The  real  potential  is  equal  in  magnitude  and  opposite  in  sign  to 
the  work  done  to  carry  a  particle  t  from  a  phase  /  into  vacuum,  to 
a  point  in  the  immediate  neighbourhood  of  the  surface  of  the  phase  /. 
This  work  is  called  the  work  function  (or  exit  work)  of  the  particle 
i  and  is  denoted  by  the  letter  to 

to}  =  —a}  (9.32) 

Substituting  the  values  of  the  work  function  from  Eq.  (9.32)  into 
Eqs.  (9.28)  and  (9.29)  gives,  respectively. 

picA,  —  P«A»  =  to{  —  to;  +  s,F^,2  (9.33) 

and 

picA/  =  — «}  +  2|F< (9.34) 

Equation  (9.27)  permits  one  to  obtain  the  value  of  the  Galvani 
potential  between  two  phases  /  and  2  in  equilibrium.  At  equilibrium 

pieA,  —  PmA,  =  0 
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If  both  phases  nrc  metals,  electrons  with  a  charge  of  z,F  - 
will  be  exchanged  between  them.  In  this  case  I4q.  (il.35)  imif 
rewritten  in  the  form 


that  is.  the  Galvani  potential  at  the  junction  between  two  contiguous 
metals  is  determined  by  the  difference  of  the  chemical  potentials 
of  the  electrons  in  these  metals.  Equation  (9.36)  could  be  used  as 
a  basis  for  calculating  the  Galvani  potential  if  the  chemical  potentials 
of  the  electrons  in  the  two  phases  were  known.  However,  as  noted 
above,  the  variation  of  the  chemical  potentials  alone  cannot  be  deter¬ 
mined  for  charged  particles  because  during  their  transport  from  one 
phase  to  the  other  electrical  work  is  performed  as  well  as  chemical. 
Equations  (9.35)  and  (9.36)  thus  provide  only  the  relation  between 
the  chemical  potentials  and  the  Galvani  potential  hut  do  not  enable 
the  latter  to  be  calculated. 

Combining  Eqs.  (9.32)  and  (9.33).  one  obtains  the  following  expres¬ 
sion  for  the  Volta  potential  between  two  phases  /  and  2: 


For  the  special  case  of  contact  betwee 


Thus,  the  Volta  potential  between  two  metals  is  equal  to  the  negative 
difference  between  the  work  functions  of  an  electron  from  the  first 
and  the  second  metal  divided  by  the  charge  of  the  electron.  The  work 
function  is  a  directly  mensurable  quantity,  and  therefore  the  value 
of  the  Volta  potential  can  be  calculated  with  the  aid  of  Eq.  (9.38). 
The  work  function  can  be  found,  for  example,  from  the  temperature 
variation  of  a  thermionic  current  by  using  the  Hiclmrdson  equation 


i  ■-=  AT*e~  «  (9.39) 

where  .-I  is  the  Kichardson  constant.  The  smaller  the  amount  of  work 
required  to  remove  an  electron  from  a  metal,  the  larger  the  number 
of  electrons  that  can  leave  the  metal  at  a  given  temperature  and  enter 
vacuum  and  the  greater  will  be  the  excess  positive  charge  in  the 
metal.  When  two  metals  with  different  work  functions  arc  brought 
dose  together,  the  electrons  will  jump  out  of  the  metal  with  the 
smaller  work  function  and  rush  to  the  one  with  the  larger  work  fimc- 
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lion.  As  n  result ,  Die  first  melal  will  be  charged  positively  and  the 
second,  negatively,  as  follows  from  Eq.  (9.38). 

'flic  inosl  probable  values  of  work  functions  for  different  metals 
arc  shown  in  Table  9.1.  The  values  of  work  functions  enable  one  to 
calculate  the  ip, 3  potentials  for  different  metals.  For  example,  for 
the  pair  Cu/Zn 

Tcu/Zn  r=  -j-  (<"Cu  —  '"7.0)  =  <|*  0.3  V' 

while  the  cinf  of  the  cell 

Zn/ZnSOt  ■  CliSOt/Cll 

is  1.11  V.  Thus,  the  ipis  potential  constitutes  an  appreciable  part 
of  the  reversible  emf  of  the  electrochemical  cell.  Data  on  work  func¬ 
tions  arc  not  very  accurate,  but  ns  the  experimental  technique  is 
improved  the  disparity  between  the  values  of  work  functions  obtained 
by  different  authors  is  reduced  to  a  minimum.  For  most  metals  the 
experimental  data  depart  from  the  average  value  by  not  more  than 
±  0.2  eV.  more  frequently  by  ±  0.1  eV;  for  this  reason  the  values 
in  Table  9.1  arc  given  with  an  accuracy  up  to  tenths  of  an  electron- 
volt. 

table  e.i 

Values  for  the  Work  Function  of  Some  Metals 


The  first  quantitative  theory- of  electrode  potential  was  proposed 
by  Ncrnsl  in  1890;  it  is  called  the  osmotic  theory  0/  electrode  potential 
and  electromotive  force.  Ncrnst’s  theory  played  an  important  part 
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in  the  development  of  electrochemistry.  The  principles  underlying 
this  theory  are  as  follows: 

1.  The  electrode  potential  is  determined  by  the  metal-solution 
potential  difference,  while  the  cmf  of  an  electrochemical  cell  is  the 
difference  of  two  such  single  potential  differences. 

2.  An  electrode  potential  arises  only  from  the  exchange  of  ions 
between  the  metal  and  the  solution. 

3.  The  driving  forces  for  ion  exchange  are  the  osmotic  pressure  of 
the  solute  and  the  electrolytic  dissolution  pressure  of  the  metal. 

The  first  principle  cannot  be  regarded  as  correct  since  the  potential 
difference  across  the  mclal-solulion  interface  does  not,  in  a  general 
case,  coincide  with  the  electrode  potential  but  is  only  a  certain  part 
of  it.  The  assumption  that  the  emf  of  an  electrochemical  cell  is  always 
equal  to  the  difference  of  two  Galvani  potentials  is  also  erroneous. 
The  cmf  is  composed  not  of  two  but  of  three  potential  differences, 
including  the  potential  arising  at  the  junction  between  two  different 
metals.  Thus,  the  Ncrnst  theory  cannot  be  looked  upon  as  the  theory 
of  electrode  potential  and  electromotive  force.  In  fact  it  is  the  theory 
of  the  metal-solution  Galvani  potential,  i.e..  of  that  component 
of  the  electrode  potential  and  emf  which  depends  on  the  composition 
of  the  solution. 

The  second  principle  is  a  correct  reflection  of  t lie  mechanism  of 
formation  of  an  equilibrium  potential  difference  across  the  metal- 
solution  interface,  although  ion  exchange  is  not  the  only  possible 
cause  of  the  appearance  of  a  potential  difference  across  that  interface. 
If  an  equilibrium  exists  between  the  electrode  and  the  solution,  the 
magnitude  of  electrode  potential  will  be  a  measure  of  the  change  of 
the  Helmholtz  free  energy  jy  (or  the  Gibbs  free  energy  C)  of  the  corre¬ 
sponding  electrode  reaction.  The  electrode  potential  must  be  a  defi¬ 
nite  and  constant  quantity  for  a  given  electrode  reaction.  From  the 
equation  for  the  electrode  potential 

eLJ<  =  gMPt  +  g  LM  —  g  LPt 

where  gMpi  and  gL,t  are  constant  quantities  for  the  chosen  metal, 
it  follows  that  at  equilibrium  not  only 


but  also 


«lsi  =  const 


g lm  “  const 

that  is.  the  metal-solution  potential  difference  at  equilibrium  is 
governed  by  the  nature  of  the  electrode  reaction  and  is  not  affected 
by  the  presence  of  surface-active  substances.  In  other  words,  for  the 
case  under  consideration 


Elu  =  g,  +  g,  +  gd  ip  =  const 
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At  ihe  same  limc  =, 

of  surfoce-aclivc  sub  sl*ou*,‘  be  taken  inlo  account  that  the  presence 
all  the  three  compon„  ,  003  of  lbc  ionic  or  molecular  type  may  affect 
rencc,  but  the  qua„?",  g”  an<*  #<m<)  of  ll,c  l0,al  potential  diffe- 
Thus,  the  Nernst  |kUy  gtM  romains  unchanged, 
vani  potential  at  th  .  °ory  rcfcrs  lo  only  one  component  of  the  Gal- 
tity  e i  which  i.1  mcla|-solution  interface,  namely,  lo  Ihe  quan- 

Thc  assumption  8faclual|y  lh«  Nernst  potential  in  the  proper  sense, 
during  the  formation change  between  the  metal  and  the  solution 
it)  was  confirmed  hi »  lhc  wIuilibriu'n  potential  (and  on  reaching 
ried  out  after  Nern.^  numerous  investigations  with  tracer  atoms  car- 
metal  fit  K  mo.?  81  ProPosed  his  theory.  If  we  add  to  the  electrode 
men  1st  a  cori.i  convc,,ient  to  use  metal  amalgams  for  such  experi- 
olortrmu  .  amount  of  its  radioactive  isotope  and  bring  the 
snlnt  i<  n  ,.,  i|C0,|laCt  a  solution  of  a  salt  of  the  same  metal,  the 
-V  si  -i.  V  1,1  a  so  display  radioactive  properties  after  some  time. 
0f "r  resu!1  will  be  obtained  if  we  prepare  a  solution  of  a  salt 
c  ,  ro,'c  metal  containing  its  radioactive  isotope  and  use 
.  'c,r°oe  made  of  a  nonradioactive  metal.  Then  the  electrode  also 
eco rues  radioactive  after  some  lime.  This  effect  is  possible  only 
'  ..V,"  'here  is  ion  exchange  between  the  electrode  and  the  solution. 

•ic  use  of  this  and  a  number  of  other  methods  has  made  it  possible 
io  only  to  confirm  the  fact  of  ion  exchange  but  also  to  estimate  it 
qn.'.ui itatively.  Since  exchange  involves  charged  particles,  the  inlon- 
®!  •  of  the  process  can  be  expressed  in  terms  of  current  and  is  called 
tin-  exchange  current  /"  or  exchange  current  density  »°  if  referred 
°  "«it  surface.  Kxchange  current  density  is  expressed  in  amperes 
per  unit  surface  area  (j  enr)  of  the  electrode-solution  interface; 
it  serves  as  a  kinetic  characteristic  of  the  equilibrium  between  the 
electrode  and  the  solution  at  the  equilibrium  value  of  the  electrode 
potential.  One  of  the  first  studies  devoted  to  Ihe  determination  of 
exchange  current  densities  was  carried  out  by  V.  Itoyler  and  cowor¬ 
kers  (1939).  The  values  of  exchange  current  density  for  some  electro¬ 
des  are  given  in  Table  9.2.  The  exchange  intensity  depends  on  the 
nature  of  the  electrode  and  of  the  electrolyte  within  wide  limits. 

According  to  the  third  principle  of  Ihe  Nernst  osmotic  theory 
exchange  currents  arise  under  Ihe  effect  of  the  osmotic  pressure  of  the 
solution  and  the  electrolytic  dissolution  pressure  of  the  metal. 

(-'sing  those  three  principles.  Nernst  obtained  a  qualitative  picture 
of  the  development  of  the  metal-solution  potential  difference  and 
deduced  a  quantitative  relationship  between  the  value  of  this  polcn- 
lial  difference  and  the  composition  of  the  solution.  His  reasoning 
was  as  follows. 

At  the  instant  of  immersion  of  a  metal  in  a  solution  of  its  own  ions 


an  exchange  of  ions  begins  between  Ihe  metal  and  tho  solution.  Three 
cases  are  possible,  depending  on  the  nature  of  the  metal  and  on  the 
composition  of  the  solution  (Fig.  9.6); 
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TABLE  9.2 

Exchange  Current  Densities  at  Room  Temperature  for  Some  Electrodes 


Exclianco 

Electrode 

Solution 

S- 

H*/H„  Hg 
Ni**/Ni 

Fc!*/Fc 

Zn5*/Zn 

Cu**/Cu 
Zn**VZn,  Ilg 
H*/II.,  Pt 
Na'/Na,  He 
Pb**/Pb,  |fg 
HjS'/Hg 

1.0, V  HjS04 

2.0jV  XiS04 

2.0A'  FeSO, 

2.0, V  ZnS04 

2.0, V  CnS04 

2  X  10-5, V  Zn(N03).4-  1.0:V  KNO, 

0.2, V  HjSOj 

1.0, V  NaOII-1  x  10-s.V  N(CH,)4OH 

2x  I0-5.V  Pb(XOa):-r  1.0,V  KNO, 

2x  10-5,V  Hg.(NO,).~  2.0, V  HCI04 

5X10-19 

2xl0-» 

10-5 

2x10-9 

2x10-9 

7  x  10-« 

1  X  10-9 

4  X 10-2 
10-i 
5xI0-i 

(1)  the  osmotic  pressure  n  is  higher  thnn  the  electrolytic  dissolu¬ 
tion  pressure  P  (Fig.  9.6a); 

(2)  the  osmotic  pressure  a  is  lower  than  the  electrolytic  dissolution 
pressure  P  (Fig.  9.66); 


Initial  moment  Equilibrium 


It) 

Fig.  !i.6.  Development  of  a  potential  difference  at  the  metal-solution  interface 
according  to  Xcrnst.  The  lengths  of  the  arrows  (in  arbitrary  units)  are  proportio¬ 
nal  to  the  rates  of  llte  corresponding  processes 

(3)  the  osmotic  pressure  a  is  equal  to  the  electrolytic  dissolution 
pressure  P  (Fig.  9.6c).  ;<jui 

As  soon  as  the  metal  and  solution  arc  brought  into  contact,  there 
begins  a  predominant  transfer  of  ions  cither  from  the  solution  into 
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I  lie  metal  (case  1.  al  a  >  P)  or  vice  versa  (ease  2.  at  a  <  P).  Since 
the  metallic  ions  are  charged  entities,  their  preferential  transfer 
to  anv  one  of  the  phases  will  lead  to  the  accumulation  of  an  excess 
positive  charge  in  this  phase,  while  the  other  phase  will  be  charged 
negatively.  In  either  case  the  potential  difference  arising  from  the 
noniiniform  charge  distribution  will  have  an  accelerating  effect  on 
the  slow  reaction  and  put  a  brake  on  the  fast  reaction  (see  Fig.  9.n): 
this  is  typical  of  the  exchange  mechanism  of  development  of  an  inler- 
phasial  potential  difference.  After  a  certain  (very  short)  period  of 
time  the  potential  difference  will  equalize  the  exchange  rales  in  both 
directions.  The  potential  will  no  longer  change,  retaining  a  constant 
value  corresponding  to  the  equilibrium  between  the  metal  and  soluti¬ 
on.  In  just  the  same  way  the  rates  of  charge-transfer  reactions  in  the 
directions  solution-metal  T and  metal-solution  /  will  become  con¬ 
stant  and  equal  in  magnitude  to  the  exchange  current 

~J  =  T-  /“  (9.40) 

Under  these  conditions  the  osmotic  work 
RT  ln-£- 


will  be  balanced  by  the  electrical  work 


that  is. 

rtHn-jj-  -g,sf  =  0 


(9.41) 


(9.42) 


Since  in  the  osmotic  theory  the  Galvani  potential  al  the  solution- 
metal  interface  is  identified  with  the  electrode  potential,  Eq.  (9.42) 
may  be  replaced  by 


®LM  “  —  ~ln~ 


Equation  (9.43)  shows  that  al  a  >  P  the  metal  is  charged  positi¬ 
vely  and  the  solution  negatively:  the  quantity  g„.  and  hence  the 
electrode  potential,  will  be  positive.  At  a  <  P  a  reverse  charge- 
transfer  reaction  lakes  place  and  the  quantities  g,  and  eL.u  "‘11 
therefore  be  negative.  And.  finally,  when  a  =  P.  the  metal  will  be 
uncharged  with  respect  to  the  solution,  and  no  potential  difference 
will  develop  across  the  metal-solution  interface,  i.e..  g,  and  eLM 
will  be  equal  to  zero. 
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The  above  conclusions,  which  follow  from  (he  Nernsl  theory, 
should  be  considered  erroneous  because  the  potential  difference 
gn  is  only  part  of  the  electrode  potential  e,.M.  With  g.  equal  to  zero 
the  quantity  eLM  may  be  different  from  zero  and  depends  on  the  work 
function  of  a  given  metal.  Besides,  the  potential  difference  gi.M 
may  ditier  from  zero  even  when  the  exchange  mechanism  does  not 
result  in  the  appearance  of  excess  charge  on  either  side  of  the  intor- 
tacc.  the  potential  difference  under  these  conditions  ninv  be  attribut¬ 
ed  to  the  orientation  of  polar  molecules  and  the  specific  adsorption 
of  ions  (see  Eq.  (9.23)1.  1 

Fcdlowing  the  Arrhenius  theory.  Nernsl  assumed  that  the  ideal 
gas  laws  are  applicable  to  electrolytic  solutions.  The  osmotic  pressure 
?Ll!,  t0  y  ?S.1UU0n  may  lhcrcfore  be  expressed  in  terms  of  the 
concentration  of  the  corresponding  ions: 

?c  =  RTc 


whence. 


If  the  concentration  c 
litre,  then 


i  the  basis  of  Eq.  (9.43),  one  has 


n  Eq.  (9.44)  is  cqu; 


6(£i  r  e'  M  (9-45) 

,bc  normil1  Potential.  Introducing  the  value  of  the 
expression:*"118  °"e  Ca"  WrUc'  in  plaCC  °f  E<1'  ,lle  following 

=  e*M 4- In  cMl+  (9.46) 

(9.46)  bcars  a  cer,ain  superficial  resemblance  to  the 
gencial  thermodynamic  equation  for  the  electrode  potential  as  applied 
n°nr.r,,LTal.Cafe  of  n?clallic  clcclr°dcs  of  the  first  kind.  The  Nernsl 
conemii!?r?.tla!n,aJ  bCm?!!Uf,c‘l  wilh  ,ho  standard  potential  if  the 
concentrations  in  Eq.  (9.46)  are  replaced  by  activities 

8lm  =  e?»  +  -fr ,n  «»«♦  =  e°LH  +  -^  In  «„»/*,♦ 

no^n#iW-°?i  (9/‘6)  'S  known  ns  the  Ner»sl  equation  for  the  electrode 

as  w  I  S  ;T"C  nam?  is  0flen  «ivcn  ‘o  Eq»-  (9.«)  and  (9.44) 
as  well  as  to  the  general  equation  (7.7). 

f„n,r0r,lirg.il0  ‘,hc  N1rnsl  fltcory,  the  normal  potential  is  a  simple 
hl  rir.il0  lbc(clcctrolytic  dissolution  pressure  of  a  metal.  It  could 
necatcufaed.  for  various  metals  from  the  known  values  of  P.  But 
such  a  calculation  is  impossible  in  practice  since  the  quantity  P 
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is  not  directly  measurable.  It  is  however  possible  to  establish,  by 
using  the  known  values  of  standard  potentials,  how  the  quantity  !' 
varies  from  one  electrode  metal  to  another.  If,  for  example,  the  elec¬ 
trolytic  dissolution  pressure  corresponding  to  the  standard  hydrogen 
electrode  is  taken  equal  to  1  atm,  the  electrolytic  dissolution  pressure 
of  beryllium  will  be  about  10“  atm.  and  that  of  copper.  10_s“  atm. 
These  values  cannot  naturally  be  accepted  as  the  actual  pressures, 
and  thus  the  concept  of  the  electrolytic  dissolution  pressure  introdu¬ 
ced  by  Ncrnst  evidently  implies  some  other  characteristics  of  the 
electrode-solution  system. 

The  Ncrnst  equation  is  valid  for  electrodes  of  the  lirst  kind,  and 
its  sphere  of  relevance  is  restricted  to  electrodes  of  this  type.  It  must 
however  be  noted  that  this  limitation  docs  not  undermine  the  Ncrnst 
theory.  For  example.  Peters  (1898)  showed  that  Ncrnst 's  basic  con¬ 
ceptions  can  be  used  for  deducing  the  equation  for  redox  electrodes. 
Nernsl’s  ideas  were  developed  in  the  works  of  Butler  (1924).  who 
succeeded  in  deriving  kinelically  equations  for  various  types  of  elec¬ 
trodes. 

From  the  Ncrnst  theory  it  follows  that  standard  electrode  poten¬ 
tials  are  independent  of  the  nature  of  the  solvcnlsince  the  quantity  V. 
which  determines  the  normal  or  standard  electrode  potential,  is  not 
a  function  of  the  properties  of  the  solvent  but  depends  on  the  proper¬ 
ties  of  the  metal.  However,  neither  experiment  nor  theoretical  con¬ 
siderations  support  these  conceptions,  a  circumstance  that  calls  for 
a  revision  of  the  physical  premises  of  Ncrnst's  theory. 

9.2.3.  THE  HYDRATION  (SOLVATION)  THEORY 
OF  ELECTRODE  POTENTIAL 

The  Ncrnst  osmotic  theory  is  incapable  of  disclosing  the  physical 
essence  of  the  processes  giving  rise  to  a  potential  difference  across 
the  metal-solution  interface  since  it  is  founded  on  Arrhenius'  ideali¬ 
zed  conceptions  of  electrolytic  dissociation.  The  major  shortcoming 
of  the  Arrhenius  theory  is  that  tho  properties  of  electrolytic  solutions 
are  identified  with  those  of  ideal  gas  systems,  i.e..  the  ion-ion  and 
ion-solvent  interactions  are  ignored.  The  same  drawback  is  inherent 
in  the  Ncrust  theory.  The  theory  of  electrode  potentials  developed 
along  the  same  path  as  did  the  theory  of  electrolytic  solutions.  Both 
the  shortcomings  and  achievements  of  tho  latter  theory  have  been 
reflected  in  the  theory  of  electrode  potentials.  For  example,  the  intro¬ 
duction  of  the  concepts  of  activity  coefficient  (as  a  quantity  associat¬ 
ed  with  ionic  interaction)  and  activity  as  the  effective  concentration, 
which  was  a  big  slop  forward  in  the  development  of  the  theory  of  solu¬ 
tions,  made  it  possible  to  obtain,  on  the  basis  of  the  Nernst  theory, 
the  correct  relationship  between  the  electrode  potential  and  the  com¬ 
position  of  the  solution.  Taking  into  account  solute-solvent  interne- 
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tions  (insisted  on  by  Mendeleyev)  and,  particularly,  the  possibility 
of  formation  of  hydrated  or  solvated  ions  in  solutions  (A.  Kablukov) 
was  an  important  landmark  in  the  development  of  the  theory  of 
electrolytic  solutions.  As  a  consequence,  it  became  possible  to  find 
the  cause  of  dissociation  of  electrolytes  into  ions.  Ion  solvation  evi¬ 
dently  also  plays  substantial  role  in  the  attainment  of  an  equilibrium 
between  electrode  and  solution. 

The  Pisarzhevsky-Izgaryshev  Theory.  The  mechanism  of  develop¬ 
ment  of  an  electrode  potential  based  on  solvation  phenomena  was 
first  formulated  by  L.  Pisarzhevsky  (1912-14).  He  thought  that 
two  processes  are  of  decisive  importance  in  the  formation  of  an  elec¬ 
trode  potential.  The  first  is  the  ionization  of  the  electrode  metal,  in 
which  ions  and  free  electrons  appear: 

M  =  M!+  +  ze  (9.47) 

Equation  (9.47)  docs  not  contradict  the  present-day  views  on  the 
nature  of  the  metallic  state,  according  to  which  the  crystal  lattice 
of  a  metal  contains  its  ions  in  equilibrium  with  delocalized  valency 
electrons:  the  latter  form  an  electron  gas  and  ensure  metallic  con¬ 
duction.  The  second  process  is  the  interaction  of  solvent  L  with  the 
metal  ions  Mi+  present  in  the  crystal  lattice;  this  process  may  be 
represented  thus 

M;+  +  xL  =  MLi*  (9.48) 

The  overall  reaction  giving  rise  to  a  potential  difference  across  the 
metal-solution  interface  should  therefore  be  written  in  the  following 
form 


The  equilibrium  constant  for  this  reaction  is 

-  |M][L)X  f9'50) 

Thus  according  to  Pisarzhevsky,  the  transfer  of  ions  from  the  metal 
into  the  solution  is  not  due  to  the  physically  obscure  elect rolvtic  dis¬ 
solution  pressure  of  the  metal  but  is  the  result  of  its  interaction  with 
the  solvent  molecules.  The  electrolytic  dissociation  of  electrolytes 
anil  the  development  of  an  electrode  potential  arc  thus  based  on  the 
same  process  of  ion  solvation  (or  ion  hydration  in  the  case  of  aqueous 
solutions).  Here,  as  follows  from  the  reaction  (9.49).  not  free  but 
so  vated  ions  are  formed  on  dissolution;  their  properties  depend  on  the 
N„l,Unrot  l'C  ^°lvcnt-  For  lhis  rcnson.  as  distinct  from  the 
Nernst  theory,  the  standard  potential  of  a  given  electrode  must 
change  from  solvent  to  solvent.  This  relationship  was  discovered  and 
by  author  (Izgaryshev.  Brodsky.  Pleskov,  Hartley. 
Izmndox  and  others).  It  has  been  found  that  the  change  in  the  ele¬ 
ctrode  potential  from  solvent  to  solvent  is  the  greater,  the  smaller 
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the  radius  and  the  greater  the  charge  of  the  ion  taking  part  in  the 
electrode  reaction.  According  to  Pleskov  the  least  variation  of  poten¬ 
tial  is  observed  for  cesium,  rubidium  and  iodine  electrodes,  where 
univalent  ions  of  considerable  size  participate  in  the  establishment 
of  electrode  equilibrium.  Conversely,  these  variations  are  especially 
pronounced  for  hydrogen  ions  and  polyvalent  cations  of  small  size. 
Precisely  this  dependence  of  electrode  potential  on  the  nature  of  the 
solvent  could  be  expected  on  the  basis  of  Pisarzhcvsky’s  conceptions 
of  the  role  of  solvation  phenomena  in  the  development  of  a  metal- 
solution  potential  difference.  For  quantitative  comparison  of  poten¬ 
tials  in  dilfcrent  solvents  the  cesium  electrode  is  used  os  the  standard 
null  electrode  since  its  potential  depends  least  of  all  on  the  nature 
of  the  solvent. 

Izmailov  suggested  using  the  absolute  hydrogen  scale  for  all  sol¬ 
vents.  He  found  the  difference  in  the  solvation  heats  of  the  hydrogen 
ion  for  a  number  of  solvents  and  calculated  the  difference  in  the  stan¬ 
dard  potentials  of  the  hydrogen  electrode  for  the  solvents  studied. 
The  data  obtained  by  Izmailov  on  the  effect  of  the  solvent  on  the 
potentials  of  some  electrodes  are  presented  in  Table  9.3. 

TABLE  0.3 

Standard  Electrode  Potentials  in  Different  Solvents 
(in  increasing  order  of  positive  value  ol  potential  in  aqueous 
solution) 


It  can  be  seen  from  Table  9.3  that  not  only  the  electrode  potential', 
changes  from  solvent  to  solvent  but  in  some  cases  (e.g.  the  electrodes 
I~/I2  and  Ag'/Ag  in  water  and  in  liquid  ammonia)  even  the  order 
of  arrangement  of  electrodes  in  the  electrochemical  series.  If  an  elec¬ 
trochemical  cell,  or  system,  is  constructed  with  identical  electrodes 
in  different  solvents,  then  a  considerable  emf  will  result,  provided 
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the  liquid  junction  potentials  arc  eliminated.  For  example,  the  initial 
emi  of  the  cell 

Pt,  H,/H+,  HCOOH//H*,  NHj'H,,  Pt 


will  amountalo  1.52  V.  This  value  exceeds  the  emf  of  the  Daniell- 
Jakobi  cell  consisting  of  copper  and  zinc,  which  are  so  eleclrochomi- 
•cally  diflerent.  Thus,  the  effect  of  the  nature  of  the  solvent  on  the 


electrode  potential  is  quite  comparable 
with  that  of  the  nature  of  the  metal. 

Of  special  interest  in  this  connection 
arc  the  works  of  Izgaryshev.  who  sub¬ 
stantially  developed  (1926-28)  Pisar- 
zhevsky’s  qualitative  conceptions  and 
laid  the  foundation  of  the  hydration 
(solvation)  theory  of  electrode  potentials 
and  electromotive  force.  According  to 
Izgaryshev,  at  the  metal  surface  facing 
the  solution  one  may  find  both  metal 
ions  and  adsorbed  water  molecules 
(Fig.  9.7).  The  metal  ions  can  pass  from 
the  aqueous  into  the  metallic  phase, 
losing  their  hydration  sheath  and  taking 
their  position  in  the  crystal  lattice.  At 
the  same  time  the  molecules  of  water 


Fie.  9.7.  Izgaryshcv’s  mo-  (or  another  solvent),  being  adsorbed  and 
dot  ol  the  metal-solution  in-  oriented  in  a  definite  way  at  the  inter- 
tcrfaco  during  the  formation  face,  can  interact  with  the  ions  located 
•'  "  in  tho  mold  „„1  pull  them  out  ol  it! 

lattice  under  certain  conditions.  Thus, 
the  electrode  potential  depends,  according  to  Izgaryshev,  on  the 
strength  of  the  ionic  bond  in  the  metal  and  on  the  ion  hydration 
energy.  Izgaryshev  has  also  demonstrated  how.  on  the  basis  of 
his  theory,  electrode  potentials  on  the  hydrogen  scale  and  the 
emf  s  of  various  galvanic  cells  can  be  calculated  from  independent 
experimental  data. 

Further  Development  of  the  Solvation  Theory  of  Electrode  Poten¬ 
tial.  Conceptions  similar  to  those  forming  the  basis  of  the  Pisarzhev- 
sky-Izgaryshcv  hydration  theory  were  later  used  by  other  authors, 
r or  example,  in  1932  Gurney  applied  the  kinetic  method  suggested 
by  Uullcr  to  the  problem  of  the  development  of  the  equilibrium  elec¬ 
trode  potential;  Gurney’s  ideas  concerning  metal-soluiion  interac¬ 
tions  are  consistent  with  Izgaryshev ’s  theory.  His  calculations  may 
therefore  be  regarded  os  a  quantitative  formulation  of  sonic  of  the 
basic  propositions  of  Izgaryshcv’s  hydration  theory. 

Following  Gurney,  wo  will  assume  that  the  probability  of  transfer 
•ol  a  metal  ion  from  solution  to  electrode  (in  the  forward  direction) 
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is  proportional  to  the  number  of  metal  ions  in  contact  with  the  metal 
surface  on  the  solution  side  of  the  interface  (Fig.  0.7)  and  the  probabi¬ 
lity  of  ion  transfer  in  the  opposite  direction  is  proportional  to  the 
number  of  solvent  molecules  on  the  metal  surface.  Gurney  assumed 
that  for  the  number  of  forward  n  and  reverse  n  transfers  one  can  write 

n  =  kNm  (9.51) 

and 

n  =  JkVL  (9.52) 

where  Nm  =  number  of  ions  in  the  entire  volume  of  solution 
,VL  =  number  of  solvent  molecules. 

Since  the  energy  levels  of  an  ion  in  the  solution  and  in  the  metal 
arc  different,  the  proportionality  coefficients  A' and  k  must  be  functions 
of  the  energy  change  occurring  when  the  ion  is  transferred  from  one 


phase  to  the  other.  Such  energy  changes  can  be  estimated  with  the 
aid  of  the  diagram  shown  in  Fig.  9.S.  The  left  potential  curve  repre¬ 
sents  the  change  of  the  ion  free  energy  as  a  function  of  the  distance 
between  the  ion  and  the  enveloping  water  molecules:  the  position 
of  the  water  molecules  is  taken  here  as  pre-assignod  and  is  indicated 
by  a  dash-and-dot  vertical  line.  The  horizontal  line  uL  corresponds 
to  the  lowest  vibration  level  of  the  ion  in  solution,  and  the  « o  line 
to  the  energy  level  of  a  free  gaseous  ion.  The  potential  curve  on  the 
right  shows  the  energy  change  for  a  metal  ion  as  a  function  of  its 
distance  from  the  fixed  metal  surface.  The  horizontal  line  n,„  cor¬ 
responds  to  the  lowest  vibration  level  of  the  ion  in  the  surface  layer 
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of  the  metal  lattice.  For  a  forward  transfer  the  ion  must  possess  such 
an  amount  of  energy  u  which  would  raise  it  from  the  u l  to  the  u0 
level.  Then 

it  =  u0  —  «i.  (9.53) 

The  quantity  u  may  be  regarded  as  the  energy  required  to  remove 
the  ion  from  the  solution.  An  ion  being  transferred  in  the  opposite 
direction  must  rise  from  the  um  to  the  u0  level.  Suppose  that 

u  =  u0  -  um  (9.54) 

Here  u  represents  the  energy  required  to  bring  the  ion  to  the  «0 
level;  it  may  be  defined  os  the  work  done  to  remove  the  ion  from  the 
metal.  Assuming  that  the  Ma.xwcll-Boltzmann  statistics  is  applicable 
to  the  ion  distribution  among  energy  levels,  one  can.  in  place  of  Rqs. 
(9.51)  and  (9.52),  write  equations  taking  into  account  changes  in  the 
energy  of  an  ion  in  the  course  of  forward  and  reverse  reactions: 


(9.55) 


«  =  =  pjVLe  "  r  °  (9.56) 

where  a  and  §  arc  the  transfer  probability  factors. 

—  Usually  at  the  instant  of  immersion  of  a  metal  in  a  solution 
n  =£  n,  i.o.,  preferred  transfer  of  ions  in  one  direction  is  observed. 
As  a  consequence,  a  potential  difference  develops  across  the  molal- 
solulion  interface,  which  in  turn  changes  the  energy  states  of  the 
ions.  When  equilibrium  is  attained,  the  frequencies  of  ion  transfers 
in  both  directions  become  equal: 


where  gLM  is  the  equilibrium  potential  difference  between  the  metal 
and  solution. 


According  to  Gurney,  the  energy  associated  with  the  resulting 
potential  will  alter  the  energy  slate  of  the  ions  on  the  metal  surface, 
in  this  case  the  um  level  drops  down  by  the  amount  zee,  „  (to  the 
“M  level)  as  shown  in  Fig.  9.8  by  a  doited  curve.  The  number  of  back 
transfers  will  then  be  given  by  the  equation 


n«LM>  =  PA'i-e 
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Since  n<„LM)  =  n<*LM).  il  follows  that 

UL~U0  Mni+W«LM~  "o 

a Nme  tT  - pA'i.e  ir 


4'l.M 


rln 


0A'L 


(9.58) 


Equation  (9.58)  relates  the  rnctal-solulion  potential  difference  to 
the  ratio  of  the  lowest  vibration  levels  of  a  metal  ion  in  the  solution 
and  metal  and  also  to  the  concentration  of  the  solution.  The  ratio 
of  the  number  of  solute  particles  to  that  of  solvent  molecules.  A'„,/.'V 
may  be  taken  as  a  quantity  proportional  to  the  concent  rat  ion  ex  pres¬ 
sed.  for  example,  in  g-ion/Iitre.  From  Ivqs.  (9.53)  and  (9.54)  and 
Fig.  9.8  il  follows  that 

«L  -  um  =  -  (k  -  y)  (9.59) 

where  h  represents  the  hydration  energy  of  an  individual  ion  in  a  solu¬ 
tion  of  a  given  composition,  and  y  corresponds  to  the  work  necessary 
to  move  the  ion  from  the  metal  into  vacuum,  o',  taken  with  the 
minus  sign.  Using  Eq.  (9.59)  and  switching  from  ions  to  gram-ions. 
Gmnev  rewrites  Eq.  (9.58)  in  the  following  form: 


8i.n  =  - 


Y‘-Vh 


-F-jr-logyc 


(9.00) 


whore  i  =  ak/p  ( k  is  a  factor  for  conversion  of  units 

expressing  concentration  to  c  units);  Uh  =  A 'Ah  and  V*  =  NAy'. 
The  hydration  energy  Uh  refers  to  the  ideal  solution.  In  a  real  solu¬ 
tion  tiic  hydration  energy  will  be  higher  owing  to  ion-ion  inlernc- 

Uh>Uh 

The  difference  between  the  hydration  energies  Uh  and  Uh  must  depend 
on  the  concentration  of  the  solution,  i.o.. 

Uh  =  Uh  +  <p  («) 

If  we  introduce  a  certain  function  of  the  concentration  |  given  by  the 
equation 


RT  In  |  =  q>  (c) 

Uh  =  Uh  r  RT  In  £ 


(9.6i) 
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Substituting  the  value  of  Uh  from  Eq.  (9.61)  into  Eq.  (9.60)  gives 
ffLM  =  Y‘~Vk  + ^jr  In  |c  (9.62) 

The  quantity  |  must  correspond  in  its  physical  meaning  to  the  activi¬ 
ty  coefficient  /.  Pulling  y  =  1  (which  is  highly  probable)  and  assu¬ 
ming  that  g lm  =  clm  (which  is  incorrect),  Gurney  deduced  the 
following  equation  for  the  electrode  potential: 

eLM  =  +  -^r-  In  oM»  (9.63) 

At  =  1 

®lh  =  —  tA.Cl'  —  etu  (9.64) 

and  the  Gurney  equation  may  be  rewritten  in  the  form 
eLM  =  «lm  +  ~zjr  *n 

As  distinct  from  the  Ncrnsl  equation  which  contains  an  uncertain 
quantity  (the  electrolytic  dissolution  pressure),  Gurney's  formula 
for  the  standard  potential  includes  the  work  function  of  the  ion  and 
its  energy  of  hydration,  i.o.,  quantities  possessing  a  definite  physical 
meaning.  The  work  function  of  the  ion  can  be  found  with  the  aid  of 
the  following  cycle: 


The  transfer  of  one  gram-ion  of  a  metal  from  the  metal  into  vacuum 
requires  an  energy  equal  to  the  work  function  .  This  transfer 
can  also  be  effected  in  two  stops.  First,  one  gram-atom  of  the  metal 
is  converted  to  gaseous  free  atoms  by  sublimation,  which  requires 
the  energy  of  sublimation  5.  Then,  the  gaseous  metal  atoms  are 
ionized  into  gaseous  ions  of  valency  s.  The  energy  used  up  at  this 
stage  is  equal  to  the  sum  of  ionization  potentials.  2 1 .. .  The  electrons 
return  to  the  metal,  the  energy  liberated  being  equal  to  the  work 
function  of  the  electron,  ui^,.  The  work  required  to  remove  the  ion 
into  vacuum  can  thus  be  expressed  as  follows: 

<om”  =  Sh  -f-  2/+  —  zojJ,  (9.65) 


AH  the  quantities  entering  into  Eq.  (9.65)  arc  experimentally  measu- 
rable,  though  not  always  with  great  accuracy.  Thus.  Gurney’s  for¬ 
mula  offers,  one  would  think,  the  fundamental  possibility  of  calcu¬ 
lating  the  absolute  value  of  electrode  potential  from  the  energy  chara¬ 
cteristics  of  the  metal  and  solution.  It  must  however  be  kept  in  mind 
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lhal  Gurney's  theory,  like  the  Nernsl  theory,  defines  not  the  whole 
electrode  potential  hut  only  a  part  of  it,  i.c..  the  metal-solution 
potential  difference.  But  even  this  quantity  cannot  be  calculated 
on  the  basis  of  Gurney's  theory  since  the  latter  docs  not  lake  into 
account  the  potential  difference  which  the  ion  crosses  on  its  way  from 
the  vacuum  into  solution.  The  numerical  value  of  this  potential 
difference  is  known  approximately,  and  therefore  Gurney’s  formula 
determines  the  metal-solution  potential  difference  with  an  accuracy 
up  to  a  certain  indefinite  value. 

Despite  this  drawback,  the  Gurney  theory  deserves  attention. 
This  theory  made  it  possible  to  obtain  the  first  realistic  equation  for 
the  Volta  potential  at  the  metal-solution  interface.  The  Volta 
potential  between  two  metals  is  equal  to  the  difference  in  the  work 
functions  of  electrons  for  these  metals  Isee  Eq.  (9.38)1.  In  deriving 
F.q.  (9.38)  no  special  assumptions  were  made  restricting  its  sphere  of 
relevance  to  a  definite  type  of  interface.  For  this  reason  it  may  be 
assumed  that  the  Volta  polenlial  for  an  interface  between  any  two 
phases  is  determined  by  the  difference  in  the  work  required  to  remove 
the  corresponding  charged  particles  from  both  phases  into  vacuum. 
For  a  metal-solution  interface  such  particles  are  ions. 

Gurney's  formula  for  the  standard  potential  (9.64)  is  an  equation 
which  in  fact  defines  the  Volta  polenlial  across  the  solution-metal 
interface  rather  than  the  Galvani  potential;  it  may  lie  rewritten  as 


where  .1,  —  AC,„ri  is  the  real  energy  of  hydration.  Since  accor¬ 

ding  to  Eq.  (3.22) 

A,  =  Aeh  ±  zcy.Lv 

where  /lc/l  is  the  chemical  hydration  energy  and  y.LV  the  surface 
potential  at  the  solution-vacuum  interface,  whose  value  is  unknown, 
the  absolute  value  of  ifLM  cannot  be  calculated  from  the  Gurney 
formula.  The  latter  can  however  be  used  as  a  basis  for  elucidating  the 
effect  of  the  nature  of  the  solvent  and  the  metal  on  the  emf's  of  ele¬ 
ctrochemical  cells  and  on  conventional  electrode  potentials.  These 
questions,  which  are  of  fundamental  importance  to  electrochemistry, 
were  thoroughly  studied  by  Plcskov  and  Izmailov. 

Izmailov  makes  use  of  Eq.  (9.16) 

E  =  r|>i2  +  —  tu 

which  is  valid  for  electrochemical  cells  of  the  type 

M,/M**//Mi+/M*  (9.67) 

in  which  cither  there  is  no  liquid  junction  or  the  diffusion  potential 
has  been  eliminated.  It  is  also  applicable,  for  instoncc.  to  a  cell 
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which  determines  the  electrode  potential  of  a  metal  on  the  arbitrary 
hydrogen  scale: 

Pt,  H,/H*//M«*/M  (9.68) 

Substituting  into  Eq.  (9.16)  the  values  of  Volta  potentials  from  Eos. 
(9.38)  and  (9.66)  and  assuming  that  ,z  —  :z.,.  —  z+  and  z,.  = 
=  s.  =  s  and  that  the  activities  of  the  participants  of  the  electro¬ 
chemical  reaction  arc  equal  to  unity.  Izmailov  obtains: 


since  from  Eq.  (3.22)  it  follows  that 

Ar,  —  -I r,  =  .■!«*,  -r  fFyw LV  —  df,„  -  zF/_ LV  =  Aeh,  —  Ark. 
For  the  cell  (9.67)  the  work  functions  of  the  metallic  ions  for  the 
metal  may  be  replaced  by  their  values  from  the  expression  (9.63): 
then,  after  some  rearrangement,  one  has: 


For  the  cell  (9.68).  which  determines  the  standard  potential  of 
electrode  M-+/.M  on  the  arbitrary  hydrogen  scale,  the  value  of 
WF  •  equal  in  this  case  to  (•)!!. ,  can  bo  found  from  III"  following  cycle 


where  />«.  =  energy  of  dissociation  of  hydrogen  molecule 

bate  =  energy  of  adsorption  of  hydrogen  atoms  on  platinum 
/ii‘  =  ionization  potential  of  hydrogen  atoms 
Mj..  =  work  function  for  electrons  to  be  removed  from  pla¬ 
tinum. 

From  the  above  cycle  it  follows  that 

=  (9.72) 

Substituting  this  value  of  wg.*  for  aft*  into  Eq.  (9.70)  and  replacing 
•‘ItA,.  A ck.  and  wj1*  by  zAchHt,  /tc„M„  and  «i)m”  and  taking  into 
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account  Eq.  (9.65),  one  obtains: 


<9'73> 

Equations  (9.71)  and  (9.73)  should  be  regarded  as  a  mathematical 
expression  of  the  basic  propositions  of  the  hydration  (solvation) 
theory  of  electromotive  forces  and  electrode  potentials,  'f he  values 
of  criif  and  standard  electrode  potential  are  represented  as  the  sum 
of  two  terms.  The  first  of  them  is  governed  by  the  properties  of  ele¬ 
ctrodes.  and  the  second  by  the  properties  of  potential-determining 
ions  and  the  nature  of  the  solvent. 

Equations  (9.71)  and  (9.73)  can  be  employed  to  resolve  many  impor¬ 
tant  problems  pertaining  to  electrochemical  equilibrium  systems. 
For  example,  using  Eq.  (9.71),  one  can  account  for  the  dependence 
of  the  emf  of  the  electrochemical  cell  (9.67)  on  the  Pr®Pe-r‘,e*  l.''* 
solvent.  In  this  case  the  first  term  in  Eqs.  (9.71)  and  (9.73)  remains 
constant,  and  the  variation  of  the  eraf  with  the  natureof  'hesolvent 
is  determined  by  the  second  term.  Hence.  Eqs.  (9./1)  and  (•»•<■>) 
may  be  rewritten  in  the  form: 


E°  =  const  H - 7f - 

AM  theoretical  equations  for  calculating  the  hydration  energy 
contain  the  Born  term 

t*e*NA  /.  1  \ 

and  therefore  the  emf  must  be  a  function  of  the  dielectric  constant 
of  the  solvent,  i.e.,  it  must  change  from  one  solvent  to  another  having 
a  different  dielectric  constant.  On  the  basis  of  the  Born  formula  for 
the  hvdralion  energy  one  would  expect  a  linear  variation  of  £ 
with  \iD.  This  was  first  suggested  by  Brodsky,  who  deduced  a  corre¬ 
sponding  equation  for  emf.  The  experimental  investigations  earned 
out  bv  Brodsky,  Izgaryshev,  Pleskov,  and  Izmailov  have  shown  that 
this  assumption  can  only  serve  as  a  first  approximation.  Ibis  result 
should  be  considered  legitimate  since  the  Born  term  docs  not  cover 
the  whole  hydration  energy,  which  includes  also  specific  interaction 
forces.  A  theoretical  calculation  of  the  hydration  energies  of  indivi¬ 
dual  ions  is  a  complicated  problem  that  has  not  yet  hoen  solved.  U 
would  be  more  reasonable  to  use  Eq.  (9./0)  for  solving  the  revorsc 
problem,  i.e.,  estimating  the  changes  of  the  clicmicalenergjofhycl- 
ration  from  solvent  to  solvent  by  using  experimentally  determined 
values  of  electromotive  force. 


PART  FOUR 

The  Electrical  Double  Layer  at 
the  Electrode-Electrolyte  Interface 


in  Ihc  preceding  sections  we  discussed  the  following;  (a)  the  physi¬ 
cal  meaning  of  the  electrode  potential;  (b)  its  relation  with  poten¬ 
tial  differences  at  phase  boundaries;  (c)  the  conditions  under  which 
a  potential  difference  develops  across  an  electrode-electrolyte  inter¬ 
face  (this  p.d.  being  the  principal  part  of  Ihc  electrode  potential); 
and  (d)  the  dependence  of  the  value  of  this  p.d.  on  the  composition 
of  the  solution.  In  considering  the  mechanism  by  which  a  potential 
difference  develops  at  the  electrode-elect  roly  tc  interface  it  was  stated 
that  the  main  factor  responsible  for  its  appearance  is  the  exchange  of 
ions  between  an  electrode  metal  and  the  solution.  This  process  at 
first  (i.c.,  at  the  moment  the  metal  and  solution  are  brought  into 
contact)  involves  noncquivalent  amounts  of  ions,  as  a  result  of  which 
the  two  contiguous  phases  acquire  excess-charge  densities  of  opposite 
sign  and  an  electrical  double  layer  is  formed.  But  we  have  not  yet 
examined  the  structure  of  the  electrical  double  layer  and  the  charge 
distribution  on  the  two  sides  of  the  interface.  The  structure  of  Ihc 
double  layer  is  of  no  decisive  importance  to  the  value  of  equilibrium 
electrode  potential,  which  is  determined  by  Ihc  frei-energy  change 
in  the  corresponding  electrochemical  reaction.  At  the  same  time  the 
structure  of  the  double  layer  plays  an  important  role  in  the  kinetics 
of  electrode  processes,  including  that  of  ion  exchange  in  equilibrium 
conditions  because  its  intensity  (Ihc  exchange  current  I")  depends  on 
the  structure  of  the  double  layer.  The  theory  of  the  structure  of  the 
double  layer  therefore  serves  as  a  sort  of  an  intermediate  link  between 
electrode  equilibrium  and  electrode  kinetics. 

An  important  contribution  to  the  formation  of  the  present-day 
conceptions  of  the  double-layer  structure  has  been  made  by  investiga¬ 
tors  of  clcclrokinclic  and  clcctrocapillary  phenomena. 


CHAPTER  10 

Electrokinetic  and  Eledrocapillary 
Phenomena 


10.1.  ELECT  no  KINETIC  PHENOMENA 
Eleclrokinetic  phenomena  relied  the  rclalion  between  the  relative 
motion  of  two  phases  (most  often,  a  liquid  and  a  solid)  and  the  ele¬ 
ctrical  properties  of  the  interface  between  them.  Electrokinelic  phe¬ 
nomena  arise  in  those  cases  when  one  phase  is  dispersed  in  the  other, 
i.e..  when  the  system  can  be  described  as  microheterogencous.  Four 
groups  of  electrokinotic  phenomena  arc  distinguished:  electroosmosis, 
electrophoresis,  streaming  potential,  and  sedimentation  potential  (I ab¬ 
le  10.1). 

TABLE  10. 1 


Classification  of  Electrokinetic  Plicnomcno 


— 

Description  < 

. . 

Elcrlr 

— * 

Movement  of  a  liquid  along 
a  solid  (a  capillary,  sy¬ 
stem  of  capillaries  or  po- 

An  extornally  applied  ele¬ 
ctric  field 

Ele.lt 

■■phoresis  | 

Movement  *of  solid  particles 
dispersed  h)  a  liquid 

An  externally  applied  ele¬ 
ctric  field 

Slrc.il) 

ling  poton- 

Formation  of  a  potential 
difference  hot  ween  Hie 
upstream  and  downstream 

a  solid  (a  capillary,  system 
of  capillaries  or  |K>rous 

difference  between  the  top 

in  potential) 

and  the  bottom  of  a  ves¬ 
sel  in  which  dispersed  so¬ 
lid  particles  arc  suspen¬ 
ded  in  a  liquid 

particles  relative  to  a  sta¬ 
tionary  liquid  phase) 

The  discovery  of  oleclrokinetic  phenomena  is  due  to  F.  Keuss. 
whose  experiments  on  clcclroosmosis  and  electrophoresis  were  des¬ 
cribed  in  1809  in  the  Proceedings  of  the  Moscow  Society  of  Naturalists. 

The  other  two  cllccls  (streaming  potential,  which  is  the  converse 
of  clcclroosmosis,  and  sedimentation  potential,  the  converse  of  ele- 
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clrophoresis)  wore  discovered  by  Quincke  (1859)  and  Dorn  (1878)  ». 

The  elcctrokinetic  effects,  especially  elect roosmosis  and  electro¬ 
phoresis  *>,  find  use  in  many  processes,  for  example,  in  dehydration 
and  purification  of  various  materials;  deposition  of  rubber,  leather 
and  other  coalings  onto  nonconducting  materials;  impregnation  of 
textiles  with  fire-resistant  compounds;  determination  and  separation 
of  enzymes,  proteins,  viruses,  and  other  complex  systems. 

The  occurrence  of  clcctrokinclic  phenomena  is  an  indication  that 
there  is  an  electrical  double  layer  at  the  boundary  between  a  solid 
and  a  liquid,  both  these  phases  being  electrically  charged.  The  move¬ 
ment  of  suspended  solid  particles  inside  the  liquid  under  the  influen¬ 
ce  of  an  applied  electric  field  (electrophoresis)  is  only  possible  when 
the  solid  particles  distributed  in  the  liquid  are  electrically  charged. 
Similarly,  the  cleclroosmolic  movement  of  the  liquid  would  be 
impossible  if  it  had  no  charge,  which  is  affected  by  an  electric  field. 
No  potential  difference  would  arise  between  points  at  different  heights 
in  a  tube  where  sedimentation  of  the  solid  particles  suspended  in  the 
liquid  occurs  if  the  precipitating  particles  had  no  electrical  charge. 
And.  finally,  one  cannot  account  for  the  appearance  of  a  streaming 
potential  without  assuming  that  the  liquid  possesses  ,i  certain  charge. 

A  study  of  the  relation  existing  between  the  direct  ion  and  velocity 
of  electrophoresis  or  eleclroosmosis.  on  the  one  hand,  and  the  dire¬ 
ction  and  strength  of  the  applied  electric  field,  on  the  oi  Iter,  can  yield 
information  on  the  sign  and  magnitude  of  the  charge  of  the  solid 
|>articlcs  with  respect  to  the  liquid  and  on  the  corresmmding  poten¬ 
tial  difference. 

The  approximate  theory  of  cleclrokinctic  phenomena  provides 
the  following  equations  for  the  cleclroosmolic  velocity  U  and  the 
streaming  (or  sedimentation)  potential  E: 

ind  !'  =  l WTT*  ('0.D 

<“>’> 

£-^alr£  (i°2») 

where  D  =  dielectric  constant  of  the  liquid  phase 

Aiji/Ai  =  electric  field  strength  in  the  direction  parallel  to  the 
interface  between  the  liquid  and  solid  phases 
y  —  viscosity  of  the  liquid  phase 
*o  =  conductivity  of  the  liquid  phase 


11  The  phenomenon  of  sedimentation  potential  is  also  known  as  the  Dorn 
effect.— Tr. 

11  These  two  phenomena  aro  also  called  electroendoimosls  and  cataphoresis, 
respectively.— 7>. 
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p  —  pressure  causing  the  relative  movement  of  the  phases 
along  the  interface 

J2  =  cross-section  of  the  suspended  particle  (or  pore). 
In  the  cose  of  electrophoresis 

where  g  =  acceleration  due  to  gravity 

M  =  mass  of  the  suspended  particles  passing  through 
a  unit  cross-sectional  area  (1  cm1)  of  the  microhele- 
rogeneous  system 

</L  and  els  =  densities  of  the  liquid  and  suspended  solid  particles, 

respectively.  . 

The  quantity  £  in  Eqs.  (10.1)  and  (10.2)  is  called  Ik aeUctrokinetie 
or  zeta  potential;  it  can  be  found  with  the  aid  of  bqs.  (10.1)  and  (10.2) 
if  the  quantity  U  or  E  is  known.  It  is  however  necessary  to  remember 
that  these  equations  arc  approximate,  and  hence  the  value  of  t,  can 
be  estimated  only  roughly.  Direct  measurements  yield  ugy 
rather  than  t.  and  the  calculated  value  of  £  depends  on  the  numeri¬ 
cal  values  of  D  and  y.  The  values  of  the  dielectric  constant  and  visco¬ 
sity  of  the  liquid  phase  which  arc  substituted  into  Eqs.  (10.1)  and 
(lti.2)  may  be  different  from  those  observed  in  the  immediate  vici- 
nii  v  ,.f  the  interface.  The  £  potentials  calculated  from  these  equations 
may  therefore  differ  markedly  from  their  true  values.  Besides,  the 
field  strength  and  conductivity  of  the  liquid  near  the  interface  lip., 
the  quantities  that  would  be  used  in  calculating  the  zeta  potential 
from  Eqs.  (10.1)  and  (10.2)1  and  in  the  bulk  of  the  liquid  phase  do  not 
coincide  in  a  general  case.  This  difference  is  due  to  the  fact  that  the 
ionic  composition  at  the  phase  boundary  is  usually  different  from 
the  average  ionic  composition  of  the  whole  liquid  phase.  This  is 
reflected  in  the  appearance  of  so-called  surface  conductance  x  • 
Bikerman  pointed  out  that  the  appearance  of  surface  conductance  is 
responsible  for  the  fact  that  the  field  strength  near  the  interface, 
(_\if  -\x) is-  is  usually  lower  than  the  average  macroscopic  held 
strength,  the  quantity  (At|i/&r)i,s  being  given  by 


(&L- 


(10/.) 


where  l  is  the  perimeter  of  the  pore  or  particle. 

It  was  formerly  thought  that  the  zeta  potential  of  colloid  chemistry 
is  equivalent  to  the  electrode  potential  (or  the  e  potential)  of  ele¬ 
ctrochemistry.  more  exactly,  to  that  part  of  the  electrode  potential 
which  represents  the  potential  difference  at  the  electrode-electrolyte 
interface.  This  thinking  was  based  on  the  nature  of  clcclrokinetic 
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phenomena.  Indeed,  if  llie  li«| ui<l-solid  interface  is  also  u  surface  0/ 
shear  (or  slipping  plane)  during  the  movement  of  the  phases  relative 
to  each  other,  the  zela  potential  must  bo  equal  to  the  e  potential  or. 
more  precisely,  to  the  potential  difference  glM.  If  this  assumption 
were  valid  and  in  agreement  with  experiment,  it  would  he  possible 
to  measure  the  electrode-electrolyte  potential  difference  experimen¬ 
tally  and  to  determine  the  absolute  electrode  potential.  It  is  however 
impossible  to  check  the  validity  of  this  assumption  by  direct  compa¬ 
rison  of  the  independently  found  values  of  the  £  and  g,  M  potentials 
since  the  Galvnni  potential  gLM  is  experimentally  inaccessible.  But 
it  is  possible  to  check  it  indirectly  by  comparing 'the  dependences  of 
the j.  and  e  potentials  on  the  solution  composition. 

Since  g,.M  is  the  only  constituent  part  of  the  electrode  potential 
that  depends  on  the  electrolyte  concentration,  it  follows  that  with 
the  equality  £  =  gLM  being  satisfied  the  variation  of  the  £  and  r 
potentials  with  concentration  must  be  the  same  and  obey  the  same 
law.  Such  a  comparison  can  be  made,  for  example,  as  follows.  First, 
an  insoluble  solid  is  ground  and  the  electrophoretic  velocity  of  the 
resulting  particles  in  a  solution  of  variable  electrolyte  concentration 
is  measured.  This  being  done,  the  zela  potential  is  determined  as  a 
function  of  the  concentration.  Then  the  same  solid  is  used  as  an  ele¬ 
ctrode  in  the  same  solutions  and  its  e  potential  is  measured  on  the 
hydrogen  scale.  Such  experiments  have  been  carried  out  by  many 
investigators  and  all  the  results  obtained  show  ilia',  lie  zeta  poten¬ 
tial  cannot  be  identified  with  the  electrode  potential.  For  example. 
Frcundlich  (1925)  conducted  experiments  with  glass,  using  it  first 
as  an  electrode  for  determining  the  e  potential  and  then  as  thin  capil¬ 
laries  for  causing  clcclroosmosis  and  calculating  the  zeta  potential, 
rite  dependences  of  the  e  and  £  potentials  on  the  concentration  of  po¬ 
tassium  chloride  and  thorium  nitrate  obtained  bv  Frcundlich  arc 
presented  in  Fig.  10.1.  It  can  be  seen  from  the  figure  that  e  and  £ 
vary  with  concentration  according  to  different  laws.  The  zeta  poten¬ 
tial  is  found  to  vary  with  concentration  not  monolonically  but. 
in  contrast  to  e,  passes  through  a  minimum  or  maximum.  Tile  zeta 
potential  is  usually  smaller  in  absolute  value  than  e  and  tends  to  zero 
with  increasing  concentration.  Whereas  the  sign  of  e  remains  unchan¬ 
ged  over  a  wide  range  of  concentrations,  the  sign  of  £  may  be  rever¬ 
sed.  and  the  sooner,  the  higher  the  valency  of  the  ions  ami  the  stron¬ 
ger  their  ability  for  selective  adsorption.  As  a  result  of  the  reversal 
of  the  sign  of  £  (so-called  “recharging"  of  the  surface)  it  may  be  cither 
similar  or  opposite  to  the  sign  of  the  electrode  potential  for  the  same 
interface.  Hence,  the  zela  potential  differs  in  its  nature  from  the 
electrode  potential.  On  the  basis  of  the  properties  or  the  zela  poten¬ 
tial  one  can  conclude  that  it  is  a  fraction  of  that  part  of  the  total 
potential  difference  which  is  completely  within  the  liquid  phase. 
:aiisc  the  zela  potential,  unlike  e.  lies  in  one  and  the  same 
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phase  that  the  experimental  determination  of  its  absolute  value  is 
possible.  The  potential  drop  corresponding  to  £  must  be  confined  to 
the  interface  between  the  liquid  layer  immediately  adjacent  to  the 

e.K,  mV 


solid  surface  (and  bound  with  it  during  the  relative  motion  of  the 
liquid  and  solid  phases)  and  deeper  liquid  layers  away  from  the 
interface. 

In  Ibis  connection,  at  given  compositions  of  the  solution  and  solid 
phase  the  value  of  £  must  be  a  function  of  the  topography  of  (lie 
interface.  The  surface  of  a  solid  is  never  ideally  smooth,  there  are 
always  hills  and  valleys.  The  height  of  hills  varies  within  wide  limits 
depending  on  the  nature  of  the  solid  surface.  This  height  usually 
ranges  from  100  A  for  exceptionally  well-polished,  to  20.000  A  for 
visibly  rough  surfaces.  In  valleys,  there  appear  stagnant  zones  where 
the  laminar  flow  of  the  liquid  is  obstructed  and  part  of  its  charges 
(which  is  the  larger,  the  deeper  the  valley)  is  immobilized,  and  the 
zcla  potential  is  depressed  accordingly. 

The  fact  that,  in  addition  to  the  total  potential  difference,  there 
also  exists  a  zeta  potential  between  a  solid  and  a  solution  should  be 
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Double  Layer  at  Interlace 


taken  into  account  in  working  out  the  theory  of  Ihc  electrical  double 
layer.  This  theory  must  explain  not  only  the  occurrence  of  the  de- 
ctrokinetic  potential  but  also  the  mode  of  its  variation  with  the 
solution  composition  and,  in  particular,  the  recharging  of  the  sur¬ 
face 


10.2.  ELECTROCAPILLARY  PHENOMENA 


10.2.1.  GENERAL  DESCRIPTION 


When  two  phases  arc  brought  into  contact,  a  boundary  layer  (or 
interphasc  region)  is  formed.  It  has  an  excess  of  free  energy  compared 
with  each  of  the  two  contiguous  phases.  The  excess  energy  referred 
to  a  unit  surface  area  of  the  interface,  i.c.,  Ihc  specific  free  energy, 
is  called  the  surface  tension  a  (or  the  interfacial  tension  »);  ii  has  the 
dimensions  of  erg  cm'1  or  dyne -cm'1.  The  surface  tension  is  often 
treated  as  a  quantity  characterizing  the  excess  of  Ihc  forces  of  mutual 
attraction  over  the  repulsive  forces.  The  excess  surface  energy  depends 
on  the  potential  difference  between  two  phases.  Electrocapillary 
phenomena  reflect  the  relation  between  the  surface  tension  and  the 
interfacial  potential  difference.  This  relation  is  graphically  expres¬ 
sed  in  the  form  of  clcctrocapillary  curves.  Elecirocapillary  effects 
were  first  studied  at  the  interface  between  mercury  and  aqueous  ele¬ 
ctrolytic  solutions  by  Lippmann  (1875),  who  used  a  capillary  ele¬ 
ctrometer  of  his  own  design  for  this  purpose,  llis  studies  were  con¬ 
tinued  by  Gouy  (1910)  and  Frumkin  (1919)  and  aiso  by  a  number  of 
other  investigators  (including  Butler,  Kruger.  C-ralianic,  Parsons). 

In  clcctrocapillary  measurements  using  a  capillary  electrometer, 
a  definite  potential  is  applied  to  a  mercury  micrneieclrodc  in  the 
capillary  (in  contact  with  the  solution)  and  Ihc  height  of  the  mercury 
column  required  to  keep  the  meniscus  in  the  capillary  at  the  reference 
mark  is  measured.  The  potential  across  the  mercury-solution  inter¬ 
face  in  the  capillary  is  provided  by  imposing  a  specified  emf  (for 
example,  through  a  potentiometer)  on  an  electrochemical  system 
in  which  one  electrode  is  a  capillary  electrode  and  the  other,  the 
corresponding  reference  electrode  of  known  potential.  Since  the  refe¬ 
rence  electrode  is  nonpolarizable,  its  potential  remains  unchanged, 
while  the  ideally  polarizable  capillary  mercury  electrode  acquires 
a  potential  corresponding  to  the  externally  applied  emf  As  follows 


*■  The  two  terms  sur/ace  tension  and  tnler/aclal  tension  arc  used  interchange¬ 
ably  here,  though,  strictly  speaking,  it  is  inlcrphasi.il  (determined  bv  both 
phases)  rather  than  surface  tension.—  7>. 

-  i  j  n0l*P9*ar'?a**le  electrode  is  an  electrode  for  which  the  exchange  of  poten¬ 
tial-determining  ions  between  the  metal  and  solution  proceeds  unhindered 
(this  is  observed  at  high  exchange-current  densities).  The  potential  of  such  an 
electrode  remains  practically  unchanged  under  the  effect  of  an  external  current 
as  long  as  the  applied  current  is  small  compared  with  the  exchange  current.  The 
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from  llic  theory  of  capillarity,  the  height  of  the  mercury  column  nl 
vc  the  mercury  meniscus  in  the  capillary  is  a  measure  of  surface  I > 
sion  at  the  mercury-solution  interface.  The  relation  between  tin 
two  quantities  may  be  written  in  the  following  form 


2nro  —  xhi*gd 

(10.5) 

whence 

o  =  -^rgd 

(10.0) 

where  r  =  capillary  radi 

us 

g  =  acceleration  ell 

re  lo  gravity 

d  =  density  of  mercury. 

By  measuring  the  height  h  at  different  values  of  the  potential  and 
calculating  the  corresponding  values  of  o  from  Eq.  (10.6)  one  can 
plot  an  eloclrocapillary  curve.  The  shape  of  clectrocapillary  curves 
for  a  number  of  dilute  solutions  (e.g.  HzSO«,  KOH,  KN03,  Na»SOt) 
is  almost  independent  of  the  nature  of  the  electrolyte  and  is  almost 
a  parabola.  The  maximum  on  the  curve  is  observed  at  approximately 
the  same  value  of  potential  within  the  range  from  —0.19  to  —0.21' 
on  the  hvdrogcn  scale.  The  intcrfacial  tension  at  the  maximum  also 
changes  little  in  going  from  one  of  the  indicated  solutions  to  another 
ami  "amounts  to  420-430  ergs -cm"*.  I'or  example,  according  to 
Goiiy.  at  18°  C  in  a  0.01  N  Na*S04  solution  and  in  pure  water  o  = 
=  4:!d.7  dynes  cm-'.  Electrocapillary  curves  traced  for  solutions  of 
otlu  i  electrolytes  and  also  in  the  presence  of  most  of  the  organic  unio¬ 
nized  substances  are  radically  different  in  shape  from  a  parabola. 
They  arc  less  symmetrical  and  their  maxima  arc  situated  at  other 

Along  with  clectrocapillary  curves  for  electrolytes  of  Ihc^KNOj 
type.  Eig.  10.2  shows  curves  for  those  cases  when  Br‘,  1',  S-‘.  H* 
or  N|(’jfl,)J  ions,  or  molecules  of  amyl  alcohol  are  present  in  the 
solution.  The  presence  of  bromide,  iodide  or  sulphur  ii 


(erm)  towards  n 


Eh,.  „,i  ,  „lc  from  the  equilibrium  potential  of  the  mercury  elect  mile, 
ami  therefore  the  anodic  process  of  ^Efrvis'nm 

traced  for  solutions  practically  devoid  of  men 
the  cathodic  process  of  transfer  of  mercury  ioi 
is  also  impossible. 
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potential  and  (especially  in  the  region  of  potentials  situated  on  the 
left  of  the  maximum)  lowers  the  surface  tension.  At  sufficiently 
negative  potentials  the  effect  of  these  anions  disappears  and  tlicele- 
clrocapillary  curves  merge  together.  The  presence  of  thallium  or 
Ictrabutylnmmonium  ions  displaces  the  clcctrocapillary  maximum 
to. the  side  of  more  positive  values  and  reduces  the  surface  tension, 
this  reduction  being  especially  pronounced  at  potentials  more  nega¬ 
tive  than  the  potential  of  the  clcctrocapillary  maximum.  The  effect 
of  these  cations  disappears  as  soon  as  sufficiently  positive  potentials 


arc  attained.  The  presence  of  amyl  alcohol  causes  a  change  in  the 
shape  of  the  eleclrocapillary  curve  mainly  in  the  region  of  potentials 
adjacent  to  the  ecm  potential.  With  increasing  distance  on  either  side 
of  the  potential  of  the  eleclrocapillary  maximum  the  effect  of  addition 
of  amy  alcohol  diminishes  and  the  curve  traced  in  the  presence  of 
amyl  a  cohol  coincides  with  the  curve  for  a  pure  solution.  Ionic  or 
molecular  compounds  exerting  such  an  effect  are  called  specifically 
adsorbed  or  captUary-aclioc  ions  or  molecules  ». 

I  lie  eleclrocapillary  properties  of  the  mercury-solution  interface 
may  lie  explained  by  assuming  Hint  at  a  potential  e,  and  in  the  nbsen- 
ce  of  an  external  emf  mercury  is  positively  charged  with  respect  to 
the  solution  (hg.  10.3a).  The  excess  positive  charge  of  mercury  is 
coWii  *  ?'  wilh  ,lu‘  ,,,crcnry  i»ns  residing  at  ils  surfa¬ 

ce  (on  the  metal  side).  The  system  as  a  whole  as  well  as  ils  interphase 
muM  obey  the  law  of  electroneutrality.  There  will  therefore  be  an 
excess  of  negative  ions  on  the  solution  side  at  the  interface,  which 
w  I!  compensate  for  the  positive  mercury  ions  on  the  metal.  The  pres- 
cncc  of  like-charged  (positive)  mercury  ions  on  the  metal  surface 

,lo.l“  '.adicatc  that  at  tho)  mercury-solution  interface  all  anions. 
rn“§0  -  an,^mtxr'  nrC  «Pi«~y:aclive.  The  capillary  acUvity  of  N03 
cases  *  'ln<  SOmff  0l  Pr  nn,ons  howover  is  very  low  and  may  be  ignored  in  most 


Ch.  10.  Eltelroklnellc  and  Eleclrocapillari/  Phenomtna  251 

inevitably  gives  rise  to  repulsive  forces,  and  the  surface  tension  nt 
the  mercury-solution  interface  cannot  be  high;  in  Fig.  10.3  it  is  de¬ 
noted  by  Oi- 

When  an  external  cmf  is  applied,  the  potential  of  the  mercury  is 
shifted  (os  a  result  of  its  cathodic  polarization)  to  the  side  of  more 
negative  values,  say,  to  the  value  e*  (Fig.  10.3b).  Part  of  the  mercury 
ions  is  neutralized  by  electrons  and  the  charge  on  the  mercury  dimi¬ 
nishes  accordingly,  but  it  still  remains  positive.  The  repulsive  for¬ 
ces  between  the  surface  mercury  ions  will  become  smaller  and  hence 


the  inlerfaciai  tension  will  increase,  say.  to  the  value  O;.  Ihe  number 
of  negative  ions  attracted  to  the  mercury  surface  from  the  solution 
side  will  simultaneously  be  reduced.  At  a  definite  value  of  the  poten¬ 
tial  e  =  e,=o  the  positive  charges  of  all  Ihe  mercury  ions  will  be 
compensated  for  by  electrons  and  the  charge  on  the  mercury  sur¬ 
face  will  become  equal  to  zero:  at  the  same  lime  (if  there  are  no  ca¬ 
pillary-active  particles  in  the  solution)  the  charge  of  the  solution  will 
also  become  zero  (Fig.  10.3c).  The  repulsive  forces  associated  with 
the  presence  of  like-charged  particles  on  the  mercury  surface  will 
disappear  as  soon  as  these  particles  are  neutralized,  and  Ihe  inter- 
facial  tension  will  assume  a  certain  value  om.  L'pon  further  shift 
of  Ihe  mercury  potential  to  Ihe  negative  side  (to  the  value  esl  an 
excess  of  electrons  will  appear  on  the  mercury  surface:  they  will  att¬ 
ract  positively  charged  ions  from  Ihe  solution  side.  Repulsive  forces 
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will  again  appear  between  like-charged  (this  time,  negative)  particles, 
and  the  interfacial  tension  will  fall  down  to  a  certain  value  (a,). 
With  increasing  negative  value  of  potential  the  excess  negative  char¬ 
ge  of  the  mercury  increases  and  the  interfacial  tension  diminishes. 
The  ascending  branch  of  the  clectrocapillary  curve  thus  pertains  to 
the  positively  charged  mercury  surface.  Tho'magnitude  of  the  positi¬ 
ve  charge  gradually  decreases  as  the  potential  shifts  to  the  negative 
side,  while  the  interfacial  tension  increases  accordingly.  At  the 
maximum  of  the  clectrocapillary  curve  the  charge  on  the  mercury 
surface  is  zero,  whereas  the  interfacial  tension  attains  the  highest 
value.  The  descending  branch  of  the  curve  corresponds  to  the  nega¬ 
tively  charged  mercury  surface.  With  increasing  distance  from  the  ocm 
the  absolute  magnitude  of  the  charge  increases  and  the  interfacial 
tension  is  lowered.  Thus,  the  concept  of  the  variation  of  the  charge 
on  the  mercury  with  the  potential  of  the  mercury  electrode  permits 
a  qualitative  explanation  of  the  course  of  the  clectrocapillary  curve 
for  solutions  containing  no  capillary-active  particles. 

If  one  starts  from  the  assumption  that  the  adsorption  of  ions  on 
mercury  depends  exclusively  on  electrostatic  forces,  all  the  anions 
should  be  expected  to  affect  only  the  ascending  (positive)  branch 
where  the  mercury  surface  is  charged  positively.  Conversely.  Hie 
cdccl  of  cations  should  be  confined  to  the  descending  (negative) 
branch,  where  they  are  electrostatically  attracted  to  the  negatively 
charged  mercury  surface.  In  fact,  os  was  observed  by  Couy,  many 
anions  change  the  path  of  the  clectrocapillary  curve  i.n  the' right  of 
the  maximum  and  some  cations  affect  not  only  tin-  ascending  but 
also  the  ascending  branch.  This  behaviour  of  ions  cannot  be  ascribed 
to  the  action  of  coulonibic  forces  alone.  It  is  associated  with  inter¬ 
action  forces  other  than  simple  electrostatic  forces.  Such  forces,  which 
arc  specific  to  particles  of  a  given  species,  may  lie.  for  example,  van 
dcr  Waals  forces  or  chemical  (valence)  forces.  Because  of  these 
forces  ions  are  capable  of  slicking  on  the  like-charged  mercury  sur¬ 
face  and  nlfecting  the  clectrocapillary  properties  of  the  nietal-soln- 
li°n  interface.  Similarly  the  influence  of  unionized  organic  substan¬ 
ces  on  the  course  of  clectrocapillary  curves  cannot  be  explained  on  the 
basis  of  electrostatic  concepts  alone.  The  point  is  that  most  organic 
substances  possess  a  lower  dielectric  constant  than  water  and  should 
therefore  be  expelled  by  it  from  the  double  layer  even  at  small  char¬ 
ges.  just  as  a  dielectric  material  with  a  lower  dielectric  constant 
is  expelled  from  a  charged  capacitor  by  a  dielectric  with  a  higher 
constant.  In  this  case  the  effect  of  organic  substances  would  be  expe¬ 
cted  to  manifest  itself  only  within  a  narrow  region  of  potentials 
adjacent  to  the  oleclrocapillary  maximum.  Actually,  a  change  in  the 
shape  of  the  clectrocapillary  curve  due  to  organic  substances  is  obser- 
vod  even  at  potentials  distant  0.5-0.S  V  from  the  ocm  potential  on 
either  side.  i.e..  some  specific  forces  must  lie  operating  here.  The 
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term  “specifically  adsorbed  particles"  introduced  earlier  thus  implies 
that  the  behaviour  of  such  particles  al  I  he  mercury-solution  inter¬ 
face  cannot  be  attributed  only  to  forces  of  electrostatic  origin. 


10.2.2.  THE  FOUNDATIONS  OF  THE  THEORY 
OF  F.LECTHOCAPlJ.r.AHY  PHENOMENA 


An  equation  which  describes  well  the  shape  of  elect 
curves  and  establishes  the  relation  between  interfaeial  tens 
lial  and  charge  al  the  mercury-solution  interface  was 
Lippmnnn: 


Irocapillary 
derived  by 
(10.7) 


This  equation,  known  as  Lippmann's  first  equation,  defines  the  slope 
al  each  point  of  the  clcclrocapillary  curve,  taken  with  opposite  sign, 
as  a  quantity  equal  to  the  specific  charge  17  he  on  the  mercury  surface 
al  a  given  value  of  potential  e  In  accord  with  the  qualitative  pic¬ 
ture  of  elcctrocapillary  phenomena,  it  follows  from  Eq.  (10.7)  that 
on  th>'  ascending  branch  of  the  curve  gns  >  0  (rfe  is  always  smaller 
than  tl;  on  the  ascending  branch  do  >  0.  whence  do/de  <  0  or 
—dr,: tit  >  0).  al  the  maximum  <jue  =  0  (since  do/de  =  0).  and  on 
the  descending  branch  7hb  <  0  (— do/de  <  0).  Using  Lippmann's 
first  equation,  one  can  calculate  the  charge  at  any  value  of  potential 
from  experimental  elcctrocapillary  curves  and  construct  graphs  of  the 
charge  on  the  mercury  surface  versus  potential.  Since  the  charge  is 
•directly  measurable,  it  is  possible  to  check  the  validity  of  the  Lipp¬ 
mnnn  equation.  To  do  this,  one  has  to  compare  calculated  and  obser¬ 
ved  values  of  the  charge.  This  checking  was  done  by  Friimkin.  The 
results  obtained  by  him  show  that  the  Lippmann  equation  is  quanti¬ 
tatively  applicable  to  oloctrocnpillnry  curves. 

Since  Eq.  (10.7)  yields  the  magnitude  of  the  charge  irrespective  of 
its  origin,  it  can  be  applied  to  elcctrocapillary  curves  obtained  for 
any  solutions,  including  those  containing  capillary-active  substan¬ 
ces.  At  one  and  the  same  potential,  say.  at  et  (in  Fig.  10.2<i  it  is  rep¬ 
resented  by  a  vertical  line),  both  the  magnitude  and  the  sign  of  the 
charge  may  be  different,  depending  on  the  nature  of  the  particles 
■in  solution.  It  is  negative  in  a  KNO,  solution,  equal  to  zero  in  a  so¬ 
lution  of  KBr.  and  positive  in  K1  and  K«S  solutions.  Thus,  analysis 
•of  elcctrocapillary  curves  as  well  as  the  data  obtained  from  studies 
of  clectrokinctic  phenomena  points  to  the  possibility  of  recharging 


>  According  to  the  law  ot  clcctroneulralily  the  chan  0  on  liie  me 
t  be  cquol  in  magnitude  hut  opposite  in  sign  to  the  charge  of  lli 
he  interface,  i.  c..  <[m  —  —  ji.  Hence,  Eq.  (10.7)  permits  also  deli 
he  magnitude  of  the  charge  for  that  part  of  the  double  layer  whic 
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of  n  metnl  .surface  in  llic  presence  of  capillary-nclivc  substances  with 
the  total  potential  difference  across  the  metal-solution  interface  rema¬ 
ining  unaltered. 

It  is  known  that  the  derivative  of  the  charge  with  respect  to  the 
potential  is  the  differential  capacity  C*.  i.e..  a  quantity  characteri¬ 
zing  the  variation  of  charge  with  potential: 


ir-c< 


(10.8) 


The  value  of  the  differential  capacity  can  also  be  found  with  the 
aid  of  elect rocapillarv  curves.  Indeed,  from  Eqs.  (10.7)  and  (10.8)  it 


This  expression  is  known  as  Lippmann's  second  equation. 

Equation  (10.8)  may  be  represented  in  the  form: 

dq  =  C„  de  (10.10) 

Since  at  the  clcctrocapillary  maximum  q  =  0  and  e  =  etcm» 
it  follows  that  after  integration  of  Eq.  (10.10) 

|  dq=  j  Cddt  (10.11) 

q  =  C(t  -  e«M)  (10.12) 


e  obtains 


C  =  - 


(10.13) 


where  C  is  the  integral  capacity  at  the  potential  e.  Figure  10.4 
shows  an  electrocapillary  curve  and  the  corresponding  metal  charge- 
potential  and  differential  capacil v-potential  curves  calculated  from 
Eqs.  (10.7)  and  (10.0).  The  curves  in  Fig.  10.4  arc  typical  of  solutions 
of  capillary-inactive  electrolytes.  In  this  case,  in  the  range  of  poten¬ 
tials  corresponding  to  the  ascending  branch  of  the  curve,  the  capacity 
changes  comparatively  little  after  the  first  abrupt  fall  and  varies 
from  20  to  40  pF/cnt*.  On  approaching  t lie  elcctrocapillarv  maximum 
the  capacity  decreases,  passes  through  a  minimum  (which  is  the 
more  pronounced,  the  lower  the  concentration  of  the  electrolyte) 
and  then,  after  a  certain  rise,  remains  almost  constant  (about 
20  pF/cin3)  over  a  wide  range  of  potentials  on  the  descending  branch  of 
the  curve.  The  addition  of  capillary-active  substances  affects  not  only 
the  clcctrocapillary  curve  but  also  the  curves  showing  the  variation 
of  charge  and  capacity  with  potential.  For  instance,  in  the  presence 
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of  organic  substance*  llic  differential  capacity-potential  curve  has  an 
indistinct  minimum  lying  at  lower  values  of  rapacity  than  in  the 
case  of  solutions  of  capillary-inactive  electrolytes.  A  sharply  defined 
maximum  is  observed  on  capacity-potential  curves  at  a  potential  at 


which  the  elcclrocapillary  curves  obtained  with  and  without  an 
organic  substance  merge  into  a  single  curve  (the  desorption  potential). 

The  inlrrfncinl  tension  is  a  function  of  the  solution  composition. 
This  functional  dependence  was  expressed  mathematically  by  Gibbs 
on  the  basis  of  the  lormodynamics  of  the  surface  layer  formed  at  the 
phase  boundary  and.  as  mentioned  before,  is  often  called  the  inter- 
phase  region  or  simply  inlerphasc.  The  Gibbs  free  energy,  for  an 
inlcrphasc  is  given  by 

dG  =  VdP  —  SdT  -  2  A',  du, 
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•where  V  =  volume 

S  =  entropy  of  the  inlcrphase 
AT,  =  number  of  particles  of  a  species  i  in  the  inlcrphasc. 
If  the  surface  area  of  the  interface  is  Q(nl,  then  the  free  energy 
referred  to  a  unit  surface  area  will  be  equal  to 


Ulnl 


■  dT  — 


'-tin  I 


da  =  dP  -  Sln,  dT  - 


ZN,  dp, 
21’,  dp. 


•where  li„t  =  thickness  of  the  inlcrphasc 

Sint  =*  entropy  referred  to  a  unit  surface  area  uf  the  interface 
T,  =  surface  concentration  of  the  ,th  component. 

If  the  inlcrphasc  is  in  a  volume-mechanical  and  thermal  equilibri¬ 
um.  then  dP  =  0  and  dT  =  0.  and  Eq.  (10.14)  simplifies  to 


da 


-2T,  dp, 


(10.15) 


which  corresponds  to  the  Gibbs  adsorption  formula. 

Summation  in  Eq.  (10.15)  must  be  carried  out  over  all  the  compo¬ 
nents  (both  ionic  and  molecular)  forming  the  iulerphasc  region  on 
both  sides  of  the  phase  boundary  ".  Since  a  number  of  limitations  arc 
imposed  on  the  system  (tile  law  of  elcctroneulralily.  equilibrium 
between  dissociated  and  initial  molecules,  etc.),  iln-  .ir.tual  number 
of  variables  will  be  less  than  the  total  number  of  components.  The 
conditions  for  the  application  of  Eq.  (10.15)  to  o!«-e* cocapillary  phe¬ 
nomena  were  worked  out  in  detail  by  Grahamc  (I'.G 2)  and  Parsons 
(1953). 

The  Lippmnnn  equation  can  be  derived  from  the  Gibbs  adsorption 
formula  and  the  N crust  formula  for  electrode  potential  by  making 
certain  assumptions.  If  tile  charge  on  mercury  is  assumed  to  be  de¬ 
termined  by  the  surface  concentration  of  mercury  ions  l'nR.  *>  and  the 
term  corresponding  to  these  ions  is  extracted  from  the  sum  on  the 
•right-hand  side  of  Eq.  (10.15),  then 

da  =  -  r„f.  d|i„a.  -  2T,  du,  (10. 1C) 

Taking  into  account  that 

1'h*»  F  =  q 

Eq.  (10.16)  may  be  rewritten  in  the  form 

da=— i-dMlIle— 2r,dp,  (10.17) 

"  For  charged  particles  the  electrochemical  potential  |iK,,  should  be  used 
instead  of  the  chemical  potential  u. 

*’  The  surface  charge  is  determined  by  the  difference  in  the  surface  concen¬ 
trations  of  moicury  ions  and  electrons,  i.c..  by  the  quantity  (I'm--  —  Pc)  an<l 
therefore  r ,jc.  is  here  the  surface  excess  of  mercury  ions. 


nd  Elf 


257 


Mile-  =  Mils*  RT  ,n  “He- 
mid  I  lie  potential  of  (lie  mercury  electrode 
IIT  , 

t •ik-MIb  e'u-  IK  -!-  —  In  oik. 

die  following  reliition  must  be  satisfied: 

rfpHe*  =  F  ^HriMI*  (10.18) 

Substituting  the  value  of  rfpHg*  from  Eq.  (10.18)  into  Eq.  (10.17) 
gives 

da  =  -qdt-  £I’(  d\\,  (10.19) 

if  the  solution  remains  constant,  then  hv  the 


ing  cell 

M'/Ag,  AgCl'KCI,  HsOTIg/.\l  (10.21) 

The  quantity  da  in  Eq.  (10.15)  will  be  determined  by  all  the  compo¬ 
nents  (both  charged  and  neutral)  responsible  for  the  attainment  of 
an  equilibrium  between  mercury  and  solution,  i.c.. 

—  da  —  IW  aie>  +  r^fp«A(Hg)  +  rK+dp«i><L>-{- 

+  rc,-dp««,(L)  +  1’h;o  dli"*0  (10.22) 

The  charge  on  the  mercury  surface  with  respect  to  I  he  solution  is  given 
by  the  equation 

q  =  F  (r„g.  -  r..)  (10.23) 

It  is  equal  in  magnitude  and  opposite  in  sign  to  the  charge  of  the 
solution  with  respect  to  mercury 

-q  =  F  (rK+  -  rc,-)  (10.24) 

The  equilibrium  inside  the  mercury  is  given  by  the  equation 

pile  =  u«MHs)  +  PrtA  (HE)  (10.25) 

and  that  between  the  mercury  and  conductor  M.  by  the  equation 
pJrt  (lig)  =  P*«a  <M)  (10.26) 
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Inside  Ihe  solution  there  exists  an  equilibrium  between  KC1  and  the 
K*  and  Cl"  ions: 

KC1  =  K*  +  Gl¬ 
and 

!‘lC1  =  <l>  +  P?<*  ,L,  ( 10.27) 

Besides,  the  Cl"  ions  are  in  equilibrium  with  AgCl 
Ag  -r  Cl*  =  AgCl  +  e^g 
and 

»A*  T  F«ell<L)  =  !‘ascI  T  (l'rA<A() 


d)iLl_  =  djiAg  =  dpsr 


(10.28) 
a  contact  with 
e  gels 


Combining  Eq.  (10.22)  with  Eqs.  (10.23)  through  (10.28).  < 

-da  =  -jr  dp^m  — j-dK'HV)  +  rHc+  dp}}*  -r 

H-rK.d(iKa-i.  rHl0dpHrf>  (10.29) 


Since  the  right-hand  electrode  is  pure  mercury,  ujju  must  be  a  con¬ 
stant  quantity,  i.c.,  dp*}  =  0,  and  hence 


W  duU;  =  0  (10.30) 

Further,  the  diltcrcncc  between  the  differentials  of  the  electrochemi¬ 
cal  potentials  of  the  electrons  in  two  phases  M  and  M'  having  the 
same  chemical  composition  can  be  represented,  using  Eq.  (9.20), 
in  the  following  form 


dp«*  ,m)  -  dpfrt (M  )  =  Fd  (gM-  -  gk)  =  F  dr.  (10.31) 
where  the  minus  subscript  for  e  signifies  that  the  reference  electrode 
is  reversible  with  respect  to  the  electrolyte  anions  (in  our  ease  to 
chloride  ions). 

Taking  account  of  Eqs.  (10.30)  and  (10.31).  one  ran  write,  in 
place  of  Eq.  (10.29), 


—do  =  q  de_  +  rK-  dp £CI  -f  rH.o  dp! 1:0  (10.32) 

According  to  the  Gibbs-Duhem  equation 

*kci  dpicci  +  zii,0  dp  mo  =  0 
where  z  is  the  corresponding  mole  fraction.  Consequently, 
-do-qdt.- f  (rK— -jjp- Imo)  dp«c' 


(10.33) 
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The  expression  in  parentheses  yields  the  surface  excess  of  potassium 
ions  relative  to  water;  denoting  it  by  Tx-aijO),  or  simply  ’>  by  1'k-. 
we  have 

—  do  =  q  dt _  +  1'k-  dp*a  (10.34) 

If  in  the  cell  (10.21)  the  silver-silver  chloride  electrode  is  replaced 
with  an  amalgam  electrode  reversible  with  respect  to  potassium  ions, 
one  con.  by  reasoning  as  before,  obtain  the  following  equation, 
in  place  of  Eq.  (10.34). 

-do  =  qdt+- i-  rcHH»Sa  (10.35) 

where  the  plus  sign  for  e  indicates  the  reversibility  of  the  reference 
electrode  with  respect  to  cations.  Generalising  Eqs.  (10.34)  and 
(10.35).  one  can  write 

—do  =  qdt±  r±d|i  (10.30) 

From  Kq.  (10.36)  it  follows  that 


For  solutions  containing  not  one  hut  several  electrolytes  dissolved 
in  mixed  solvents  (e.g.  in  a  water-alcohol  mixture)  the  surface  excess 
»f  a  component  will  be  given  by  the  expression 


where  Hie  subscript  p'  signifies  that  the  electrochemical  or  cliemical 
potentials  of  all  the  components,  except  the  flh  component,  remain 
unnlirrcd.  Thus,  electrocnpillnry  measurements  permit  one  to  deter¬ 
mine  the  surface  excess  of  the  components  of  the  solution. 

It  is  obvious  that  from  Eq.  (10.36)  one  can  obtain  the  Lippmann 
equation  provided  that  p  is  constant. 

Of  considerable  interest  is  the  effect  of  capillary-active  organic, 
substances  on  the  structure  of  the  double  layer  and  on  the  shape 
of  electrocapillary  curves.  This  question  was  first  examined  by 
Frumkin  in  1926.  The  essence  of  Frumkin’s  theory  is  as  follows. 

The  adsorption  of  organic  molecules  onto  an  electrode  may  be 
regarded  as  the  replacement  in  the  double  layer  of  the  water,  which 
possesses  a  high  dielectric  constant  Do-  by  an  organic  substance  with 
a  lower  dielectric  constant  D,.  If  this  replacement  occurs  at  poten¬ 
tial  e  different  from  the  potential  of  the  clectrocapillary  maximum 
ercm.  then  the  charging  of  the  plates  of  a  double-layer  cupacilor  will 
change  by  an  amount  (C0  —  C,)  (e  —  e„m)  or  (C'0  —  ("i)<p  (if 
e  —  t,em  is  designated  as  <p),  where  C0  and  C,  arc  the  specific  capaci¬ 
ties  of  the  double  layer  in  the  initial  aqueous  solution  of  an  electrolyte 
and  in  the  same  electrolyte  containing  an  organic  substance  added 
')  Some  authors,  for  example,  Gralmmc.  assumed  that  l‘Hj0  =  0. 
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ill  it  concentration  ensuring  its  adsorptive  saturation.  Since  usually 
D0>D,  and  the  size  of  organic  molecules  is  larger  than  that  of 
water  molecules,  then,  as  follows  from  the  theory  of  the  parallel- 
plate  capacitor,  C0  >  C,,  and  the  replacement  of  water  by  an  organic 
substance  calls  for  removal  of  the  charge  (C0  —  C\)  <p  from  the  capa¬ 
citor  plates;  this  requires  an  energy  (60  —  C,)  <p-.  At  the  same  time 
the  free  energy  of  the  capacitor  decreases  by  an  amount  0.5  (Co  — 
—  C|)  (jr.  As  can  be  easily  seen,  the  total  energy  needed  to  replace 
a  dielectric  in  a  capacitor  at  a  constant  plate  potential  is  given  by 
(C0 — C,) <p2 — 2"(C0  — C,)  <p2  .  4- (C0  —  C|)  (|- 

If  we  denote  by  U0  the  gain  in  energy  upon  transition  of  one  mole 
of  an  organic  substance  from  the  hulk  of  the  solution  to  the  uncharged 
electrode  surface  (at  e,cm),  then  at  a  potential  c  this  energy  gain 
will  be 

u, 

where  12 ,  is  the  surface  area  of  the  interface  per  one  nude  of  the  organic 
substance  under  conditions  of  adsorptive  saturation.  If  the  organic 
molecules  possess  a  dipole  moment,  a  potential  difference  will 
arise  on  their  adsorption,  which  will  be  numerically  equal  to  the 
shift  in  the  potential  of  the  elcctrocapillary  maximum  caused  by 
addition  of  an  organic  substance  in  a  concentration  required  for 
adsorptive  saturation 

With  account  taken  of  this  effect,  one  should  write  in  place  of  the 
previous  equation: 

U,  -U„-  [4-(C0-C1)(p1!  +  CIr,!.|  J<»,  (10.30) 

From  liq.  (10.39)  it  follows  that  an  organic  substance  whose  adsor¬ 
ption  brings  about  a  decrease  in  the  double-layer  capacity  must  be 
adsorbed  most  strongly  on  the  electrode  surface  near  the  ocm  poten¬ 
tial.  while  its  desorption  from  the  electrode  surface  should  he  expe¬ 
cted  at  higher  values  of  q>  when  Ut  becomes  negative.  This  conclusion 
is  confirmed  by  a  large  number  of  experimental  data. 

In  its  physical  meaning  liq.  (10.30)  is  equivalent  to  a  model  in 
which  the  electric  double  layer  in  the  presence  of  adsorbed  organic 
molecules  is  represented  in  the  form  of  two  parallel-connected  capaci¬ 
tors.  the  space  between  the  plates  of  one  of  them  containing  water 
molecules  and  that  between  the  plates  of  the  other  being  filled  with 
organic  molecules.  In  other  words,  the  charge  on  the  electrode  q  is 
addilivcly  composed  of  the  charges  of  the  two  capacitors,  qn  and  q,: 

<1  =  <70  (1  -  0)  +  <7.9  =  c„q>  (1  -  0)  +  C,  (q.  -  e„)  0  (10.40) 
where  0  is  the  surface  coverage  by  the  organic  substance.  This  model 
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consisting  of  two  |»nlkl-plalc  e.|»oU»rs  is  one  nl  ll.c »i.,rling  |,oinl« 
in  Frumkin's  theory.  Another  one  is  associated  with  the  choice  of 

the  adsorption  isotherm.  .  . 

To  start  with,  Frumkin  assumes  that  tho  adsorption  of  an  organic 
substance  obeys  Langmuir’s  equation 
Be  -Ar 


t,  c  —  volume  concent  rat  ion  of  the  organic  substance 
B  =  adsorption  equilibrium  constant,  whose  dependence  on 
the  potential  may  lie  written,  according  lo  Eq  1 
and  the  Boltzmann  distribution  law.  in  the  following 


/  \ 

B  ..  <■«„,  {4- !  .  t  - - imz - J 

where  I*  is  the  limiting  adsorption  corresponding  lo  c  —  oo  and 
equal  to  I  Q.  From  Eq.  (10.41)  and  the  basic  equation  of  electro- 
capillarity 

,!a  =  —q  dtf  —  R'l T  d  In  c  «=  —  g  </q>  —  It  TV^Od  In  c  (10.43) 


it  follows  that  the  decrease  of  the  interfacial  tension  due  to  adsor¬ 
ption  of  an  organic  substance  at  a  given  e  (9  =  const)  is  equal  to 
Ao  =  -  W7T.  In  (1  -  6)  (10.44) 


Frumkin  introduced  into  Eq.  (10.44)  an  additional  term  H 7  l'„  a 0*. 
which  takes  into  account  the  attractive  interaction  between  the 
adsorbed  organic  molecules 

Ao  =  -/frrjln  (1  -  0)  +  «9SI  (10.45) 


where  a  is  the  attractive  interaction  constant.  The  combined  solu¬ 
tion  of  Eqs.  (10.43)  and  (10.45)  after  elimination  of  e  yields  a  new 
isotherm 

Be  =  -j^o-  0XP  {  —  2u0)  (W-«») 


which  is  now  known  ns  the  Frumkin  isotherm.  The  dependence  of  R 
on  the  electrode  potential  in  this  isotherm  is  given,  us  before,  by 

E<Thc  system  of  equations  (10.40)  lo  (10.40)  permits  calculation  of 
clcctrocapillary  curves  in  the  presence  of  different  concentrations 
of  an  organic  substance.  First,  the  dependence  of  B  on  9  is  determi¬ 
ned  from  Eq.  (10.42);  then  the  relation  between  0  and  <p  is  round 
from  Eq.  (10.40)  for  a  given  concentration  of  an  organic  substance 
and,  finally,  the  dependence  of  Ao  on  9  from  Eq.  (10.45).  A  compari¬ 
son  made  by  Frumkin  of  clcctrocapillary  curves  calculated  in  this 
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way  and  obtained  experimentally  in  a  1  iX  NnCI  .solution  on  addition 
of  different  amounts  of  tertiary  amyl  alcohol  has  shown  their  quali¬ 
tative  agreement. 

In  recent  years  Damaskin  has  developed,  on  the  basis  of  Frumkin’s 
conceptions,  a  quantitative  theory  of  differential  capacity  curves 
in  the  presence  of  an  organic  substance.  The  key  equation  for  the 
double-layer  capacity  at  a  constant  concentration  of  an  organic  sub¬ 
stance  can  be  deduced  by  differentiating  Eq.  (10.40)  with  respect  to 
the  potential: 

C-C„(1-0)  +  C,0-|C,*  +  e,(W-T)|  (.»)  (10.47) 

Taking  logarithm  of  Eq.  (10.46)  and  differentiating  it  with  respect 
to  the  potential  at  c  =  const,  one  obtains: 


I  M  \  _  Olnff  0(1—0) 

\  Oif  )e=  *p  ‘  1  — 2a0 (I  -0) 
At  the  same  time,  according  to  Eq.  (10.42), 

0  In  B C(j(p  —  C ,  (r,i — q) 

nrt„ 

Substituting  Eqs.  (10.48)  and  (10.49)  into  Eq.  (10. 
equation 


(10.48) 

(10.49) 
")  yields  the  final 


c . c, (1  - 0) + c,e  +  Eafffit-vr . ( 10. so> 

The  third  term  on  the  right-hand  side  of  Eq.  (10.. 10)  describes  the 
characteristic  maxima  (peaks)  on  the  differential  capacity  curves 
in  the  presence  of  an  organic  substance:  these  curves  relied  adsorpti¬ 
on-desorption  processes.  The  third  term  may  be  neglected  near  the 
zero-charge  potential,  where  (1  —  0)  and  9  differ  little  from  zero; 
under  these  conditions  the  double-layer  capacity  will  be  determined 
from  the  formula  for  two  parallel-plate  capacitors: 

C  =  C„(i  —  0)  J-  6,0  (10.51) 

Since  the  differential  capacity  curves  arc  more  sensitive  to  changes 
in  the  structure  of  the  electric  double  layer  than  electrocapillary 
curves,  a  comparison  of  data  calculated  from  Eq.  (10.50)  with  those 
obtained  experimentally  has  revealed  additional  regularities  in  the 
adsorption  of  organic  substances  on  electrodes.  For  one  thing,  it  has 
been  found  that  the  attraction  constant  a  entering  into  the  Frumkin 
isotherm  (10.46)  varies  linearly  with  electrode  potential.  As  shown 
by  Damaskin,  this  regularity  is  attributable  to  the  discreteness  of 
the  adsorbed  dipoles  of  an  organic  substance. 

A  drawback  of  the  theory  discussed  is  that  in  quantitative  calcu¬ 
lations  one  has  to  borrow  the  basic  quantities  for  equations  from 
data  of  cleclrocapillary  and  capacity  measurements.  Numerous 
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attempts  have  therefore  been  made  to  refine  the  existing  theory  or  to 
create  a  new  theory  of  the  double  layer  in  the  presence  of  organic 
substances. 

In  1928  Muller,  Inking  into  account  the  electrical  properties  of 
adsorbed  particles,  deduced  the  following  expression  in  place  of 
Eq.  (1U. ■'!!)): 

u  =  U0- («' - ctHjo)  <p2y  -  (P‘  -  Ph,<>)  <W  ]  (10.52) 

where  a'  and  amo  =  polarizabilities  of  unit  volumes  of  organic 
substances  and  water,  respectively 
/->'  and  PH,o  =  permanent  dipole  moments  of  unit  volumes 
of  organic  substances  and  water,  respec¬ 
tively 

v  =  elementary  volume  of  a  dielectric  which  is 
transferred  from  a  point  of  zero  field  strength 
to  a  point  of  field  strength  ip($  =  yip). 
Equation  (10.52)  conluins  fewer  quantities  borrowed  from  electro- 
capillary  measurements  than  Eq.  (10.39)  and  therefore  permits  cal¬ 
culations  on  the  basis  of  the  polarizability  and  dipole  moments  of 
organic  substances.  Like  Eq.  (10.39),  the  Butler  equation  is  in  quali¬ 
tative  agreement  with  experiment  and  accounts  for  the  decrease 
in  tin-  ndsorbability  of  organic  substances  with  the  decreasing  dis¬ 
tance  :rom  the  elcctrocapillary  maximum.  The  Butler  theory  however 
should  be  regarded  as  one  of  the  versions  of  Frumkin's  theory  since 
their  basic  premises  do  not  differ  substantially. 

O'  her  theories  of  the  adsorption  of  organic  substances  on  electrodes 
differ  from  the  Frumkin  theory  cither  in  the  form  of  the  equation 
of  stale  relating  intcrfacial  tension  to  surface  excess  or  in  the  type 
of  t  he  adsorption  isotherm  describing  the  dependence  of  the  surface 
concentration  of  an  organic  substance  on  its  bulk  concentration. 
A  further  difference  consists  in  that  the  parameter  chosen  in  the  Frum- 
kin-Damaskin  theory  to  characterize  the  electrical  state  of  an  ele¬ 
ctrode  is  the  potential.  According  to  Parsons,  Devanathan  and  other 
workers,  it  must  be  the  surface  charge  rather  than  the  potential. 

Bockris.  Blomgren  and  Conway  make  use  of  a  modified  Langmuir 
isotherm  in  which  the  free  energy  of  adsorption  is  a  decreasing  fun¬ 
ction  of  the  surface  excess  raised  to  a  power  different  from  unity  in 
contrast  to  the  Frumkin  theory,  where  it  is  raised  to  the  first  power. 

Bockris,  Devanathan  and  Muller  take  into  account  the  competi¬ 
tion  between  the  molecules  of  water  and  an  organic  substance  for 
a  site  in  the  double  layer  and  emphasize  the  role  of  the  charge-depen¬ 
dent  orientation  of  water  dipoles  at  the  interface. 

The  Frumkin-Damaskin  theory  is  best  applicable  to  the  adsorption 
of  saturated  aliphatic  molecular  compounds  with  one  functional 
group,  which  arc  adsorbed  on  the  electrode  in  one  definite  position 
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The  Bockris  theory  provides  the  best  agreement  with  experiment 
in  the  ease  of  adsorption  of  organic  cations. 

It  should  be  noted  that  the  accuracy  of  present-day  experimental 
data  on  the  adsorption  of  organic  substances,  especially  on  solid 
electrodes,  is  not  yet  high  enough  for  drawing  unambiguous  conclu¬ 
sions  as  to  which  theory  and,  more  specifically,  which  adsorption 
isotherm  describes  most  effectively  the  behaviour  of  organic  substan¬ 
ces  in  the  electrode-solution  system.  Only  in  sonic  cases  can  this  In- 
asserted  with  a  sufficient  degree  of  certainly.  It  is  evidently  necessary 
to  reckon  with  the  fact  that  the  adsorption  of  aromatic  compounds 
with  one  functional  group  or  of  organic  substances  with  two  ele¬ 
ctrically  opposite  functional  groups  occurs  differently  on  positively 
and  negatively  charged  electrode  surfaces,  as  has  been  particularly 
stressed  by  Antropov  and  coworkers.  The  change  in  the  mode  of 
oriented  adsorption  calls  for  refining  the  isotherm  equation  in  order 
to  provide  better  agreement  with  experiment. 

The  theory  of  the  double  layer  in  which  all  the  specific  features 
of  the  adsorption  of  organic  substances  on  electrodes  are  taken  into 
account  is  still  of  a  semi-quantitative  nature;  its  further  development 
presupposes  the  improvement  of  experimental  techniques  and  the 
availability  of  more  accurate  experimental  data. 

10.3.  T1IE  NULL  POINTS  OF  METALS 

10.3.1.  THE  DEFINITION  OF  TIIE  OnxTKl’TS 
“THE  POTENTIAL  OF  AN  UNCHARGED  SURFACE” 

AND  “THE  NULL  POINT  OF  A  METAL”;  THE  CORRELATIVE 
(“REDUCED")  AND  “RATIONAL”  SCALES  OF  POTENTIALS 
It  follows  from  the  Lippmann  equation  that  at  ihc  maximum  of  the 
clcctrocapillary  curve  the  charge  on  the  metal  surface  will  be  zero  ". 
On  this  basis  Oslwald  supposed  that  at  the  elect  roc  a  pillary  maximum 
for  mercury  not  only  the  charge  on  the  metal  is  equal  to  zero,  but 
the  electrode  potential  as  well.  For  this  reason  it  is  precisely  this 
electrode  potential  that  should  be  chosen  as  a  basis  for  the  scale  of 
potentials.  This  scale  is  called  the  absolute  or  Oslwald  scale  of  poten¬ 
tials.  Since  the  potential  of  the  clcctrocapillary  maximum  for  mercury 
in  solutions  of  capillary-active  substances  is  about  —0.20  V  on  the 
hydrogen  scale,  it  follows,  according  to  Oslwald.  that  in  order  to 
obtain  the  absolute  potential  of  an  electrode  one  should  subtract 
—0.20  V  from  the  value  of  its  electrode  potential  on  the  hydrogen 
scale  (see  Table  7.2).  The  potentials  obtained  in  this  way  cannot  howe¬ 
ver  be  considered  absolute  in  the  light  of  present-day  conceptions. 
The  potential  difference  across  the  electrode-electrolyte  interface  is 
^  "  Thc_dcctrocapillary  maximum  is  therefore  also  called  the  point  oj  :m 
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not  equivalent  to  the  electrode  potential  but  constitutes  only  a  cer¬ 
tain  part  of  it.  Therefore,  if  this  potential  difference  is  assumed  to  be 
equal  to  zero,  one  must  also  take  into  account  the  contact  potential 
difference  between  platinum  and  another  metal  (in  this  particular 
cose,  mercury),  which  is  different  from  zero.  Besides,  as  follows  from 
Kq.  (9.23),  apart  from  the  term  due  to  ion  exchange  (which  is  equal 
to  zero  at  the  elcctrocapillary  maximum),  the  molal-solnlion  poten¬ 
tial  difference  also  includes  the  term  due  to  orientation  of  solvent 
dipoles.  There  are  no  grounds  to  think  that  this  potential  difference 
is  zero  at  the  elcctrocapillary  maximum.  If  Ostwald  were  right,  the 
elcctrocapillary  maximum  would  always  he  at  one  and  the  same 
value  of  electrode  potential  irrespective  of  the  solution  composition 
and  the  nature  of  the  metal.  This  assumption  is  not  confirmed  by 
experiment.  Thus.  Cony  found  that  the  potential  of  the  elcctrocapil- 
lary  maximum  of  mercury  varies  within  wide  limits  depending  on  the 
composition  of  the  solution.  Ollier  authors,  for  instance.  Luggin 
(1895).  established  that  the  position  of  the  elcctrocapillary  maximum 
is  different  if  low-melting  alloys  or  liquid  amalgams  (e.  g.  lead  amal¬ 
gam)  are  used  instead  of  mercury.  This  phenomenon  has  been  studied 
most  thoroughly  by  Frumkin  and  his  collaborators.  According  to 
their  data,  the  ccm  potential  of  gallium  is  about  —0.0  V  and  that 
of  saturated  thallium  amalgam  about  —  0.65  V  on  the  hydrogen  scale. 
Following  Ostwald.  one  could  take  anyone  of  these  values,  just  as  the 
val- —0.20  V  obtained  for  mercury,  as  the  ‘  absolute"  zero  of  ole- 
clro.te  potential  and  have  three  radically  different  “absolute"  poten¬ 
tial  scales.  Thus,  it  has  been  shown  that  the  potentials  of  eleclroea- 
pi llary  maxima  cannot  he  used  to  devise  an  absolute  scale  of  poten¬ 
tials.  But  at  the  same  lime  these  potentials,  which  Frumkin  named 
the  null  points  of  metals  or  the  potentials  of  zero  charge  (pzc)  are 
of  fundamental  importance  in  electrochemistry.  On  their  basis  Frum¬ 
kin  suggested  a  correct  solution  of  the  so-called  Volta  problem,  i.e., 
the  buildup  of  the  emf  of  electrochemical  systems  and  its  relation 
with  the  contact  potential  difference  between  metals. 

The  terms  widely  used  at  present  as  synonyms  for  the  null  point 
and  the  potential  of  the  elcctrocapillary  maximum  are  the  potential 
of  zero  charge  and  the  potential  of  an  uncharged  surface,  which  intro¬ 
duces  confusion  in  the  electrochemical  literature.  In  order  to  avoid 
misunderstanding.  Antropov  suggested  that  a  distinction  should 
be  made  between  the  null  point  and  the  potential  of  an  uncharged 
surface,  and  each  Ik-  given  a  symbol  of  its  own  and  used  according 
to  its  meaning;  the  two  terms  may  be  combined  into  a  single  general 
concept,  the  potential  of  zero  charge.  The  reason  behind  this  is  ns  fol¬ 
lows.  The  potential  of  the  electrocapillnry  maximum  of  mercury 
(or  any  other  metal)  always  corresponds  to  its  uncharged  surface: 
this  value  of  potential  could  be  called  the  uncharged-surface  poten¬ 
tial  (asp)  and  denoted  by  ev-  n-  The  position  of  the  elcctrocapillary 
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maximum  and  the  value  of  the  corresponding  potential  for  a  given 
metal  and  solvent  vary  widely  depending  on  the  nature  and  con¬ 
centration  of  the  substances  present  in  the  solution.  At  the  same 
lime  the  partial  value  of  the  potential  of  an  uncharged  surface  obtai¬ 
ned  for  a  solution  containing  no  capillary-active  particles  (except 
solvent  molecules)  is  a  constant  characteristic  of  the  given  metal 
and  solvent;  this  partial  value  of  the  potential  of  an  uncharged  sur¬ 
face  should  be  called  the  null  point  and  given  the  symbol  ev.  The 
null  point  and  the  potential  of  an  uncharged  surface  arc  interrelated 
in  approximately  the  same  manner  as  the  equilibrium  and  standard 
potentials  of  an  electrode.  The  standard  potential  is  known  to  be 
a  special  case  of  tbc  equilibrium  electrode  potential  e,  for  a  solution 
with  unit  activities  of  all  the  participants  of  the  electrode  reaction. 
In  both  cases  the  composition  of  the  solution  must  be  specified  so  as 
to  obtain  a  value  which  would  be  a  characteristic  constant  for  a  par¬ 
ticular  electrode  system. 

Suppose  we  have  a  cell  consisting  of  a  metal  immersed  in  a  solution 
of  its  ions  and  a  standard  hydrogen  electrode.  The  coll  emf  equal 
to  the  electrode  potential  eLM  of  metal  M  on  the  arbitrary  hydrogen 
scale  may  be  written,  according  to  Eq.  (9.13).  in  the  form: 

«LM  =  £lsi  +  ffMPt  T  ffPiL  (10.53) 

The  Galvani  potential  across  the  solution-metal  interface  mav  be 
represented,  according  to  Eq.  (9.23).  as  the  sum  of  fo><r  terms 

ffLH  =  Sluii)  t  £lM(s>  +  g  '>LM ,aip„  -r  gLit,dinr,  (10.54) 
where  the  subscripts  q.  S.  dip,  and  dip ,  refer,  respectively,  to  the 
potential-determining  ions,  specifically  adsorbed  ions,  the  dipoles 
of  the  solvent  and  the  dipoles  of  any  unionized  organic  substance.  If 
=  0,  the  metal  surface  has  no  charge  and  the  electrode  poten¬ 
tial  will  correspond  to  the  zero-charge  potential 

eLM  =  ffLM<S>  +  gLVUtp,)  -r  gLM(dlp.)  T  gjlPl  +  gl-lL  = 

=  LMCg-,0  (10.55) 

In  accordance  with  what  has  been  said  above,  the  usp  potential  of 
a  metal  depends  on  the  nature  of  this  metal,  the  reference  electrode 
used,  the  solvent  nature  and  the  solution  composition.  For  the  sele¬ 
cted  metal  and  solvent  the  value  of  LMe,=  0  may  lie  different  depen¬ 
ding  on  <7lm.s.  (i  o.,  the  nature  and  concentration  of  capillary-active 
ions)  and  q lmmip,)  (i-e.,  the  nature  and  concentration  of  ca'pillary- 
activc  dipolar  molecules).  If.  however,  not  only  gLMM)  is  equal  to 

11  In  fact,  the  quantity  g^dip,,  includes  the  potential  diflctcnces  due  to 
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zero,  but  ?Lu,s,  and  jlhwip,)  «  w«**. i  c  -  if  ll,cro  arc  no  c»Pi|lar>- 
jiciivc  particles  in  the  solution,  except  the  molecules  of  solvent  L, 
then  the  following  equation  should  be  written  in  place  of  Eq.  (lO.oo) 

eLM  =  LuCf-o  =  sElxwpx)  +  Swt  +  6  p:l  =  LMe.v  (10.56) 

It  can  be  seen  from  Eq.  (10.56)  that  this  partial  value  of  the  usp 
<i.e„  the  null  point  LMe,v)  must  bo  a  constant  because  it  is  equal  to 
l lie  sum  of  three  constant  quantities. 

The  null  point  may  also  be  expressed  in  terms  of  the  corresponding 
Volta  potentials 

L!U*,V  =  .v’I’lm  +  ’fptM  t  'fpti.  (10.57) 

Here  the  metal-solution  Volta  potential  must  be  a  strictly  dehnilc 
quantity  (  v'fi  u)  corresponding  to  the  difference  of  external  poten¬ 
tials  between  metal  M  and  the  solution,  in  which  the  potential  of 
the  metal  is  equal  to  its  null  point. 

The  thus  determined  null  point  has  been  chosen  as  the  zero  for  the 
correlative  (also  known  as  reduced)  or  tp  scale  of  potentials  proposed  by 
Antropov  (1946-51).  The  q>  potential  in  the  correlative  scale  is  defined 
as  the  difference  between  the  potential  of  an  electrode  under  given 
conditions  and  its  null  point: 

q>  =  e  -  e*  (M-58) 

The  Uo  terms  on  the  right-hand  side  of  Eq.  (10.58)  must  naturally 
be  expressed  on  the  same  scale  (c.g.  on  the  hydrogen  scale);  the  value 
■of  tin-  <p  potential  is  independent  of  the  chosen  arbitrary  or  relative 

Since  the  values  of  e*  arc  different  for  different  metals  (see  Tables 
10.  /■'  „nd  10.4),  each  metal  will  have  its  own  correlative  scale  based 
on  its  null  point.  The  correlative  or  <p  scale  of  potentials  is  thus  diffe¬ 
rent  from  any  arbitrary  and  the  absolute  scale  of  potentials.  This 
distinction  is  clearly  seen  in  comparing  the  values  of  standard  ele¬ 
ctrode  potentials  of  some  metals  on  the  hydrogen,  absolute  and 
reduced  scales  (Table  10.2). 

It  can  be  seen  from  Table  10.2  that  in  the  hydrogen  and  absolute 
scales  the  arrangement  of  the  metals  in  order  of  increasing  positive 
value  of  standard  electrode  potential  and  the  differences  between  any 
two  electrode  potentials  remain  the  same.  In  the  correlative  scale  of 
potentials  the  order  of  arrangement  of  metals  and  the  differences 
in  the  values  of  their  standard  electrode  potentials  arc  quite  diffe¬ 
rent  since  the  physical  meaning  of  the  potential  in  any  arbitrary 
(and  in  the  absolute)  scale  and  in  the  correlative  scale  is  radically 
different.  While  the  potentials  expressed  on  the  arbitrary  scale  arc 
referred  to  a  single  definite  electrode,  whose  potential  is  taken  as 
zero,  the  potential  of  each  electrode  in  the  correlative  scale  is  reckoned 
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from  ils  own  zero,  which  is  the  null  point  of  this  electrode  metal. 
It  will  therefore  he  wrong  to  use  the  9  scale  of  potentials  for  solving 
problems  associated  with  the  thermodynamics  of  elect rochcinicai 
systems  or  with  electrode  equilibrium  and  to  use  it  instead  of  the 
hydrogen  scale  or  the  e  scale  of  potentials.  The  correlative  scale  does 
not  enable,  for  example,  determination  of  the  direction  of  a  reaction 
and  the  cinf  of  an  equilibrium  electrochemical  system  with  two  ele¬ 
ctrodes  of  known  9  potential.  This  task  is  easily  handled  with  the 
aid  of  the  e  scale.  The  potential  on  the  e  scale  however  yields  no 
information  about  the  charge  of  the  metal  surface,  the  double-layer 
structure,  or  the  most  probable  electrical  nature  of  tlir.-v  particles 
which  arc  preferentially  adsorbed  on  the  electrode  surface  under 
given  conditions.  These  (and  other)  data  are  especially  important 
for  understanding  nonequilibriuni  electrode  processes  and  can  be 
obtained  by  using  the  9  scale  of  potentials. 

Proceeding  from  the  definition  of  the  9  potential  (10.58)  and  taking 
into  account  that  the  e  potential,  which  is  different  from  the  ev 
potential,  is  given  by  the  equation 

et-M  =  -r  IMLMIP,)  T  ffMPt  +  g|»lL  (10.59) 

one  can  obtain  the  following  expression  for  the  electrode  potential 
on  the  9  scale  l>: 

V  =  6  —  e.v  =  £■.*(«  T  S !.M(d<J>|)  —  .vffLMMip,)  (10.60) 
Equation  (10.60)  allows  one  to  view  the  electrode  potential  on  the  9 
scale  os  a  measure  of  the  charge  on  the  metal  (the  intensilv  of  the 

1 1  Equations  (10.59)  and  (I0.G0)  refer  to  solutions  containing  no  capillary- 
active  substances  (fLM(S,  =  0).- 
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ionic  double  layer  «,,*(,> )  uml  also  as  a  meusure  of  he  variation  in 
oriental  ion  of  polar  solvent  molecules  at  the  metal-electrolyte  inter¬ 
face  upon  transition  from  the  null  point  to  the  given  value  of  poten¬ 
tial  (the  difference  between  the  quantities  ?i.m  (.lie.);'11"!  .v?l.M  MU-.l- 
There  are  grounds  to  believe  that  the  orientation  of  solvent  dipoles 
on  a  charge-free  metal  surface  depends  little  on  its  nature  and  that 
the  value  of  .vg,.M  is  approximately  the  same  for  a  I  metals 
in  aqueous  solutions.  Thus,  if,  for  example,  for  metal  /  and  metal  i 


fMlife)  +  A'l.M,  (Jl|.|.)  —  .vg CM  (•» Pi.)  ~ 

A'l.Ms  M)  *i*  A'l.M,  i'hfO  "■  vffl.M  (.n/'|.) 

then 


since  the  change  of  dipole  orientation  depends  only  on  the  electrode 
charge,  and 

gLMl(v)  =  gUM,(V) 

The  equality  of  the  <p  potentials  of  two  or  more  metals  is  an  indication 
llml  I  lie  ionic  potential  differences  and  the  charges  on  the  surfaces  of 
these  metals  arc  approximately  equal.  The  same  inference  can  be 
made  if  the  ip  potential  is  expressed  in  terms  of  the  corresponding 
Volta  potentials.  Knowing  the  values  of  the  <p  potential,  one  can 
therefore  compare  different  metals  from  the  viewpoint  of  their  char¬ 
ges  and  the  conditions  of  adsorption  of  capillarv-aclive  substances 
on  them.  If  the  solution  contains  capillary-active  substances,  a  study 
of  their  adsorption  on  different  electrodes  at  one  and  the  same  q> 
potential  will  enable  one  lo  ascertain  the  peculiarities  of  their  spe¬ 
cific.  adsorption  on  each  particular  electrode. 

In  1047  Grnhamo.  who  studied  clcctrocapillary  phenomena  on  mer¬ 
cury.  devised  a  potential  scale  which  lie  called  the  rational  scale  of 
potential.  The  potential  on  the  rational  scale  is  denoted  by  if'  and 
given  b v  the  equation 

f  =  e„„  -  (-0.480)  =  e„,  +  0.480  (10.61) 

where  e„„  is  the  potential  of  a  mercury  electrode  with  respect  to 
the  normal  calomel  electrode,  and  the  constant  value  —0.480  corre¬ 
sponds  lo  the  potential  of  the  charge-free  surface  of  mercury  in  solu¬ 
tions  of  capillary-inactive  substances,  i.e..  lo  the  null  point  of  mer¬ 
cury  also  referred  lo  the  normal  calomel  electrode. 

Obviously.  Grahame's  rational  scale  is  a  special  case  of  Antropov  s 
correlative  scale  as  applied  to  the  mercury  electrode.  No  attempts 
were  made  by  Grahamo  to  formulate  a  more  general  concept  of  Un¬ 
reduced  scale,  to  extend  it  lo  other  metals  and  use  it  for  comparing 
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charges  and  the  conditions  of  adsorption  on  various  electrodes.  The 
term  “rational  potential  scale"  cannot  be  considered  adequate.  Inde¬ 
ed.  as  pointed  out  above,  the  use  of  a  scale  based  on  the  null  points 
of  metals  may  prove  to  be  rational  in  some  cases  and  irrational  in  oth¬ 
ers.  Moreover,  the  word  “rational',  as  distinct  from  “correlative", 
docs  not  reflect  the  essence  of  the  scale.  And,  finally,  the  rational  sca¬ 
le  referred  only  to  mercury  (the  application  of  this  scale  as  devised 
by  Grahamc  to  other  metals  would  turn  it  into  the  Oslwald  absolute 
scale)  was  proposed  after  the  reduced  scale  had  been  put  forward 
For  these  reasons  we  will  use  henceforward  the  term  “correlative”  or 
“reduced  scale  of  potentials’'. 

It  should  be  noted  that  in  certain  cases,  alongside  the  correlative  9 
scale,  the  correlative  9'  scale  may  also  prove  useful,  in  which  the  9' 
potential  is  determined  from  the  equation 

<t'  =  t  —  e,.-o  (10.02) 

that  is,  it  is  reckoned  from  the  potential  of  the  uncharged  surface. 
Ibis  scale  refers  to  a  single  elcctrocapillarv  curve  whereas  the  9 
scale  relates  to  a  given  electrode  and  solvent.  Thus,  there  exists 
only  one  9  scale  and  an  infinite  multitude  of  9'  scales  for  each  ele¬ 
ctrode  (say.  for  a  mercury  electrode). 


10.3.2.  METHODS  FOR  EXPERIMENTAL  MEASUREMENT 
AND  CALCULATION  OF  NULL  POINTS 
Adsorption  phenomena  play  a  very  important  role  in  the  kinetics 
of  almost  all  electrode  processes.  The  conditions  of  adsorption  of 
dissolved  substances  on  the  surface  of  an  electrode  are  Jasg-ly  gover¬ 
ned  hy  the  charge  on  this  surface,  i.c..  to  a  first  approximation,  hv  the 
value  of  its  potential  on  the  correlative  scale,  a  scale  based  on  the 
null  points  (the  potentials  of  zero  charge)  of  metals.  For  'his  reason, 
methods  of  determination  of  the  null  points  acquire  special  importan¬ 
ce,  Several  methods  are  described  below. 

1.  Capillary  Kloct rometer  Method.  This  method  can  be  used  to 
determine  the  null  points  (the  potentials  of  zero  charge)  of  liquid 
metals  (e.g.  ilg.  amalgams.  Ga)  in  contact  with  electrolyte  solutions 
and  also  of  liquid  metals  in  contact  with  molten  salts.  Karpachev 
and  his  coworkers  have  designed  a  special  capillary  electrometer  to 
he  used  for  molten  electrolytes  and  determined  the  null  points  of 
a  number  of  metals  at  temperatures  above  their  melting  points. 

£.  Dropping  Mercury  Electrode  Method.  The  experiments  carried 
out  bj  Kuccra  (1912)  showed  that  curves  similar  to  elcctrocapillarv 
curves  can  be  obtained  by  using  the  relation  between  the  weight  of 
a  fal ling-off  drop  of  mercury  and  its  potential.  In  a  dropping  mercury 
electrode  drops  arc  continuously  formed,  falling  off  from  the  capillary 
to  the  bottom.  The  drop  formation  (creation  of  a  new  interface  bet- 
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wccn  mercury  nml  solution)  ul  ally  potential,  except  Hie  ecm  poten¬ 
tial.  is  associated  willi  the  injection  of  charge,  i.c..  the  passage  of 
a  current.  The  potential  of  a  mercury  drop  at  which  the  current 
is  zero  corresponds  to  the  potential  of  zero  charge.  The  accuracy 
of  this  method  is  lower  os  compared  with  the  capillary  electrome¬ 
ter  method,  but  it  is  convenient  for  determining  the  pzr  of  electro- 
chcinicolly  unstable  amalgams. 

3.  Differential  Capacity  Method.  In  dilute  electrolytic  solutions 
the  potential  of  the  differential  capacity  minimum  of  a  mercury 
electrode  almost  coincides  with  the  eleclrocapillary  maximum  obtai¬ 
ned  for  the  same  solution.  Direct  measurements  of  the  double-layer 
capacity  on  passage  of  an  alternating  current  were  conducted  as  far 
back  ns  the  lillh  century,  but  the  results  obtained  were  not  reliable. 
The  application  of  this  method  became  possible  after  the  works  of 
l’roskurnin  and  Frurnkin  had  been  published.  These  authors  showed 
that  with  certain  conditions  being  observed  (primarily,  high  purity 
of  the  solution  and  mercury)  the  capacities  measured  directly  and 
calculated  from  eleclrocapillary  curves  coincide  within  experimen¬ 
tal  errors.  Thus  the  validity  of  Lippmann's  second  equation  was 
continued.  The  measurement  of  the  differential  rapacity  of  the  doub¬ 
le  layer  has  turned  out  to  be  useful  in  studying  not  only  the  double- 
layer  structure  and  the  adsorption  phenomena  taking  place  at  the 
metal-  leclrolylc  interface,  but  also  the  kinetics  of  electrode  proces- 

Tlu-  differential  capacity  method  can  be  employed  for  determining 
the  l  any  metal,  but  in  the  case  of  solid  metals  complications 
an.-i  ..'king  it  difficult  to  interpret  the  results  obtained.  These 
ilifli,  •  :  irs  are  associated  with  the  fact  that  many  solid  metals,  hi 
pari .  '.tar  all  the  metals  of  the  iron  nml  platinum  groups,  are  capable 
of  .in--. rbiiig  aiul  occluding  considerable  amounts  of  hydrogen  and 
oxyv  this  iniisl  affect  the  double-layer  differential  capacity  and 
its  X  Illation  with  pot  rill  ial.  Besides.  Solid  metals  usually  have 
surfaie  irregularities:  mirropores.  cracks  dislocations  of  crystal 
Ial tii.  i  le  For  this  reason  the  potential  of  the  differential  capacity 
minimum  of  a  solid  metal  cannot  always  he  identified  with  the  poten¬ 
tial  of  zero  charge.  ’Hie  most  reliable  data  have  been  obtained  for 
soft  metals  such  as  lend.  zinc,  cadmium  and  Ihnlliitm.  whose  surfaces 
most  closely  resemble  III . ercury  surface  in  their  properties. 

4.  Tonic  Adsorption  Method.  This  method  consists  in  determining 
the  sign  of  the  charge  of  capillary-active  ions  which  are  preferential¬ 
ly  adsorbed  from  the  solution  on  the  metal  surface  at  a  given  poten¬ 
tial.  Anions  are  primarily  adsorbed  on  positively  charged  and  cations 
on  negatively  charged  surfaces.  If  the  potential  is  changed  by  shifting 
it  in  a  definite  direction,  then  the  point  of  transition  from  the  excess 
adsorption  of  anions  to  that  of  cations  (or  vice  versa)  will  correspond 
to  the  potential  of  zero  charge.  Excess  adsorption  of  cations  or  onions 
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can  be  established  cither  analytically,  by  determining  the  compositi¬ 
on  of  the  corresponding  solution,  or  by  using  a  radiotracer  technique. 
The  ionic  adsorption  method  is  most  successfully  used  for  metals  with 
a  developed  surface  (c.g.  platinized  platinum). 

5.  Contact  Angle  Method.  This  method  was  proposed  by  Mollcr 
and  improved  by  Frumkin,  Kabanov,  and  others. 

A  gas  bubble  or  a  drop  of  a  liquid  immiscible  with  water  is  placed 
on  the  surface  of  a  metal  immersed  in  a  solution.  The  metal  surface 


Fig.  10.5.  Delation  between  the  contact  angle  0  and  the  interracial  tension 
at  the  metal-solution  (0,  ,).  metal-gas  (o,v)  and  gas-solution  (Ovr.l  boundaries 


is  then  subjected  to  polarization  and  the  change  of  the  contact  angle 
ft  at  the  boundary  between  the  three  phases  is  measured  (Fig.  10.5). 
It  can  be  seen  from  Fig.  10.5  that  the  equilibrium  cond'lion  will  he: 

where  a  is  the  inlerfacial  tension  between  the  two  phases.  After  rear¬ 
ranging, 


A  curve  of  contact  angle  ft  versus  potential  e  is  similar  to  an  electro- 
capillary  curve— its  maximum  corresponds  to  the  potential  of  zero 
charge.  This  shape  of  the  ft  vs.  e  curve  is  probably  explained  by  the 
fact  that  Ovi,  is  independent  of  potential.  ti,v  changes  verv  slightlv 
with  potential  and  all  changes  in  the  contact  angle  should  be  ascribed 
to  0|.|.  The  accuracy  of  this  method  is  inferior  to  that  of  the  electro- 
capillary  method.  It  can.  however,  he  used  for  determining  the  pzc 
of  metals  with  a  smooth  surface. 

Fischer  and  Morlos  recently  used  a  version  of  this  method  based  on 
the  relation  between  the  contact  angle  ft  and  the  height  It  of  the 
capillary  rise  of  a  liquid  on  a  metal  plate: 

sin  ft  =  1  —  p  gh?!2a 
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vvlicrc  p  =  density  of  Uie  liquid 

g  —  acceleration  due  lo  gravity 
a  =  inlerfacial  tension. 

Kxperimenls  carried  out  with  an  anmlgainalcd  gold  plate  have 
shown  that  the  minimum  of  the  curve  for  the  height  of  the  liquid 
against  the  plate  potential  is  close  lo  the  potential  of  zero  charge 
found  for  the  corresponding  solution,  and  its  variation  with  the 
solution  composition  agrees  with  data  of  clectrocapillary  measurc- 

(i.  Surface  Hardness  Method  (The  Pendulum  Method).  This  method 
was  proposed  by  lichbindcr  and  Wenstrom  (1945-49).  It  consists  in 
measuring  the  logarithmic  decrement  of  the  oscillations  of  a  pendulum 
in  contact  with  a  metal  surface  through  a  drop  of  an  electrolyte 
solution.  The  logarithmic  decrement  of  the  oscillations  was  plotted 
versus  the  metal-solution  potential  difference. 

According  lo  Hchbindor  and  Wenstrom.  the  decrement  of  the 
oscillations  is  associated  with  the  deformation  of  the  surface 
and  the  penetration  of  the  pendulum  into  the  bulk  of  the 
metal.  The  higher  the  free  energy  of  tile  metal-solution  interface, 
the  greater  the  amount  of  work  required  to  create  a  fresh  surface 
and  the  slower  the  rate  of  deformation;  hence  more  lime  is  needed 
now  for  the  same  relative  decrement  of  the  oscillations  lo  be  attained. 
The  maximum  surface  hardness  coincides  with  the  maximum  surface 
energy  and  they  both  must  be  observed  at  the  potential  of  zero  char¬ 
ge.  'I'iic  Hchbinder-Wcnslrom  method  was  modified  by  Bockris  and 
Parry-.! ones  (1953).  who  suggested  that  the  position  of  the  potential 
of  zero  charge  should  be  determined  from  the  minimum  surface  fri¬ 
ction.  The  determination  of  the  pzc  by  these  two  methods  requires 
high  experimental  skill,  which  limits  their  practical  application. 

7.  Vibrating  Boundary  Method.  The  method,  which  was  proposed 
by  U'ntnnabc  in  1993.  consists  in  the  following.  The  surface  of  a  li¬ 
quid  metal  charged  lo  a  definite  potential  is  made  to  vibrate  in  the 
solution  understudy  by  means  of  a  mechanical  vibrator.  The  surface 
area  of  the  interface  between  the  metal  and  the  solution  changes  at 
a  definite  frequency  and  the  electric  double  layer  generates  an  alter¬ 
nating  charging-discharging  current  on  the  surface.  At  the  potential 
of  zero  charge  the  magnitude  of  the  alternating  current  produced  will 
be  minimal  (in  the  limit  equal  to  zero).  A  shortcoming'of  the  method 
is  that  the  measurements  involve  the  passage  of  a  current  through 
the  system.  This  lowers  the  sensitivity  of  the  method,  especially 
in  dilute  solutions,  because  of  a  voltage  drop  caused  by  the  solution 

Mintz  and  coworkers  (1967)  succeeded  in  increasing  the  sensitivity 
of  the  method  by  inserting  a  controlling  resistance  into  the  charging- 
discharging  current  circuit.  This  enabled  measurements  to  be  made 
in  slightly  more  dilute  solutions. 
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A  modified  version  of  this  method  was  described  by  Yu.  Gerasi¬ 
menko,  M.  Gerasimenko,  and  L.  Antropov  (1071).  The  electric  double 
layer  on  the  vibrating  metal  surface  generates  an  alternating  voltage 
(not  an  alternating  current)  having  the  same  wave  characteristic  as 
mechanical  vibration.  The  magnitude  of  the  alternating  voltage 
depends  on  the  specified  potential  on  the  metal  and  tends  to  zero 
as  this  potential  approaches  the  zero-charge  potential.  This  version 
of  the  vibrating  boundary  method  provides  sufficient  accuracy  and 
can  be  used  for  measurements  in  very  dilute  solutions. 

Other  Experimental  Methods  for  Determining  the  Potential  of 
Zero  Charge.  The  values  of  the  pzc  of  metals  can  also  be  obtained 
by  means  of  a  number  of  other  methods.  One  of  these  is  based  on  the 
fact  that  under  definite  conditions  the  zero  value  of  the  elcclrokinctic 
potential  corresponds  to  an  uncharged  metal  surface.  The  magnitude 
of  the  electrode  potential  at  which  the  electrophoretic  (or  cleclroos- 
motic)  velocity  is  equal  to  zero  may  be  identified  here  with  the  poten¬ 
tial  of  zero  charge.  For  the  same  purpose  use  can  be  made  of  the  re¬ 
sults  of  experiments  with  deflection  of  a  thin  wire  in  an  electric 
field;  in  this  cose  the  potential  of  zero  charge  may  be  identified  with 
the  potential  of  the  wire  at  which  it  ceases  to  deflect.  Further,  an 
approximate  value  of  the  potential  of  zero  charge  can  be  obtained 
from  data  on  the  effect  of  salts  on  the  kinetics  of  hydrogen  evolution 
at  the  cathode.  A  new  method  for  determining  the  pzc  has  been  propo¬ 
sed  by  Dcrjaguin,  Kabanov,  and  Birinlseva  (l'.ltiU).  The  position 
of  the  pzc  is  determined  by  measuring  the  repulsive  forces  arising 
when  two  equally  polarized  metallic  wires  are  brought  close  together 
(the  crossed  fibre  method).  The  potential  at  which  the  repulsive  force 
is  at  its  minimum  is  taken  as  the  potential  of  zero  charge. 

An  interesting  method  has  been  devised  by  Gokhshlein.  The  method 
in  essence  is  as  follows.  An  electrode  in  contact  with  a  solution  is 
attached  to  a  piezoelectric  cell  and  charged  at  a  definite  frequency 
and  rale  to  a  potential  kept  within  two  volts.  The  range  of  variation 
of  the  potential  remains  constant  whatever  its  value.  Oscillations 
of  the  surface  tension  arising  at  the  electrode-solution  interface 
arc  recorded  by  the  piezoelectric  cell.  As  can  be  seen  from  the 
cleclrocapillary  curves,  one  and  the  same  amplitude  of  oscillations 
of  the  potential  causes  the  surface  tension  to  oscillate  at  different 
amplitudes;  as  the  electrode  potential  approaches  the  elcctroca- 
pillary  maximum,  where  the  surface  tension  is  almost  independent 
of  the  potential  (at  sufficiently  small  variations  of  the  latter),  the 
oscillations  of  the  surface  tension  fall  sharply.  The  minimum 
of  the  curve  of  the  surface  tension  amplitude  against  the  poten¬ 
tial  (its  range  being  specified)  must  therefore  correspond  to  the  poten¬ 
tial  of  zero  charge  of  the  electrode.  The  first  experimental  data  obta¬ 
ined  by  Gokhshtein  support  this  assumption. 
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Tli,.  v sillies  of  Ihc  pzc  determined  by  the  methods  described  above 
sire  presented  in  Table  10.3.  When  using  the  tabulated  values  of  Ihc 
pZC  it  is  necessary  to  remember  that  the  degree  of  accuracy  largely 
depends  on  the  method  used  for  their  determination.  The  most  accu¬ 
rate  results  have  been  obtained  by  the  capillary-electrometer  and 
dropping-electrode  methods.  The  null  points  of  metals  (except  mer¬ 
cury)  found  by  different  methods  coincide  with  an  accuracy  up  to 
0.1  V. 

A  direct  comparison  of  the  pzc  of  metals  in  solutions  and  in  molten 
electrolytes  is  impossible  because  of  the  absence  of  a  single  scale  of 
electrode  potentials  for  aqueous  solutions  and  molten  media.  They 
can  nevertheless  be  compared  assuming  that  the  null  point  of  some 
metal  is  the  same  both  in  solution  and  in  molten  electrolytes.  Such 
a  comparison  has  been  made  on  the  assumption  that  the  null  points 
of  mercury  in  solution  and  in  melts  arc  equal  (Frumkin,  Antropov). 
The  choice  of  mercury  is  dictated  by  the  fact  that  it  is  in  the  liquid 
stale  when  in  contact  with  aqueous  solutions  as  well  as  molten  salts. 
Besides,  the  null  point  of  mercury  in  aqueous  solutions  has  been  deter¬ 
mined  with  the  greatest  accuracy.  With  this  assumption  made,  the 
null  points  of  metals  in  molten  electrolytes  (with  respect  to  the  refe¬ 
rence  electrode:  lead  and  a  eutectic  of  lithium  chloride  and  potassium 
chloride)  can  be  converted  to  the  hydrogen  scale  by  adding  a  constant 
value  (equal  to  —0.1  V)  to  the  values  given  in  Table  10.2.  A  still 
better  agreement  between  the  two  rows  of  null  points  can  be  provided 
if  their  "values  for  molten  electrolytes  and  solutions  arc  assumed  to 
be  equal  not  for  mercury,  whose  null  point  in  a  molten  electrolyte 
is  determined  with  insufficient  accuracy,  but  for  lead.  This  is  what 
was  recently  done  by  Lcikis  and  Ukslie.  Thus,  the  null  points  of  all 
metals  in  two  different  solvents  differ  by  a  certain  constant  value. 

'I'iie  results  obtained  by  conversion  arc  given  in  Table  10.5.  where 
they  are  compared  with  the  most  probable  values  of  the  null  points 
in  solutions  and  also  with  calculated  values.  The  agreement  bet¬ 
ween  the  three  rows  of  null  points  thus  obtained  is  quite  satisfactory. 

Theoretical  Calculation  of  Null  Points.  One  cannot  say  with 
sufficient  certainty  (except  for  mercury)  that  the  values  listed  in  Tall¬ 
ies  10.3  and  10.4  are  really  the  null  points  of  the  metals  and  not 
their  potentials  of  zero  charge.  This  uncertainty  arises  from  the  fact 
that  ions  which  are  not  surface-active  at  the  mercury-water  interface 
arc  capable  of  being  specifically  adsorbed  on  the  surfaces  of  other 
metals.  Therefore,  electrolytes  in  which,  in  the  case  of  a  mercury 
electrode,  conditions  are  observed  under  which  the  values  of  pzc 
obtained  arc  equal  or  very  close  to  the  null  point  of  mercury  in 
a  given  solvent,  may  prove  to  be  surface-active  for  other  metals,  and 
the  experimentally  determined  potentials  of  zero  charge  will  differ 
from  the  null  points.  In  this  connection  it  would  be  very  interesting 
to  try  and  calculate  the  null  points  of  metals  theoretically.  The  basis 
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TABLE  10. 3 


Experimental  Zero-Charge  Potentials  of  Metals  in  Aqueous  Solutions 
(on  the  Hydrogen  Scale) 


« . 

— 

•v.v 

To 

liV  NajS04 

Surface  hardness  (or 
pendulum) 

/  Adsorption 

|  Contact  angle 

+0.60  • 

Pt  (hydrogen 
atmosphere) 

IN  Na,SO4,0.01AH,SO4 

+0.11 

+0.15 

+0.27 

+0.2* 

C  (activated 
•  carbon) 

Ni 

IN  NajS04.  IN  HjS04 

Adsorption 

-0.03* 

0.001  A’  H,S04 

Hydrogen  ovcrpolcnlial 

-O.OC 

C  (graphite) 

Surface  hardness  (pen- 

Cu 

Acidified  salt  solutions 

t  Adsorption 

1  Contact  angle 

-0.2l’ 

Ag 

IrV  KN03  dil.  AgKOj 

f  Adsorption 

-0.02 

0.002AT  AgNOj 

Hg 

Dilute  solutions 

Various  methods 

-0.21 

Sn 

0.12V  i\'n.S04, 
0.01/V'HjSOt 

Surface  hardness 

-0.24* 

Fe 

0.00IAT  H,S04 

Differential  capacity  and 
hydrogen  ovcrpotential 

Ga 

1.0JVKC1,  0.1  A'  HC1 

IN  Na.SO, 

Pb 

0.1  JV  Na,S04 

(  Surface  hardness 

-0.60 

Dilute  KCI,  HC1  and 

l  Differential  capacity 

-0.65  to 
-0.69* 

ctrolytes,  0.005W  KCI 

1JV  NajS04 

1  Surface  hardness 

-0.G9 

Dilute  solutions  of  cle- 

\  Differential  capacity 

-0.79* 

Tl  (Hg),  satu¬ 
rated  amal- 

IN  Nn,S04 

Capillary  electrometer 

-0.65* 

Ig-atom/litic 

0.1  A’  LiCl,  NaOH 

Dropping  mercury  ole- 
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The  Zero-Charge  Potentials  of  Molten  Metals  « 


Molten  electrolyte 

,.C 

Method 

To 

-|-0.  CO 

KCl  +  LiCl  eutectic 

550 

Capillary  electro- 

Sl> 

+0.10 

KCl  +  LiCl  eutectic 

750 

Capillary  electro- 

Sb 

+0.30 

Equimolecular  mcltof  KC1  +  NaCl 

700 

Differential  capa- 

Hg 

-0.10 

KCl  +  LiCl  eutectic 

420 

Capillary  electro- 

Sn 

-0.23 

KOI  I-  LiCl  eutectic 

450 

Capillary  electro- 

Sn 

-0.12 

Equimolecular  melt  of  KC1  +  NaCl 

700 

Differential  capa- 

Bi 

-0.30 

KC1  +  LiCl  eutectic 

450 

Capillary  electro- 

Bi 

-0.12 

Equimolecular  melt  of  KC1  +  NaCl 

700 

Differential  caps- 

Ai 

-0.30 

KCl  +  LiCl  eutectic 

750 

Capillary  electro- 

Ag 

-0.30 

KC1  +  LiCl  eutectic 

1050 

Capillary  electro- 

Ga 

-0.40 

KC1  +  LiCl  eutectic 

450 

Capillary  electro- 

Pb 

-0.47 

KCl  +  LiCl  eutectic 

450 

k 

| 

I' 

Pb 

-0.35 

Equimolecular  mcl  t  of  KC1  +  NaC  1 

700 

Differential  capa- 

Zn 

-0.55 

KCl  +  LiCl  eutectic 

450 

Capillary  electro- 

Cd 

-0.63 

KCl  +  LiCl  eutectic 

450 

Capillary  electro- 

Cd 

-0.00 

Equimolecular  melt  of  KC1  4- NaCl 

700 

Differential  capa- 

T1 

-0.64 

KCl  +  LiCl  eutectic 

420 

Capillary  electro- 

T1 

-0.67 

Equimolecular  molt  of  KC1  +  NaCl 

700 

Differential  capa- 

In 

-0.52 

KC1  +  LiCl  eutectic 

450 

Capillary  electro- 

for  such  calculations  was  given  by  Frumkin.  He  assumed  that  the 
difference  between  the  null  points  of  two  metals  must  be  approxima¬ 
tely  equal  to  the  Volta  potential  between  them: 


«®.v  —  aP.v  —  ’fit :  — 


(10.64) 
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Equation  (10.64)  lias  been  confirmed  qualitatively  in  the  experimen¬ 
tal  works  of  Karpachcv  and  coworkers  devoted  to  the  null  points  of 
molten  metals.  All  the  methods  proposed  for  calculating  null  points 
(by  Vasenin,  Antropov,  Delnlmy  and  Huolschi,  Levin.  Novakovsky 
and  Ukshc,  and  others)  make  use,  directly  or  indirectly,  of  Eq.  (10.04). 
The  approximate  nature  of  this  equation  was  noted  by  I'rumkin.  who 
expressed  some  ideas  about  possible  causes  of  deviation  of  the  rela¬ 
tion  between  the  null  points  and  contact  potentials  from  linearity. 
The  conditions  under  which  Eq.  (10.04)  must  be  fulfilled  have  been 
discussed  by  Parsons  and  Antropov,  it  is  impossible  to  substantiate 
theoretically  the  necessity  to  observe  these  conditions,  and  therefore 
the  validity  of  Eq.  (10.04)  and  also  the  usefulness  of  the  methods 
suggested  for  calculating  null  points  can  be  proved  or  refuted  only  by 
experiment. 

Equation  (10.64)  can  be  transformed  by  solving  it  for  the  null 
point  of  metal  1: 

,e.Y  ---  2®,v  -1 - *7? — —  (10.05) 

For  calculations  with  the  aid  of  Eq.  (10.65)  it  is  necessary  to  choose 
a  certain  standard  metal  2.  Mercury  is  the  best  choice  because  its  ele¬ 
ctronic  work  function  and  null  point  have  been  determined  with 
least  error;  they  arc,  respectively,  4.52  cV  and  —0.19  V. 

Substitution  of  these  values  of  2eiV  and  wf  into  Eq.  (10.05)  gives 

Mev  =  -^.— 4.52  — 0.19  =  -^-4.71  «-^L  — 4.7  (10.60) 

Equation  (10.60)  permits  calculating  the  null  point  of  any  metal 
if  its  electronic  work  function  is  known.  The  accuracy  of  these  cal¬ 
culations  depends,  apart  from  the  validity  of  starting  premises,  on 
how  accurately  the  work  functions  have  been  determined.  The  depen¬ 
dence  corresponding  to  Eq.  (10.66)  is  shown  graphically  in  Fig.  10.6, 
from  which  it  can  be  seen  that  the  deviation  of  experimental  points 
from  the  theoretical  straight  line  is  in  most  cases  within  cx|>orimcnlal 
errors.  Thus,  by  using  Eq.  (10.60)  if  is  possible  to  calculate  the  null 
points  of  metals  with  an  accuracy  close  to  that  provided  by  most 
direct  measurements  (±0.1  V). 

The  null  points  of  a  number  of  metals  have  been  calculated  from 
Eq.  (10.06)  on  the  basis  of  the  values  of  work  function  indicated 
in  Table  9.1.  The  calculated  values  of  null  points  arc  given  in  Ta¬ 
ble  10.5. 

Recently  Antropov  introduced  the  concept  of  the  theoretical  metul- 
solvent  null  point  M/i.e,v-  which  is  defined  as  a  special  case  of  the 
equilibrium  mclal-solulion  potential,  when  the  charges  on  the  free 
surfaces  of  a  metal  and  a  solution  are  equal  in  magnitude  and  so  are 


280  Part  Four.  Electrical  Double  Layer  at  Interlace 

their  external  potentials  and 

I  «|5|«  =  M»I.  |  tjt  (10.67) 

With  this  condit  ion,  from  the  general  equal  ion  for  I  lie  equilibrium 
electrode  potential  on  the  hydrogen  scale 

m/iAv=  ( *■>«  +  o>m*t - <0“” + z<oL‘* - 0H2 - z/H. )  (10.68) 

where  <o  =  work  function 
■Oh,  =  dissociation  energy 
/h*  =  energy  of  hydrogen  ionization 
it  follows  that 

M/Le.v  =  -^r  (*4  +  zAXw  - *F% Lo  -±-DHl- ;/„♦)  (10.69) 

The  dissociation  energy  of  hydrogen  molecules  and  the  ionization 
energy  of  its  atoms  are  independent  of  the  nature  of  the  metal  and  the 


solvent  and  arc  equal  lo  4.22  and  13.60  eV,  respectively.  Consequently, 
m/l«.v  =  -jjr  (aoj,  +  z/t"(L.»  —  zfx  l»  — 15.71)  (10.70) 
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Equation  (10.70)  shows  that  the  difference  between  the  null  points 
of  two  metals  M,  and  M*  in  the  same  solvent  L.  i.e..  the  quantity 
—  Mj/LeV  =  -J-  (“M|— “Mj)  =  AlpMiHt  (10.71) 

is  equal  to  the  difference  in  the  electronic  work  functions  of  these 
metals  and  is  independent  of  the  solvent  nature.  Equation  (10.71) 
coincides  with  the  Frumkin  formula  (10.64),  which  thus  refers  to 
null  points  rather  than  to  the  potentials  of  zero  charge  and  is  ful¬ 
filled  onlv  when  the  assumption  of  the  equality  ’I'm  -  ’1l 
Eq  (10.67)1  is  valid.  From  Eq.  (10.70)  it  follows  also  that  the  null  point 
of  any  metal  M  in  two  solvents  L,  and  L,  is  not  a  function  of  the 
metal's  nature.  Indeed. 

M,,.,eTv  -  M/Lje.v  =  4-  M&.»  -  &)  -  A'k,.,  (10.72) 

that  is,  the  difference  between  the  null  points  of  one  and  the 
same  metal  in  two  solvents  corresponds  to  the  Volta  potential 
between  these  solvents.  ,  ,  ,  .. 

Because  of  the  lack  of  experimental  data  the  calculation  of  null 
points  by  Eq.  (10.70)  can  he  carried  out  only  for  aqueous  solutions. 
In  this  case,  according  to  Izmailov  and  also  to  Conway,  the  quantity 
•IcmVV  )  =  258  keal/g-ion  =  11.19  eV/g-ion  and  hence 


M/11;08.y  —  ~p  —  7. 


-4.52  (10.73) 

The  magnitude  of  the  surface  potential  at  the  water-air  boundary 
is  0.17  V  according  to  the  indirect  data  of  Izmailov;  according  to 
Frumkin.  it  must  lie  between  0.1  and  0.2  V.  closer  to  0.2  \.  If  the 
value  given  by  Izmailov  is  used,  i.e.,  if  it  is  assumed  that  XH*°  — 
=  0.17  V.  then 

(10.74) 

which  coincides  with  Eq.  (10.66). 

At  present  it  cannot  be  staled  with  a  sufficient  degree  of  certainly 
that  the  null  point  calculated  theoretically  on  the  basis  of  the  assum¬ 
ption  (10.69)  corresponds  both  in  physical  meaning  and  in  magnitude 
to  the  experimental  null  point.  Nevertheless,  the  similarity  of 
Eqs.  (10.66)  and  (10.71),  in  which  different  initial  values  were  used,  can 
hardly  be  regarded  as  casual.  Besides,  Eq.  (10.72)  leads  to  the  con¬ 
clusion  that  the  differences  in  the  null  points  arc  independent  of 
the  solvent  nature,  which  agrees  with  the  data  obtained  so  far  on  the 
null  points  in  aqueous  solutions  and  in  molten  salts.  And.  finally,  it 
should  be  noted  that  Eq.  (10.70)  can  be  used  to  determine  the  surface 
potential  yL  (or  Yn»°  for  aqueous  solutions)  which,  as  follows  from 
the  substitution  of  the  values  of  e.v  and  w*  fo''  nu'ricllrV  ,,,l° 
Eq.  (10.71),  must  be  equal  to  0.19  V.  This  value  of  xMsU  is  only  slightly 
different  from  the  most  probable  value  of  the  surface  potential  at 
the  water-vacuum  boundary  found  by  other  methods. 


CHAPTER  II 

The  Structure  of  the  Electric  Double  Layer 
at  the  Electrode-Electrolyte  Interface 


Tl.c  .lojv  o'  tdcclrokinclic  am!  dtclroc.pillm-  phenomena  has 
yielded  dorm, Ic  c.vperimcnl.l  regal. trille,.  T|,o  Ihoory  ol  Ihe  double- 
layer  structure  at  the  mclal-elcctrolvtc  interface  is  the  basis  for 
"Ucr|, relation  ol  the*  regularities.  Experimental  tacts  maV  serve 
at  the  same  .men.  errlerion  „[  the  validity  „  ,hc  v„lo,„  Jonccp. 
Ito ns  ol  the  double-layer  structure.  The  most  important  results  obtai¬ 
ned  in  studying  ehelrek, nolle  and  elec, men . ary  phenomena  mar 

be  summarized  ns  follows. 

1.  Apart  from  the  total  metal-clcctrolvtc  potential  difference  g, 
which  is  a  concentration-dciiendciil  component  of  the  elect  rode  poton- 
V"1  e.LM.  there  also  exists  the  electrokinelic  or  zela  (?)  potential 

;  total  potential  difference.  The  zet a  potential  is 

'  J  1  "Solute  value  than  ,LM  or  e,.M  and  its  dependen¬ 
ce  on  the  solution  composition  is  more  sophisticated  In  most  cases 
with  increasing  concentration  of  the  electrolyte  the  zela  potential 

. .  'y,Cr°’  ,|,r0Vidc"  that  >thc  solid  ion  'contains 

«  l  f 7'  ."ho"  10  concentration  of  the  solution  chan- 

ol  the  ,  potential  ttiul  the  ossoeiated  reel, urging  „j  rilly  d  snrl  ,cc 
»d Tv.'lnr  capillary-nclive) 

2.  The  differential  e.pucity  colcubted  Iron,  ulrclrnruplllnrv  cur- 

It  is  nt  i'lTmini  15  a. function  of  the  electrode  potential. 

rimrgcX;;:™;",:.- 

;..,™,i72o„:”mV^mfu'  sol'"lo"! " v"™*  »oh 

lla.'C  1,0011  ma<lc  ,0  *,,,i*‘*  "P  realistic  conceptions 
nri  tc  .  heoH  irTf  ur"C  "r,C,  ,ho  ".ctal-soh, .ion  interface;  the 
principal  theories  of  the  double-layer  structure  arc  discussed  below. 
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11.1.  T1IE  PARALLEL-PLATE  CONDENSER  THEORY 
OF  THE  DODDLE  LAYER 

The  first  quantitative  theory  of  the  double-layer  structure  at  the 
metal-solution  interface  is  usually  associated  with  the  name  of  Helm- 
Zu  According  to  Helmholtz  <1 «.».!),  the  double  layer  may  he 
rcc'rded  as  an  equivalent  of  an  electrical  parallel-plate  condenser, 
one  plate  of  which  coincides  with  the  plane  passing  through  the  sur- 
f-.ee  charges  in  the  metal  and  the  other  with  the  plane  connecting 
i,e  centres  of  the  ions  residing  in  the  solution  hut  attracted  to  the 
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mHal  surface  by  forces  (Fig.  U.l).  Tire  llricknea  of  Ihc 

double  later  t  (i.e.,  the  distance  between  the  condenser  piatesj  is 
Inke.'  to  b,  «,.„1  lo  Ihc  iooic  r.uliosr,.  By  U.e  law  of  M* 
It-  which  also  holds  for  the  phase  boundary,  the  number  of  tons 
drawn  to  the  inulal  surface  must  be  such  as  to  precisely  compensate 
the  surface  charges  of  the  metal,  i.e., 

9m  =  — 9l 

if  </„  and  at  arc  surface  charges  per  unit  area  (or  charge  densities) 
on  the  metal  side  and  the  solution  side  of  the  interface. 

From  the  familiar  equation  for  the  parallel-plate  condenser  it 
follows  that  the  charge  density  is  directly  proportional  to  the  metal- 
solution  potential  dilTeroncc  due  to  a  complete  double  layer. 

9  =  Cguutit  <“-2> 

where  C  is  the  capacity  (capacitance)  of  the  double  layer. 

The  model  of  the  electrical  double  layer  in  accord  with  these i  sim¬ 
plest  conceptions  implies  two  possible  values  of  the  zeta  potential. 
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If  ft  u 

moving  t^,Ul.l|C<*  'bat  *11  the  charges  in  the  solution  arc  capable  ol 
ving  rclati  •  °r  wi,b  l^e  liquid  or  arc  not  entrained  by  a  solid  mo- 
niaSniludoV*n0  l*,e  t*lc  zc,a  potential  will  then  coincide  in 

Concentmi  l*lc  Slm  potential  and  its  variation  with  electrolyte 
Se,,l  in  ii,  n  I?lust  obey  the  Ncrnst  formula.  But  if  the  charges  pro- 
logetlicr  \VC1,SOlu'ion  arc  bound  strongly  with  the  solid  and  move 
other)  ii.  "I*  ("'hen  the  liquid  and  the  solid  move  relative  to  each 
corollari..0  P°tcntial  will  always  be  equal  to  zero.  None  of  these 
mentallv  i  k*?0  Hdmbollz  theory  is  consistent  with  the  experi- 
or  with  U  oslablishcd  relation  between  the  e  (or  gL>i)  and  t  potentials 
if  jj  s,  ,c  exPcriincnlal  concentration  dependence  of  the  l  potential 
central.,  i  ?ssun,od  that  the  latter  may  be  equal  to  zero  in  very  con- 
corroo.  '  ..  ecl,'°lyte  solutions  or  at  a  definite  solution  composition 
docs  ii*?,.  .ln/».'°  'be  isoelectric  point.  Also,  the  Helmholtz  theory 
chanimv  *i'X’,  u.‘n  "by  the  surface  charge  density  on  the  metal  surface 
rv-acti  !U  a.8‘vcn  value  of  the  e  potential  in  the  presence  of  capilla- 
m-.i  i  '*  •^"“stances.  At  the  same  time  the  parallel-plate  condenser 
'bo  double  layer  allows  one  to  obtain  double-layer  capacities 
lavnr  .Vl.'  ,w',b  experiment  and  also  a  physically  plausible  double- 
a  d  bmkness  based  on  experimental  values  of  the  capacity.  For 
one  c  *lavinK  'be  properties  of  a  parallel-plate  condenser 


&,=c 


(11-4) 


^  being  equal  t0  the  dielectric  constant  (permittivity)  of  the  medium 
Hlling  the  space  between  the  plates  of  the  condenser. 

In  solutions  containing  no  surface-active  substances  the  capacity 
of  a  mercury  electrode  on  the  negative  (descending)  branch  of  the 
clectrocnpillary  curve  is  on  the  average  20  pF/cin1.  Since 

1  . L?™;??1:*!*!?- , <j I0„  „„  0|,u.iis, 

1  V..I.XJJ5 

llicn  i  ,iF  =  1  x  10'*F  =  9  X  10‘  cs>i  of  capacity  and  hence 
-i  =  7-L.«0.4x  10_tcm 


If  we  assume  that  the  solvent  in  the  double  layer  is  in  a  slate  close 
to  dielectric  saturation,  the  dielectric  constant  may  be  taken  to  be 
close  to  unity  (from  1  to  5).  The  thickness  of  the  double  layer  will 
then  be  of  the  order  of  10**  cm.  which  corresponds  to  (he  usual 
ionic  radii.  Similarly,  by  substituting  the  value  of  ionic  radius 
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(n  X  10'"  cm)  for  l  into  Eq.  (1 1.4)  and  assuming  that  D  lies  between 
1  and  one  can  obtain  double-layer  capacities  coinciding  with 
experimental  values.  However  Eq.  (11.3)  does  not  account  for  the 
experimentally  observed  change  in  the  capacity  with  potential  and 
with  ion  concentration  in  solution.  The  Helmholtz  theory  is  thus 
incapable  of  providing  a  satisfactory  interpretation  of  the  basic 
experimental  regularities  associated  with  the  double-layer  structure 
and  cannot  therefore  be  considered  perfect.  In  many  cases,  however, 
especially  in  the  region  of  concentrated  electrolyte  solutions,  this 
theory  leads  to  conclusions  which  agree  with  experiment.  Hence,  the 
Helmholtz  theory  reflects  more  or  less  correctly  the  true  structure 
of  the  electrical  double  layer. 

11.2.  THE  DIFFUSE- LAYER  THEORY 
The  Helmholtz  theory  does  not  take  into  account  that  the  proper¬ 
ties  of  the  double  layer  change  with  electrolyte  concentration  and 
temperature,  (louy  (1910)  and  Chapman  (1913)  made  an  attempt  to 
eliminate  this  weakness  of  the  Helmholtz  theory  by  relating  the 
charge  density  in  the  double  layer  to  the  solution  composition. 
They  noted  that  the  strictly  lixed  array  of  ions  postulated  in  the 
parallel-plate  model  is  in  fact  impossible  because,  apart  from  the 
electrostatic  forces  arising  between  the  metal  and  the  ions,  the  latter 
are  also  acted  on  by  the  forces  of  thermal  molecular  motion.  Under 
the  combined  effect  of  these  forces  the  ions  in  solution  arc  distributed 
diffusely  relative  to  the  metal  surface,  the  space  charge  density 
decreasing  with  distance  from  it  just  as  the  density  of  the  atmosphere 
changes  with  height.  I-'or  this  structure  of  the  double  layer  one  cannot 
make  use  of  the  formula  for  a  parallel-plate  condenser  to  express  the 
relation  between  the  potential  and  the  charge  density.  In  accordance 
with  the  law  of  electroncutralily  one  can  write: 

9m  =  — 9l 

i.e..  the  net  charge  density  r/L  on  the  electrode  must  be  equal  in 
magnitude  and  opposite  in  sign  to  the  net  charge  density  q l  on  the 
solution  side.  But  in  order  to  find  the  value  of  q\.  as  a  function  of 
potential  some  definite  assumptions  must  be  made  on  the  law  of  its 
variation  with  distance  from  the  electrode.  Gouy  and  Chapman  main¬ 
tain  that  the  ions  may  be  viewed  as  material  points  having  no 
volume  but  possessing  a  definite  charge  and  that  their  distribution 
in  the  field  of  the  charge  smeared  uniformly  over  the  electrode 
surface  obeys  the  Boltzmann  formula  (Fig.  11.2).  The  value  of  q  1,  is 
determined  in  this  case  by  summation  of  all  the  excess  charges  of  the 
ions  (positive  for  a  negatively  charged  and  negative  for  a  positively 
charged  metal  surface)  present  in  a  liquid  column  normal  to  the 
electrode  surface  and  having  a  cross-sectional  area  of  1  cm*. 
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The  magnitude  of  the  surface  charge  per  unit  area  on  the  solution 
side  of  the  interface  is  found  in  the  same  way  as  the  charge  density 
of  the  ionic  atmosphere  in  calculations  of  the  ionic  activity  coeffi¬ 
cient  by  the  first  approximation  of  the  Debye-Huckel  theory  *>. 
The  starting  points  in  both  cases  arc  the  Boltzmann  and  Poisson 


(a)  t b ) 

Fig-  11.2.  The  C.ouy-Cliii|iuiiin  difliisc-cliuret-  model  of  tin-  double  layer: 


equations.  In  determining  one  coordinate  is  sufficient,  namely 
the  distance  from  the  electrode  surface  into  the  bulk  of  I  lie  solution. 
In  this  particular  case  Poisson’s  equation  (2.31)  is  simplified  lo 

v**  =  Tp  =  —TJli.  (11-5) 

One  can  therefore  write  for  qx_ 

/■THPF7  y<LMI«'  FgLH<'i> 

q,=V  lT(f  2"T  (11.6) 

Equation  (11.6)  refers  to  a  completely  dissociated  uni-univalent  bina¬ 
ry  electrolyte  (a  =  1,  c,  =  c.  =  c)  which  obevs  the  laws  for  ideal 
gas  systems. 

The  concept  of  the  zeta  potential  docs  not  figure  in  the  diffuse- 
double-layer  theory  and  its  value  therefore  does  not  appear  in 
hq.  (11.(5).  Nevertheless,  this  theory  is  in  belter  agreement  with  the 
regularities  established  in  studying  elcctrokinctic  phenomena  than 
the  Helmholtz  theory.  Indeed,  if  one  assumes  that  beyond  a  certain 
distance,  say  /,.  the  ions  arc  no  longer  bound  strongly  with  the  ele¬ 
ctrode  surface  during  the  relative  motion  of  the  solid  and  liquid 
phases,  the  value  of  the  potential  corresponding  to  this  distance 
(see  rig.  1 1 .— )  may  then  be  identified  with  the  zeta  potential.  By 
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Ihc  Gouy-Chapman  theory  and  also  according  to  an  analysis  of  elt- 
ctrokinotic  phenomena,  the  zcla  potential  is  in  fact  different  from 
both  the  total  potential  difference  <7j.m  and  the  electrode  potential 
e.  C  being  smaller  than  gLM.  If  the  concentration  of  the  solution 
increases,  the  charge  density  qt.  will  also  increase  simultaneously. 
The  forces  of  attraction  between  the  metal  surface  and  the  oppositely 
charged  ions  become  stronger,  while  the  degree  of  diffusion  and  Ihc 


Fig.  11.3.  Comparing  the  experimental  (u)  and  theoretical  (6)  (according  to 
the  Gony-Chapmon  theory)  curves  of  differential  capacity  for  O.OOIA'  NaF 

magnitude  of  the  zeta  potential  decrease,  which  agrees  well  with 
experimental  data.  The  Gouy-Chapman  theory  however  docs  not 
account  for  such  experimental  facts  as  the  reversal  of  the  sign  of 
the  t  potential  and  the  recharging  of  the  metal  surface.  According 
to  this  theory,  the  sign  of  the  £  potential  must  always  be  identical 
with  that  of  the  total  potential  difference  across  the  metal-solution 
interface. 

The  value  of  the  capacity  can  be  obtained  by  differentiating  both 
sides  of  F.q.  (11.(5)  with  respect  to  the  potential  Ki.wq).  which  may 
be  replaced,  with  a  certain  degree  of  approximation,  by  the  electrode 
potential  on  the  correlative  <p  scale. 

Figure  1 1 .3  compares  the  experimental  curve  of  the  variation  of 
the  double-layer  capacity  with  the  (p  potential  for  a  mercury  electrode 
in  an  aqueous  O.OOIA'  NaF  solution,  obtained  by  Grahame.  with 
the  theoretical  curve  calculated  for  the  same  solution  from  Eq.  (11.(5) 
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after  its  differentiation  with  respect  to  the  <p  potential.  Neither  the 
course  of  the  theoretical  curve  with  potential  nor  the  absolute  values 
of  capacity  agree  with  experimental  data  *>.  The  discrepancy  becomes 
still  more  pronounced  for  concentrated  solutions.  The  calculated 
capacities  are  several  times,  even  several  lens  of  limes,  as  high  as  the 
experimental  values.  For  example,  the  experimental  values  of  the 
capacity  in  1.0  JV  solutions  of  NaF  and  KC1  at  the  point  of  zero  charge 
(the  elcctrocapillary  maximum)  are.  respectively.  25.7  and 
39.0  pF/cnr.  while  calculations  yield  a  value  of  228.0  uF/cm2.  This 
discrepancy  arises  from  the  neglect  in  the  Gouy-Chapinan  theory  of 
the  volume  of  ions,  these  being  regarded  as  point  charges.  As  a  re¬ 
sult.  in  the  diffuse-layer  model  nothing  prevents  the  ions  from  getting 
infinitely  close  to  the  metal  surface.  The  solution  portion  of  the  dou¬ 
ble  layer  may  prove  to  he  localized,  despite  its  diffuse  structure,  in 
a  very  thin  lamina  of  thickness  considerably  smaller  than  the  ionic 
radius.  According  to  Eq.  (11.4)  the  capacity  is  inversely  proportio¬ 
nal  to  the  double-layer  thickness.  The  possible  compression  of  the 
diffuse  layer  to  a  thickness  smaller  than  the  ionic  radios  results  in 
overstated  values  of  the  capacity,  llnis.  the  Gouy-t'hapman  model, 
although  providing  a  heller  explanation  of  elect roki net  ic  phenomena 
than  the  Helmholtz  theory,  proves  less  efficient  when  applied  to 
quantitative  calculations  of  tile  double-layer  capacity. 


11.3.  T1IE  ADSORPTION  THEORY  OF  THE  DOUBLE  LAYER 
The  Gouy-Chapmnn  theory  is  best  justified  where  the  Helmholtz 
theory  is  found  to  he  inapplicable,  and.  conversely,  where  the  diffu¬ 
se-charge  model  yields  wrong  results,  the  parallel-plate  model  provi¬ 
des  a  better  agreement  with  experiment.  Hence,  the  structure  of  the 
electrical  double  layer  must  be  described  by  a  certain  combination  of 
the  models  proposed  by  Helmholtz  and  Gouy.  This  synthesis  was 
made  by  Stern  in  1924  in  his  adsorption  theory  of  the  double  layer. 
According  to  the  Stern  picture,  part  of  the  ions  in  solution  stick  to 
the  electrode,  forming  the  Helmholtz  sheet  of  the  double  layer  with 
a  thickness  corresponding  to  the  average  radius  of  the  electrolyte 
ions  2>.  The  remaining  ions  in  the  double  layer  are  diffusely  spread 
out  with  decreasing  charge  density.  Like  Gouy.  Stern  neglected  the 
size  of  the  ions  in  the  diffuse  portion  of  the  double  layer.  Besides. 
Stern  suggested  that  in  the  Helmholtz  region  the  ions  are  held  not 


charge  on  the  metal. 

,h?  Pa‘h  outlined  by  Debye  and  Hiickol  in  their 
second  approximation.  Thus,  the  advances  in  tho  theory  of  solutions  contributed 
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only  bv  electrostatic  forces  but  also  by  forces  of  specific  adsorption, 
which  "are  of  noncoulombic  origin.  In  solutions  containing  capillary- 
active  ions,  the  number  of  such  ions  in  the  Helmholtz  double  layer 
mav  therefore  not  be  equivalent  to  the  charge  on  the  metal  surface 
but  exceed  it  by  a  certain  amount  depending  on  the  properties  of 


Kiit. 


II  flu*  Stern  model  of  (tic  double  layer.  The  molecular  picture  (topi 
variation  of  potential  with  distance  (bottom)  for  solutions  of  capillary- 
live  ‘substances  («)  and  solutions  containing  capillary-active  anions  (f» 


the  ions  and  the  charge  of  the  metal.  Thus,  according  to  Stern,  I  wo 
models  of  I  he  double  layer  should  be  distinguished,  one  pertaining 
to  solutions  of  capillary-inactive  electrolytes  and  the  other  to 
solutions  containing  specifically  adsorbed  ions  (Fig.  11.4).  As  before. 

7  m  =  — 7i. 

However,  in  contrast  to  the  Helmholtz  and  Couy-Chapmon  models 
the  Stern  model  pictures  the  charge  density  q l  on  the  solution  side 
as  consisting  of  two  parts— the  charge  density  in  the  Helmholtz 
layer  q»  and  the  charge  density  in  the  diffuse  layer 
<7l  =  7»i  +  7<i  =  —7m 


(11.7) 
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The  quantity  gL  can  be  determined  by  the  formula 

'/l  =  (ff  lm<*)  —  ?)  (11.8) 

which  differs  from  Eq.  (11.3)  of  the  parallel-plate  model  in  that  it 
contains  a  potential  fall  in  the  Helmholtz  region  of  the  double  layer 
instead  of  the  potential  difference 

Taking  into  account  that  beyond  the  distance  r,  the  charges  in 
the  double  layer  arc  distributed  diffusely,  one  can  write  the  follo¬ 
wing  equation  for  qd: 

(H.o) 

As  distinct  from  the  Gouy  theory,  the  quantity  <•/,,  in  Kq.  (11.9) 
depends  not  on  the  whole  metal-solution  potential  difference  but  on 
that  part  of  it  which  covers  the  potential  drop  in  the  diffuse  portion 
of  the  double  layer.  In  order  to  find  the  value  of  </ii.  Stern  assumes 
that  the  energy  of  the  ion  on  the  inclal  surface  and  in  the  solution 
is  not  the  same.  It  differs  by  a  value  made  up  of  the  electrical  work  of 
transferring  the  ion  from  the  bulk  of  the  solution  into  the  Helmholtz 
layer,  ±/’£,  and  the  energy  of  ion  adsorption  <l>.  I  .'sing  the  same 
urgumcul  as  in  the  familiar  derivation  of  the  Langmuir  adsorption 
isotherm,  Stern  arrives  at  the  following  equation: 

<7ll=fTmai| - ^  - ^  ,r\  (11.10) 

where  rm„,  =  maximum  number  of  ions  capable  of  being  adsorbed 
on  a  unit  surface  area 

and  <l>+  =  energies  of  adsorption  of  electrolyte  anions  and 
cations. 

Combining  Eqs.  (11.8).  (11.9)  and  (11.10).  Stern  obtains  the  gene¬ 
ral  equation  (known  as  the  Stern  equation)  for  uni-univalent  electro¬ 
lytes: 


U 


(11.11) 
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The  Stem  theory  allows  one  to  define  the  zeto  potential  as  the 
potential  fall  beyond  the  Helmholtz  double  layer,  i.e.,  as  the  poten¬ 
tial  fall  in  the  diffuse  portion,  where  the  ions  are  no  longer  strong  y 
bound  with  the  metal  surface  *>.  Thus  defined,  the  £  potential  should 
not  coincide  with  g*u«>  or  wilh  Jhe  Potential,  and  this  is 

confirmed  by  experiment.  From  the  model  presented  in  Fig.  11.4 
it  follows  that  in  solutions  of  capillary-active  electrolytes  the  £ 
potential  not  only  does  not  coincide  wilh  the  total  potential  diffe¬ 
rence  in  magnitude  but  may  also  be  opposite  in  sign.  Thus,  Stern  s 
theory  was  able,  unlike  the  Helmholtz  and  Gouy-Chapman  theories, 
to  account  for  the  experimentally  observed  recharging  of  the  surface 
of  a  “olid  body  and  the  change  of  sign  of  the  elcclrokinetic  potential. 

Equation  (11.11)  shows  that  as  c  0  its  right-hand  side  must  also 
tend  to  zero  and,  consequently, 

£i.m(.7)c_o  “*■  5 

i  c  at  an  infinitely  small  concentration  all  the  charges  in  the  solu¬ 
tion  are  randomly  distributed  and  the  double-layer  structure  is  des¬ 
cribed  by  the  Gouy-Chapman  theory.  Conversely,  as  the  concentration 
increases  the  degree  of  diffusion  will  diminish  since  qH  increases 
proportionally  to  the  concentration  c  to  the  first  power,  while  qd 
increases  proportionally  toe1'*,  i.e.,  slower  than  qH  and,  consequent¬ 
ly  for  concentrated  solutions  the  quantities  qd  and  £  may  be  disre¬ 
garded  as  compared  with  q„  and  In  concentrated  solutions 

the  “Intel  urc  of  the  double  layer  is  closely  similar  to  the  model 
proposed  by  Helmholtz.  In  the  region  of  moderate  concentrations 
where  ;  is  comparable  wilh  RTIF  in  magnitude,  its  dependence  on 
concentration  can  be  expressed  by  the  following  approximate  equa¬ 
tions  based  on  the  Stern  formula: 

(1)  for  positive  values  of  £ 

t-B-Sf  Inc  (H12> 

(2)  for  negative  values  of  £ 

t-fl'  +  SW  (11.13) 

where  11  and  B'  mav  be  taken  as  approximately  constant  quantities 
for  conditions  under  which  the  charge  on  the  metal  surface  does  not 


»  Equation  (11.11)  corresponds  to  the  assumption  that  only  the  first  ion 
Inver  adjacent  to  the  metal  surface  is  stationary;  if  the  bonding  between  the  ions 
and  l lie  electrode  remains  sufficiently  strong  in  one  or  several  subsequent  ionic 
lovers,  the  value  of  the  zcla  potential  contained  in  the  equations  ol  the  btern 
theory  must  be  larger  than  the  £  potential  determined  experimentally  Irorn  tne 
results  of  elcclrokinetic  measurements. 
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The  Stem  theory  yields  a  correct  interpretation  of  the  dependence 
of  the  shape  of  the  electrocapillary  curve  on  the  concentration  and 
nature  of  the  electrolytes  present,  though,  as  pointed  out  by  Esin 
and  Markov  on  experimental  evidence  (the  Esin-Markov  oflect) 
it  does  not  provide  quantitative  agreement  with  experiment.  In 
calculating  the  capacity  by  the  Stem  formula  it  is  necessary  to 
remember,  in  accordance  with  the  Stern  model,  that  the  total  capaci¬ 
ty  C  of  the  double  layer  is  composed  of  the  capacity  C„  of  the  Hel¬ 
mholtz  region  and  the  capacity  Cd  of  the  Gouy  region  of  the  double 
layer,  the  latter  being  in  series  with  Cn: 

With  the  assumptions  made  by  Stern  the  capacity  of  the  diffuse 
layer  (the  Gouy  region)  must  be  considerably  greater  than  that  of 
the  Helmholtz  region  and,  as  follows  from  Eq.  (11.14),  the  total 
capacity  is  determined  mainly  by  the  capacity  of  the  Helmholtz 
portion  of  the  double  layer.  The  determination  of  the  capacity  by  the 
Stern  theory  therefore  leads  to  results  consistent  with  experiment 
both  in  the  magnitude  of  the  capacity  and  in  the  character  of  its 
dependence  on  the  electrode  potential  and  the  solution  concentra- 


11.4.  FURTHER  DEVELOPMENT 
OF  THE  DOUBLE-LAYER  THEORY 


The  Stern  theory  is  a  more  or  less  correct  reflection  of  Hie  structure 
and  properties  of  the  electrical  double  layer.  Both  the  theory  and 
the  corresponding  double-layer  model  are  used  in  investigations  of 
electrochemical  phenomena  in  which  the  double-Inver  structure 
plays  an  important  role  The  Stern  theory,  however,  as  admitted 
by  its  author,  is  not  free  of  defects. 

Many  attempts  have  been  made  to  elaborate  such  a  theory  of  the 
double  layer  that  would  agree  quantitatively  with  experimental 
data.  For  example,  Reuss  (1926-28)  suggested  that  inside  the  metal, 
too  the  charges  arc  not  al  localized  in  one  plane,  but  are  distributed 
in  the  bulk  of  the  metal  with  gradually  decreasing  density.  The 
concept  of  two  diffuse  layers  on  either  side  of  the  interface  is  hardly 
applicable  to  the  case  where  one  of  the  contiguous  phases  is  a  metal. 
H  may  hold  true  for  the  boundary  between  ion-conducting  phases 
and  also  for  he  interface  between  a  semiconductor  and  a  solution. 
Esin  and  Shikhov  (1943)  improved  the  Stem  theory  by  taking  into 
account  discreteness-of-charge  effects.  They  assumed  that  adions 
(specifically  adsorbed  ions)  mil  be  present  in  the  double  laver  as 
mutually  associated  ion  pairs,  each  pair  consisting  of  an  anion  and 
a  cation.  This  idea  was  further  elaborated  by  Ershler  (1946).  who 
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advanced  the  viewpoint  that  the  hexagonal  array  of  the  adion* 
associated  with  a  distorted  ionic  atmosphere  on  the  solution  side  of 
the  interface  is  the  most  probable.  The  Ershler  model  permits 
a  satisfactory  interpretation  of  the  role  of  capillary-active  10ns 
in  the  shift  of  the  cloclrocapillary  maximum. 

The  theory  of  the  double-layer  structure  was  further  developed 
in  the  works  of  Frumkin  and  his  school  and  also  of  Grahamc.  Parsons, 
Devanalhan  and  other  workers.  According  to  these  «"'h°rs  two 
planes  should  be  distinguished  in  the  dense  portion  of  the  double 
layer:  the  inner  and  outer  Helmholtz  planes,  rhe  inner  Helmholtz 
plane  (referred  to  as  IHP)  is  composed  of  spccif.cal  y  adsorbed  ions 
partly  or  completely  dehydrated  and  forming  dipoles  with  the 
metal.  The  outer  Helmholtz  plane  (OHP)  contains  hydrated  10ns 
drawn  to  the  metal  surface  by  electrostatic  forces.  Between^thc 
OHP  and  the  bulk  of  the  solution  is  a  diffuse  layer.  It  has  been 
shown  that  in  many  cases  this  model  of  the  double  layer  has  a  num¬ 
ber  of  advantages  over  the  Stern  picture.  It  provides  a  more  compre¬ 
hensive  interpretation  of  experimental  regularities.  Much  attention 
is  focussed  at  present  on  the  role  of  solvent  molecules  and  adsorbed 
uncharged  particles  in  the  formation  of  a  double  layer  at  the  motai- 
snlution  interface. 


PART  FIVE 

Nonequilibrium  (Irreversible)  Electrode 
Processes 


The  practical  utilization  of  electrochemical  systems  (as  chemical 
sources  of  current  or  as  electrolytic  cells)  is  always  associated  with 
an  electrochemical  reaction  proceeding  in  one  direction  at  a  finite 
rate.  Natural  electrochemical  processes  such  as  the  corrosion  of 
metals  under  the  influence  of  the  environment,  also  proceed  in  one 
direction  at  a  perceptible  rate.  In  both  cases,  therefore,  electroche¬ 
mical  systems  are  not  at  equilibrium  and  their  properties  are  essen¬ 
tially  different  from  the  properties  of  the  corresponding  equilibrium 
(reversible)  systems. 

Since  the  overall  reaction  in  an  electrochemical  system,  or  cell, 
is  composed  of  electrode  reactions,  the  behaviour  of  each  of  the 
electrodes  under  irreversible  conditions  must  differ  from  their 
behaviour  under  equilibrium  conditions.  The  equilibrium  state  of 
an  electrode  can  be  characterized  as  follows. 

1.  The  rate  at  which  an  electrochemical  reaction  proceeds  in  the 
anodic  and  cathodic  direction  is  the  same  on  the  equilibrium  electrode 
os  a  whole  and  on  any  portion  of  it  sufficiently  large  as  compared 
with  the  size  of  molecules.  If  the  electrode  reaction  can  he 
represented  as 

M**  +  atm  M 

the  transfer  of  one  and  the  same  type  of  ions  M'*  across  the  electrode- 
electrolyte  interface  occurs  at  equal  frequence  in  both  directions. 
Since  any  electrochemical  reaction  involves  charged  particles,  the 
frequency  of  the  transfer  of  charged  particles  in  cither  direction 
must  be  equivalent  to  a  certain  amount  of  current.  At  equilibrium 
/.  =  /,  =  /» 

where  /„  and  Ic  =  currents  corresponding  to  anodic  and  cathodic 
processes 
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1°  =  exchange  current  density  equal  to  /„  and  Ic 
each  in  absolute  value;  it  characterizes  the 
kinetics  of  ion  exchange  under  equilibrium 
conditions. 

2.  The  rates  of  one  and  the  same  electrode  reaction  in  two  opposite 
directions  being  equal,  no  changes  occur  in  the  qualitative  and 
quantitative  composition  of  a  system  at  equilibrium,  flic  nature 
and  mass  of  electrode  as  well  as  the  composition  of  the  electrolyte 
remain  unaltered.  .  ... 

3  Since  the  partial  currents  /„  and  /e  are  equal,  it  follows  that 
under  the  conditions  of  established  equilibrium  the  charge  on  the 
metal  with  respect  to  the  solution  and  hence  the  electrode  potential 
are  independent  of  lime:  they  arc  determined  only  by  the  composi¬ 
tion  of  the  system,  its  temperature  and  pressure.  The  electrode 
potential  e  under  these  conditions  is  called  the  reversible  or  equilibrium 
electrode  potential.  Its  value  (on  the  arbitrary  scale)  can  be  calculated 
with  the  aid  of  general  thermodynamic  equations  provided  the  elec¬ 
trode  reaction,  the  activities  of  the  reacting  substances,  the  tempe¬ 
rature  aud  pressure  arc  known. 

4  The  emf  of  an  equilibrium  electrochemical  system  is  determin¬ 
ed  bv  the  f roe-energy  change  in  the  reaction  taking  place  in  the  cell. 

A  iioneunilibriuni  electrochemical  system,  i.c.,  a  system  in  which 
electrochemical  reactions  proceed  in  a  given  direction  at  a  finite 
rate,  is  characterized  by  the  following  features. 

1  |||,.  r;iie  0f  an  electrochemical  reaction  in  the  anodic  and 

cathodic  directions  is  not  the  same 

I„  =*/<  *=/9 

Neither  of  the  partial  currents  is  equal  to  the  exchange  current 
density  \s  a  rule,  in  a  nonequilibrium  (irreversible)  electrochemical 
system  one  of  the  two  possible  electrode  reactions  (corresponding 
to  the  two  electrodes  of  the  cell)  proceeds  predominantly  in  the 
anodic  direction  and  for  this  reaction 
/„>/« 

and  the  other,  predominantly  in  the  cathodic  direction  and  for  it 

/„</. 

In  the  case  of  the  reaction 

M:*  +  ze  =  M 

the  transfer  of  one  and  the  same  type  of  ions  across  the  dectrode- 
clcctrolyle  interface  lakes  place  at  diflerent  frequencies. 

2.  Because  the  reaction  proceeds  predominantly  in  one  direction 
the  mass  (and  often  also  the  nature!  of  the  electrode  and  the  compo- 
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sition  of  the  solution  near  the  electrode  are  ultimately  found  to 
be  changed  as  compared  with  the  state  of  equilibrium. 

3.  The  electrode  potential  e,  is  not,  in  a  general  case,  equal 
to  the  equilibrium  electrode  potential  er  and  cannot  be  calculated 
thermodynamically.  Its  value  depends  not  only  on  the  nature  of  the 
system,  the  temperature  and  pressure,  but  also  on  the  current  inten¬ 
sity. 

4.  When  a  steady-state  process  is  set  up,  the  nonequilibriuin 
electrode  potential  may  be  found  practically  independent  of  lime, 
like  the  equilibrium  potential.  This  steady-state  value  of  the  elec¬ 
trode  potential  under  the  applied  current  is  called  the  stationary 
or  steady-stale  potential  e,. 

5.  The  magnitude  of  the  voltage  E,  for  irreversible  electrochemi¬ 
cal  systems  is  different  from  the  reversible  value  of  emf  Er.  The 
voltage  of  galvanic  cells  is  in  this  case  lower  and  the  voltage  across 
the  electrolytic  cell  larger  than  the  reversible  ernf.  The  value  of 
Ei  is  not  determined  unambiguously  by  the  change  in  the  free  energy 
of  the  corresponding  reaction. 

Thus,  for  an  irreversible  electrochemical  system,  or  cell,  there 
must  exist  a  definite  relationship  between  the  current  intensity 
and  the  rate  of  the  chemical  change  taking  place  in  it  and  also  bet¬ 
ween  the  current  intensity  and  the  voltage  E-,  or  the  potentials 
involved  in  the  electrode  system. 


CHAPTER  12 

The  Chemical  Effect  of  Electric 
Current 

12.1.  FARADAY’S  LAWS 

12  1.1.  THE  ESSENCE  OK  FARADAY’S  LAWS. 

ELECTROCHEMICAL  EQUIVALENTS 
Since  I  he  passage  of  an  electric  current  through  electrochemical 
systems  or  cells,  entails  chemical  reactions,  a  definite  relationship 
must  exist  between  the  quantity  of  electricity  passed  through  the 
cell  and  the  amount  of  chemically  reacted  mailer.  '1  his  relationship 
was  discovered  by  .Michael  Faraday  and  expressed  in  the  first  quanti¬ 
tative  laws  of  electrochemistry  later  named  Faraday's  Laws  of 
Electrolysis. 

Faraday’s  first  law  states  that  the  amount  of  reacted  substance 
is  directly  proportional  to  the  quantity  of  electricity  passed  through 
the  cell.'  This  law  is  mathematically  expressed  by  the  equation 
Am  =>  kjt  =  (12.1) 

where  Am  =  amount  of  chemically  reacted  substance 
A-,  --  proportionality  factor 

</  =  quantity  of  electricity  equal  to  the  product  of  the 
current  /  by  the  elapsed  lime  t. 

Ifo  -  /(  =  1.  then  Am  =  kc,  i.c.,  the  coefficient  k0  represents  the 
amount  of  chemical  change  produced  by  a  unit  quantity  of  electri¬ 
city.  The  coefficient  ke  is  called  the  electrochemical  equivalent.  As  the 
unit  quantity  of  electricity  may  be  expressed  in  various  ways 
(1  C  -=  1  A-scc;  1  F  =  26.8  A-hr  =  96.500  C),  a  distinction  should 
be  made,  for  each  particular  reaction,  between  electrochemical 
equivalents  corresponding  to  these  three  units:  a-mc k„  a-hAv  and 
fkc.  For  gaseous  and  liquid  substances  the  expression  for  the  electro¬ 
chemical  equivalent  may  contain  volume  instead  of  mass.  Electro¬ 
chemical  equivalents  for  some  important  reactions  are  listed  in 
Table  12.1. 

Faraday's  second  law  reflects  the  relation  between  the  amount 
of  chemically  reacted  matter  and  its  nature.  From  the  second  law 
it  follows  that  at  a  constant  current  the  masses  of  the  reacted  substan¬ 
ces  are  interrelated  in  the  same  way  as  their  chemical  equivalents  A: 

Am,  =  Am1  =  iW1=  =COnst  (12.2) 

If  the  farnday  is  chosen  as  the  unit  quantity  of  electricity,  then 
Am,  =  wk.t  =  At,  Am*  =  =  ■‘‘U  and  Am,  «=  Tka3  =  4* 
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from  which,  in  accordance  with  the  definition  of  at  q  —  1  K 
=  ip  =  . . .  const  =  1  (12.3) 

The  last  equation  makes  it  possible  to  combine  the  two  Faraday  laws 
into  n  single  general  law,  by  which  the  amount  of  electricity  equal 
to  one  faraday  (or  96,500  coulombs  or  26.8  amperes  per  hour)  invari¬ 
ably  produces  an  electrochemical  change  of  one  gram-equivalent 
of  a  substance. 


12.1.2.  CURRENT  EFFICIENCY 

Faraday’s  laws  arc  the  most  general  and  exact  quantitative  laws 
of  electrochemistry.  In  most  cases,  however,  the  amount  of  a  given 
substance  undergoing  electrochemical  change  is  smaller  than  count 
be  expected  on  the  basis  of  Faraday's  laws.  For  example,  if  a  current 
is  passed  through  an  acidified  solution  of  zinc  sulphate,  about 
0.0  g-eq  of  zinc  instead  of  1  g-eq  is  usually  deposited  per  one  faraday 
of  electricity  consumed.  Similarly,  if  chloride  solutions  arc  subjected 
to  electrolysis,  the  passage  of  one  faraday  of  electricity  will  produce 
not  one  bill  a  little  less  than  0.9  g-eq  of  gaseous  chlorine.  These 
examples  however  are  only  apparent  deviations  from  Faradays 
laws.  These  laws  postulate  that  the  amount  of  a  substance  (simple 
or  complex)  undergoing  chemical  change  as  a  result  of  the  passage 
of  one  faraday  of  electricity  corresponds  to  one  grain-equivalent. 
In  the  first  example  given  above  two  reactions  lake  place  at  the 
cathode: 

(a)  the  eleclrodeposilion  of  zinc 

Zn9+  +  2*  =  Zn 


(b)  the  formation  of  hydrogen  gas 

211*  +  2e  =  fl¬ 
it  one  determines  not  only  the  amount  of  deposited  zinc,  but  iilso 
the  quantity  of  evolved  hydrogen  gas.  the  total  amount  of  product 
formed  will  be  1  g-eq  (0.6  g-eq  of  zinc  and  0.4  g-eq  of  hydrogen 
Similarly,  the  results  obtained  with  the  evolution  of  chlorine  will 
not  contradict  Faraday’s  laws,  considering  that  a  certain  frncUon 
of  current  is  consumed  for  the  formation  of  oxygen  and  that  the 
chlorine  liberated  at  the  anode  may  partly  pass  into  solution  again 
as  a  result  of  secondary  chemical  reactions,  for  example,  according 
to  the  equation 

Cl-  +  H-0  =  HC1  +  HCIO 

To  lake  into  account  the  effect  of  parallel  and  secondary  reactions 
the  concept  of  current  efficiency,  or  current  yield.  Br.  has  been  intro 
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duccd.  Current  efficiency  is  the  fraction  of  current  passing  through 
a  cell,  which  accomplishes  the  desired  electrode  reaction: 


or.  expressed  as  a  percentage, 

Bc  =  &,  100  per  cent  (12.5) 

where  q,  =  quantity  of  electricity  consumed  for  a  given  reaction 
-rh  =  total  amount  of  electricity  passed. 

Tims,  in  the  first  example  the  current  yield  of  zinc  is  (JO  per  cent 
and  that  of  hydrogen,  40  per  cent.  The  expression  for  current  efficien¬ 
cy  is  often  written  down  in  the  form 

Bc  =  -^  100  per  cent  (12.<>) 

where  qc  =  quantity  of  electricity  calculated  by  Faraday's  formula 
qa  =  quantity  of  electricity  that  has  actually  been  consumed 
to  change  a  given  amount  of  substance. 

Current  efficiency  may  also  be  defined  as  the  ratio  of  the  amount 
of  the  converted  substance.  Am„,  to  the  amount  of  the  substance 
that  would  react  if  the  whole  amount  of  current  were  used  to  accom¬ 
plish  the  given  reaction,  Amc: 

Bc  =  100  per  cent  (12.7) 

If  among  several  passible  electrode  processes  only  one  is  desirable, 
then  its  current  efficiency  should  bc  made  as  high  ns  possible.  There 
arc  systems  in  which  the  whole  current  is  expended  on  a  single 
electrochemical  reaction.  Such  electrochemical  systems,  or  cells, 
are  used  to  measure  the  quantity  of  electricity  passed  and  are  called 
coulometers.  There  arc  three  principal  types  of  coulonuder:  the 
weight,  volume  and  titration  coulometers.  In  weight  coulometers 
(silver  and  copper  coulometers),  the  quantity  of  electricity  passed 
is  calculated  from  the  increase  in  the  weight  of  the  cathode.  I  n  volume 
coulometers,  the  total  volume  of  substances  formed  (gas  in  the  hydro¬ 
gen  coulomctcr  and  liquid  mercury  in  the  mercury  coulomctcr)  is 
measured.  In  titration  coulometers,  the  quantity  of  electricity  passed 
js  determined  from  data  on  the  titration  of  substances  generated 
in  solution  by  the  electrode  reaction.  In  this  method  anodic  dissolu¬ 
tion  of  silver  (the  Kistyakovsky  coulomctcr)  or  electrolytic  oxida¬ 
tion  of  iodide  ions  is  usually  used. 

12.1.3.  POSSIBLE  DEVIATIONS  FROM  FARADAY'S  LAWS 
Apart  from  systems  for  which  Faraday’s  laws  arc  quantitatively 
justified,  there  arc  also  systems  in  which  deviations  from  these 
aws  are  possible.  For  example,  calculations  based  on  Faraday's 
laws  will  prove  erroneous  in  the  case  of  an  electrolytic  cell  consisting 
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of  Uvo  platinum  electrodes  immersed  in  a  solution  of  metallic  potas¬ 
sium  in  liquid  ammonia.  Being  a  conductor  of  mixed  conductance, 
this  solution  exhibits  noticeable  metallic  conduction  and  during 
electrolysis  a  considerable  part  of  electrons  are  capable  of  leaving 
the  electrode  and  passing  directly  into  solution  without  causing 
any  chemical  change.  Similar  phenomena  are  observed  when  a  cur¬ 
rent  is  passed  through  gases.  Such  systems  however  are  not  true 
electrochemical  cells  consisting  only  of  first-  and  second-class  con¬ 
ductors.  In  true  electrochemical  cells,  the  transfer  of  electrons  from 
the  electrode  into  the  solution  and  vice  versa  is  invariably  associated 
with  a  chemical  change  and  so  it  obeys  Faraday's  laws.  Being  a  natu¬ 
ral  and  inevitable  consequence  of  the  very  nature  of  electrochemical 
transformation.  Faraday's  laws  should  at  the  same  time  be  regarded 
as  the  most  reliable  criterion  of  a  true  electrochemical  system. 


12.1.4.  FARADAY’S  LAWS  AND  THE  RATE 
OF  ELECTROCHEMICAL  PROCESSES 


The  r 


ate  of  an  electrochemical  reaction  v  is  defined,  like  that  of 
uiry  chemical  reaction,  as  the  amount  of  substance  converted 


(12.8) 


ince  the  amount  of  chemical  change  produced  by  electrolysis 
irectly  proportional  to  the  total  amount  of  electricity  passed, 
can  write,  using  Eq.  (12.1), 


and  so  the  rale  of  an  electrochemical  reaction  is  found  to  be  propor¬ 
tional  to  the  current  I.  As  ft,  is  constant  for  each  particular  reaction, 
the  current  I  can  then  be  conveniently  used  to  express  the  rate  of 
any  electrochemical  change.  If  the  current  is  referred  to  one  faraday. 
the  quotient  HF  will  be  the  rate  of  an  electrochemical  reaction  in 
terms  of  gram-equivalents  of  substance  and  the  quotient  IlzF  the 
reaction  rale  in  terms  of  grain-molecules  (gram-ions)  of  the  suh- 


A  specific  feature  of  electrochemical  reactions  is  that  they  all 
occur  at  the  electrode-electrolyte  interface  and  therefore  the  rale 
of  these  reactions  depends  on  the  surface  area  S2  of  the  interface. 
The  rale  of  an  electrochemical  reaction  is  thus  usually  referred 
to  the  unit  surface  area  of  the  interface  and  expressed  in  terms  of 
current  density  i: 

‘~7T  (12-10) 


The  rate  of  electrochemical  reactions  is  most  often  measured  in  A 'em* 
or  (in  industrial  electrochemistry)  in  A/m*. 
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Using  Faraday's  laws,  one  can  calculate  the  quanlily  of  elect rh 
cily  needed  to  produce  the  required  yield  of  electrolytic  product. 
Thus,  at  a  current  efficiency  of  100  per  cent  one  and  the  same  amount 
of  electricity  equal  to  one  faraday  is  required  to  produce  one  gram- 
equivalent  of  any  substance.  Faraday's  laws  determine  the  consump¬ 
tion  of  the  quantity  of  electricity  and  not  of  electrical  energy, 
which  will  not  be  the  same  in  producing  one  and  the  same  number 
of  gram-equivalents  of  a  substance;  the  consumption  of  electrical 
energy  depends  on  the  nature  of  the  substance,  the  type  of  the  reac¬ 
tion  producing  this  substance  and  also  on  the  reaction  conditions. 
If  the  value  of  F  yields  the  quantity  of  electricity  required  to  produce 
one  gram-equivalent  of  a  substance,  the  electrical  energy  consumed 
will  in  this  case  be  equal  to  the  product  FE.  For  each  substance 
there  is  a  specific  value  of  voltage  E  across  the  cell,  which  may 
vary  depending  on  the  conditions  under  which  the  electrochemical 
reaction  is  conducted. 

The  Swedish  chemist  Berzelius,  a  contemporary  of  Faraday,  doub¬ 
led  the  validity  of  Faraday's  laws  alleging  that  they  were  in  contra¬ 
diction  to  thormochcmical  data,  according  to  which  the  energy 
effects  associated  with  different  reactions  arc  not  equal.  In  his  cri¬ 
ticism  Berzelius  missed  out  the  difference  between  the  quanlily  of 
electricity  and  the  amount  of  electrical  energy. 

In  industrial  electrochemistry,  apart  from  the  quantile  of  electri¬ 
city.  the  electrical  power  consumed  for  carrying  out  a  particular 
technological  electrochemical  process  is  of  crucial  importance. 

12.2.  ELECTROANALYSIS  AND  COLLQMETRY 

The  transformation  of  substances  on  electrodes  under  (he  influence 
of  electric  current  obeys  Faraday’s  laws.  This  relationship  forms 
the  basis  of  two  quantitative  electrochemical  methods  of  investi¬ 
gation  aud  analysis  called  eUclroanalysis  and  coulomeln/. 

12.2.1.  ELECTROANALYSIS 

Klcclroiuinlysis,  or  clcclrogravimclry,  is  based  on  measuring  the 
weight  of  the  deposit  formed  on  the  electrode  surface  as  a  result 
of  the  passage  of  a  quanlily  of  electricity  sufficient  for  a  complete, 
or  practically  complete,  deposition  of  the  substance.  Klectrodcpo- 
silion  may  occur  on  the  cathode  (discharge  of  metallic  ions  with 
the  deposition  of  a  metal)  or  on  the  anode  (discharge  of  anions  with 
the  formation  of  the  corresponding  salts  or  oxides).  Knowing  the 
chemical  composition  of  the  deposit,  one  can  easily  calculate  from 
the  weight  of  the  deposit  the  amount  of  a  sough t-for  constituent 
in  the  original  solution.  Since  the  quanlily  of  electricity  consumed 
for  the  deposition  of  the  substance  is  not  included  in  subsequent 
calculations,  the  current  efficiency  in  cleclroanalysis  may  not 
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necessarily  be  equal  lo  100  per  cent.  A  fraction  of  Ibc  current  may 
be  consumed  for  other  electrode  reactions  provided  the  latter  do  not 
change  the  composition  of  the  deposited  metal  or  loosen  it  mechani¬ 
cally,  or  reduce  its  adhesion  to  the  electrode.  In  this  connection, 
the  wastage  of  a  certain  amount  of  current  on  the  evolution  of  hydro¬ 
gen  or  oxygen  can  be  tolerated.  It  should  however  be  kept  in  mind 
that  the  lower  the  current  yield  of  the  substance  lo  be  determined, 
the  more  lime  will  be  required  for  electrolysis. 

The  elect roa n alysis  of  solutions  containing  only  one  soughl-for 
ionic  species  is  carried  out  at  a  constant  current.  As  this  component 
is  deposited  and  the  solution  is  depicted  the  electrode  potential  gra¬ 
dually  changes.  At  a  predetermined  current  the  potential  of  the 
cathode  assumes  more  negative,  and  that  of  the  anode  more  positive 
values.  This  shift  of  the  potential  can  be  estimated,  lo  a  first  appro¬ 
ximation,  from  the  N crust  formula: 

e  =  e#  ±  -y-  log  c 

where  c  is  the  concentration  of  the  unknown  ions  and  the  plus  and 
minus  signs  refer,  respectively,  to  cations  and  anions.  If  in  the 
course  of  clcctroanalysis  the  potential  departs  from  its  original 
value,  say,  by  an  amount  of  3b°lz,  i.e..  is  about  0.18  V  for  univalent 
(3  x  0.06)  and  0.09  V  for  bivalent  (3  X  0.03)  ions,  the  ratio  of  the 
initial  concentration  of  the  ions  lo  be  determined  to  their  couccn- 
t ration  at  this  moment  will  be  equal  to  10*.  The  extent  of  deposition 
will  in  this  case  be  close  to  99.9  per  cent,  and  the  determination 
error,  of  the  order  of  0.1  per  cent.  Thus,  by  observing  the  change 
of  the  potential,  the  completion  of  the  deposition  process  can  he 
recognized.  In  practice,  the  end-point  of  the  electrolysis  is  identi¬ 
fied  with  tlic  aid  of  a  suitable  visual  indicator  or  by  special  electro¬ 
chemical  methods. 

Klcclrograviinetry  at  constant  current  is  not  recommended  for 
analysis  of  solutions  containing  different  ionic  species  since  the 
changing  electrode  potential  may  coincide  with  the  deposition 
potential  of  ions  other  than  those  lo  be  determined  with  subsequent 
codcposilon  of  the  former.  As  a  result,  the  composition  of  the  deposit 
will  become  indeterminate.  In  such  cases  more  reliable  results  are 
provided  by  another  method  in  which  not  the  current  but  the  electro¬ 
de  potential  is  kept  constant1’.  In  this  method,  a  value  of  potential 
is  chosen  which  provides  deposition  of  only  one  ionic  species.  This 
can  be  done  if  the  composition  of  the  solution  being  analysed  and 
the  electrochemical  characteristics  of  the  ions  present  arc  known. 
For  example,  if  the  solution  contains  cupric  ions  Ctr*  and  cadmium 
ionsCd**,  whose  standard  potentials  arc  equal  lo  -i-0.34  and  —0.40  V. 

11  The  first  method  can  also  yield  reliable  results  if  the  ions  presont  differ 
markedly  in  thoir  electrode  potential  or  when  this  difference  is  increased  by  bin¬ 
ding  simple  ions  into  complex  ions  and  by  adjusting  the  pH  of  the  solution. 
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respectively,  then  by  muintuining  the  calbode  potential  between 
these  two  values  (say,  at  about  +0.20  V)  deposition  of  cadmium  can 
be  completely  prevented  and  the  reaction  made  to  proceed  quanti¬ 
tatively  to  deposit  metallic  copper.  Once  all  the  copper  is  deposited, 
one  can  start  determining  the  amount  of  cadmium  by  electrolysis 
at  a  less  positive  potential,  for  example,  at  —0.5  V;  in  tbc  same 
way  it  is  possible  to  determine  a  larger  number  of  different  ions 
present  in  the  solution.  The  end-point  of  the  electrolysis  for  each 
ionic  species  is  identified  by  an  abrupt  decay  of  the  current. 

Electrical  power  needed  to  carry  out  elcclrogravimctry  at  con¬ 
stant  current  and  at  constant  potential  is  supplied  by  an  external 
constant-current  source. 

There  is  also  a  third  cleclrogravimctric  technique  known  as 
internal  electrolysis1' .  In  this  method,  an  electrode  pair  consisting 
most  often  of  a  platinum  cathode  and  an  electronegative  metal 
(c.g.  zinc  or  magnesium)  as  the  anode  is  immersed  in  the  solution 
In  be  analysed.  On  completion  of  the  external  circuit  through  an 
ammeter  and  a  controlling  resistance,  the  anode  begins  lo  dissolve, 
passing  into  solution,  and  the  required  deposit  forms  on  (lie  platinum 
ealhode;  as  a  result  the  cell  itself  starts  generating  a  current.  To 
effect  internal  electrolysis,  it  is  necessary  that  the  electrode  poten¬ 
tial  of  the  ions  lo  be  determined  be  more  positive  than  that  of  the 
tnclal  used  as  anode. 

Internal  electrolysis  may  be  regarded  as  a  modification  of  the 
electrogravi metric  technique  at  a  specified  potential,  whose  value 
is  controlled  by  the  choice  of  anode.  The  end-point  of  the  analysis 
in  internal  electrolysis  is  the  decay  of  the  current  indicated  by  the 
ammeter. 

Electrogravimelry  is  mainly  used  to  determine  the  content  of 
metallic  ions  capable  of  forming  a  compact,  well-adhering  deposit 
on  the  cathode.  In  many  cases  use  is  made  of  the  possibility  of 
producing  corresponding  deposits  on  the  anode.  For  example,  with 
certain  conditions  observed,  lead  can  be  quantitatively  deposited 
on  the  anode  as  lead  dioxide,  and  halides  on  a  silver  anode  in  the 
form  of  the  corresponding  silver  salts. 

In  the  electroanalysis  of  most  metallic  ions  use  is  made  of  cylindri¬ 
cal  gauze  cathodes;  platinum  cathodes  are  usually  employed,  which 
arc  replaced  with  mercury  cathodes  when  the  content  of  the  ions  of 
alkali  or  alkali-earth  metals  is  to  be  determined.  Anodes  are  usually 
made  of  platinum  in  the  form  of  wire  spiral  and  placed  inside  cylind¬ 
rical  cathodes.  To  speed  up  electrolysis  the  solution  is  stirred  vigo¬ 
rously,  often  by  means  of  a  rotating  spiral  anode.  For  the  same 
purpose  the  analysis  is  conducted  at  an  elevated  temperature. 


"  This  method  is  also  knowD  as  spontaneous  electrograclmetry  or  short-eir- 
cult  electro  lusts. — Tr. 
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Eleclrogrnvimelric  methods  arc  widely  used  in  laboratory  work, 
especially  in  analysis  of  alloys.  They  arc  also  employed  for  separa¬ 
tion  of  different  substances  present  in  a  solution  and  also  as  a  con¬ 
centration  and  bcnelicialion  method.  In  the  latter  case  clcclroana- 
lysis  is  combined  with  other,  more  sensitive  analytical  methods 
(X-ray  analysis,  pol  urography.  coulomctry),  replacing  chemical 
methods  of  concentration  associated  with  labour-consuming  opera¬ 
tions  of  precipitation,  filtration  and  evaporation. 


12.2.2.  COULOMETRIC  ANALYSIS 

In  coulomctric  analysis,  the  amount  of  a  substance  undergoing 
chemical  change  is  calculated  from  the  measured  quantity  of  electri¬ 
city  (the  number  of  coulombs,  hence  the  name  of  this  method). 
Coulomctric  analysis  is  based  on  Faraday's  laws  and  its  application 
is  possible  only  if  all  the  current  passed  is  consumed  for  the  desired 
electrode  reaction,  i.e.,  if  a  current  efficiency  of  100  per  cent  is 
maintained.  With  this  condition  observed  one  can  find  the  amount 
of  the  sought-for  constituent,  m.  by  measuring  the  quantity  of  elcctri- 


In  contrast  to  eleclrograviinetry,  in  coulomctric  analysis  it  is 
possible  to  determine  substances  not  deposited  on  the  electrode  but 
remaining  in  the  solution  or  vented  into  the  surrounding  atmosphere. 
Since  even  negligibly  small  amounts  of  current  can  be  measured  with 
an  insignificant  error,  coulomctry  may  be  regarded  as  a  highly 
sensitive  and  accurate  method  of  analysis.  Coulomctry  permits  deter¬ 
mination  of  substances  present  in  amounts  of  lO-10  to  10_l*  g-cq/lilrc, 
the  error  being  about  1  per  cent;  when  the  amount  of  the  substance 
being  analysed  is  of  the  order  of  10‘a  to  10_i  g-cq/lilrc,  the  error 
is  0. 1-0.3  per  cent.  For  this  reason,  coulometric  analysis  is  particu¬ 
larly  valuable  for  producing  ultrapure  materials. 

Like  elcclrogravimctry.  coulomctric  analysis  is  carried  out  cither 
at  constant  potential  or  at  constant  current,  depending  on  the  solution 
composition  and  the  possible  number  of  electrode  reactions  involved. 
The  constant-current  procedure  should  be  employed  when  the  possi¬ 
bility  of  the  occurrence  of  any  reactions  other  than  the  main  reaction 
on  the  electrode  is  excluded  over  a  wide  range  of  potentials.  This  is 
the  most  accurate  and  sensitive  method  of  analysis.  In  constant- 
potential  coulomctry,  the  quantity  of  electricity  passed  is  measured 
by  means  of  a  couiometcr;  in  the  constant-current  method  this  is 
done  bv  multiplying  the  current  by  the  lime  of  analysis. 

The  following  examples  illustrate  the  procedure  of  coulometric 
analysis.  When  the  acidity  of  a  solution  is  to  be  determined,  platinum 
electrodes  arc  used;  the  cathode  is  immersed  directly  in  the  solution 
to  be  analysed  and  the  anode  is  separated  from  it  by  means  of  a  porous 
diaphragm  which  provides  chemical  but  not  electrical  isolation. 
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A  constant  current  is  passed  through  the  solution  under  test  until 
the  solution  becomes  neutral,  this  being  established  with  the  aid 
of  an  indicator.  The  quantity  of  electricity  consumed  up  to  the 
neutralization  point  is  then  converted  to  the  number  of  gram-equi¬ 
valents  of  hydrogen.  Knowing  the  volume  of  the  original  solution, 
one  can  calculate  its  acidity. 

To  determine  cadmium  present  in  a  solution  together  with  thal¬ 
lium,  a  mercury  cathode  and  a  platinum  anode  arc  used.  The  poten¬ 
tial  of  the  mercury  cathode  must  ensure  the  discharge  of  only  cad¬ 
mium  ions.  The  end-point  of  cadmium  deposition  is  identified  by  the 
full  of  the  current  to  a  constant  value.  The  amount  of  cloctricity 
pnssed  is  found  by  means  of  a  coulomotcr  in  scries  with  the  electro¬ 
lytic  cell  and  then  the  amount  of  cadmium  in  the  solution  is  calculat¬ 
ed  using  its  known  electrochemical  equivalent.  If  the  amount  of 
thallium  in  the  some  solution  is  also  to  be  determined,  the  analysis 
is  conducted  in  the  same  way  as  for  cadmium,  with  the  only  diffe¬ 
rence  that  the  potential  of  the  mercury  cathode  is  shifted  to  the 
required  value. 

'Die  amount  of  anions  (in  particular  halide  ions)  in  the  solution 
can  also  be  found  coulomelrically.  In  this  case  the  deposition  is 
effected  at  the  anode,  using  cither  metals  reacting  quantitatively 
with  anions  to  form  sparingly  soluble  compounds,  or  platinum,  oil 
which  the  oxidation  of  a  number  of  anions  can  be  carried  out  with 
a  current  efficiency  of  100  per  cent. 

The  above  examples  illustrate  direct,  or  primary,  coulometry. 
Another  method,  which  has  recently  been  considerably  developed, 
is  indirect,  or  secondary,  coulometry.  in  which  the  titration  reagent 
is  generated  directly  within  the  solution  (this  method  is  therefore 
also  called  coulometric  titration  with  an  electrolytically  generated 
reagent  or  internal-generation  method).  In  this  case  one  measures  the 
number  of  coulombs  used  for  oxidation  or  reduction  of  a  chemical 
substance,  which  is  added  in  excess  to  the  solution  prior  to  the 
experiment  and  is  capable  of  reacting  quantitatively  with  the 
soughl-for  constituent. 

Many  reactions  employed  for  conventional  volumetric  analysis 
can  be  used  for  this  purpose.  Suppose,  for  example,  that  we  arc  to 
determine  the  amount  of  thiosulphate.  Direct  coulometric  determi¬ 
nation  by  anodic  oxidation  does  not  ensure  sufficient  accuracy  since 
this  reaction  proceeds  at  a  current  efficiency  lower  than  100  per  cent 
and  is  accompanied  by  oxygen  evolution.  Thiosulphate  can  be  titrat¬ 
ed  with  an  iodine  solution  by  addition  of  a  starch  indicator  or  poten- 
liomelrically  according  to  the  reaction 

2S20;-  +  1.  =  StO;-  -f  21- 

Thc  same  reaction  can  be  carried  out  coulomelrically  if  an  excess 
solution  of  potassium  iodide  is  added  to  the  thiosulphate  solution 
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aud  n  current  is  passed  between  platinum  electrodes  immersed 
in  the  lest  solution.  The  iodide  is  oxidized  at  the  anode  to  elementary 
iodine: 

21-  =  I2  +  2e 

which  reacts  quantitatively  with  the  thiosulphate.  Having  determin¬ 
ed  the  number  of  coulombs  used  for  the  complete  oxidation  of  thio¬ 
sulphate  by  iodine,  one  can  calculate  the  amount  of  thiosulphate 
present  by  using  Eq.  (12.11).  Suppose  10  coulombs  of  electricity 
has  been  used  for  the  titration  of  the  sample.  The  electrochemical 
equivalent  of  thiosulphate  in  the  reaction  under  consideration  is 


The  amount  of  thiosulphate  in  the  sample  being  analysed  must 
then  be 

m  =  1.16  X  10-a  X  10  =  1.16  X  10-®  g 

The  same  principle  may  be  used  to  carry  out  ccriinclric  titration 
of  iron  (in  which  anodically-gcncraled  ions  of  Iclravalcnt  cerium, 
Cc4*,  oxidize  ferrous  ions  to  ferric),  determination  of  permanganate 
(by  reducing  it  with  catbodically  generated  ferrous  ions)  and  many 
other  indirect  coulomclric  analyses.  Coulomclric  titration  is  instru- 
mcnlally  more  complicated  than  indicator  or  even  polcnliomeiric 
titration.  For  this  reason  coulomctry  finds  only  limited  practical 
use  in  ordinary  chemical  analysis.  It  is  advantageous,  however, 
when  determining  microquantilies  of  dissolved  substances  or  carrying 
out  automatic  titrations.  The  preparation  and  use  of  very  dilute 
tilranl  solutions  required  for  volumetric  determination  of  small 
quantities  of  dissolved  substances  involves  considerable  errors  and 
inconveniences.  Coulomclric  titrations  do  not  require  the  use  of  such 
solutions  because  the  substance  to  be  determined  is  cither  transfor¬ 
med  directly  on  the  electrode  or  titrated  with  a  reagent  generated 
eleclrolylically  on  one  of  the  electrodes  within  the  test  sample. 
In  either  case  the  determination  is  based  on  the  quantity  of  electri¬ 
city  consumed:  even  very  small  amounts  of  current  can  be  measured 
with  a  high  degree  of  accuracy. 

Since  all  the  reactions  used  in  coulomctry  involve  electrons,  the 
latter  may  be  regarded  os  a  sort  of  universal  reagent  specific  for  this 
method. 

Couloinetry  is  especially  convenient  where  titration  must  be 
fully  automated  since  there  arise  no  difficulties  usually  associated 
with  automatic  control  of  the  delivery  of  the  titrating  solution. 
Couloinetry  also  finds  use  in  carrying  out  various  electrochemical 
investigations.  In  particular,  it  is  employed  for  determining  the 
thickness  of  metallic  coatings,  the  amounts  of  oxides  or  salts  formed 
on  electrodes,  the  extent  of  coverage  of  metal  surfaces  with  adsorbed 
hydrogen  or  oxygen,  etc. 
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CHAPTER  13 

The  Kinetics  of  Electrode  Processes 


13.1.  BASIC  CONCEPTS 


13.1.1.  THE  ELECTROMOTIVE  FORCE 
OF  POLARIZATION 

The  passage  of  an  electric  current  llirough  an  electrochemical 
system,  or  cell,  is  associated  not  only  with  corresponding  chemical 
reactions  but  also  with  the  change  of  its  electrical  characteristics, 
primarily  the  electromotive  force  and  electrode  potentials,  as  com¬ 
pared  with  their  initial  values  in  the  absence  of  current.  If  the  electro¬ 
chemical  system  is  an  clcctrolyser'*  (electrolytic  cell),  the  voltage 
across  it  at  a  given  current  intensity  will  be  higher  than  the  rever¬ 
sible  emf  of  the  some  system 


Conversely,  if  an  electrochemical  system  generates  a  current,  i.e., 
is  a  chemical  source  of  current**— a  galvanic  cell  or  accumulator, 
then 

£,<*.>  <  E, 

The  thermodynamics  of  electrochemical  systems  is  incapable 
of  elucidating  the  causes  of  the  change  of  the  emf  upon  transition 
to  the  irreversible  state  and  ascertaining  the  relation  between  this 
change  and  the  rate  of  an  electrochemical  reaction,  i.e..  the  magni- 

tarrj  out  »  raetinn  in  »  '«'  ,  I, „„,l  ||„ 

sible  emf  E,  (determined  b.  electrodes  E„hm  (which  depends 

till  M  in  the  (tatmlytc  'pUor  ,.s|.lnin»  Ih,  c«.„o  cl  >. 

on  the  current  density)-  1  C(,|i  during  the  passage  of  a  current, 

increase  in  the  voltage  across  of  ,|le  S11I11).  system .  In  a  similar 

as  compared  with  the  revert11  u  0?c  «  galvanic  cell  when  a  current 

way.  the  decrease  of  the  voltage  ocro  , 

_  producer  (sulist.vnco- producing  device!. 

11  An  electrochemical  subs**1  cWr.--7>.  j  ..  .  ,  ,  , 

also  known  as  an  eleclrochc*'"1  "d„rer ■  (or  energy-producing  device).  A  M 
’’  An  electrochemical  energy  )  .  proo>ir 
fell  is  also  an  example  of  such  oner*. 
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is  drawn  from  il  may  be  attributed  to  the  fact  that  part  of  the  cmf 
is  consumed  to  overcome  the  resistance  inside  the  cell.  Ohmic  losses 
of  voltage  are  thus  one  of  the  factors  responsible  for  the  difference 
between  the  reversible  cmf  and  the  actual  operating  potential. 
Experiment  however  shows  that 


Elite)  >  T  Eohm 

(13.1) 

El(..c)  <Er-  Eohm 

(13.2) 

Verv  often 

1 E,  -  Er  :  »  F.ohm 

(13.3) 

The  main  cause  for  the  change  of  the  voltage  across  an  electroche¬ 
mical  system  when  a  current  is  driven  into  or  withdrawn  from 
it  should  therefore  be  sought  not  in  ohmic  losses  but  in  the  variation 
of  electrode  potentials  witb  current  intensity  or  density.  When  a  cur¬ 
rent  is  imposed  upon  the  cell,  the  potential  of  each  of  the  two  electro¬ 
des  in  the  electrochemical  system  changes  so  that  the  voltage  across 
the  electrolytic  cell  increases  and  that  across  the  galvanic  cell 
reduces.  The  total  change  of  electrode  potentials  on  closed  circuit 
is  called  the  emf  of  polarization  Ep.  If.  apart  from  the  ohmic  fall 
in  voltage,  the  polarization  cmf  is  also  taken  into  account,  one  can 
write  the  equations  for  the  cell  potential  in  both  cases: 

=  Er  +  Ea„m  +  Ep  (13.4) 

E,(,c>  -  Er  -  Eohm  -  Ep  (13.5) 

Equations  (13.4)  and  (13.5)  arc  concordant  with  experimental 
observations. 

A  rational  implementation  of  an  electrochemical  process  with 
a  maximum  electrical  energy  drawn  from  a  chemical  source  of  cur¬ 
rent  (an  energy  producer)  or  a  minimum  amount  of  electricity  con¬ 
sumed  by  an  eleclrolyser  (a  substance  producer)  is  possible  only 
when  the  cause  of  the  formation  of  the  polarization  cmf  is  known 
and  its  nature  well  established.  Since  the  polarization  cmf  is 
a  resultant  quantity  composed  of  the  changes  in  the  electrode  poten¬ 
tials.  it  is  necessary  first  of  all  to  study  the  dependence  of  electrode 
potentials  on  current  intensity.  This  task  is  handled  by  the  kinetics 
of  electrode  processes. 

13.1.2.  ELECTRODE  POLARIZATION 

The  difference  between  the  operating  electrode  potential  and 
the  equilibrium  potential  is  called  the  electrode  polarization ,  or 
simply  polarization ,  Ac: 


Ae  =  e,  — 


(13.6) 
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The  electrode  potential  e,  and  the  polarization  Ae  arc  primarily 
functions  of  the  current  intensity:  in  the  absence  of  current  they  arc, 
respectively,  equal  to  e,  and  zero.  ’ 

the  term  electrode  polarization  is  also  used  when  with  no  external 
current  imposed  the  electrode  potential  is  not  ail  equilibrium  value 
but  corresponds  to  the  so-called  stationary,  or  steady-state,  potential 
e,  (see  below).  The  magnitude  of  the  polarization  is  then  determined 
by  an  equation  analogous  to  Eq.  (13.6),  with  the  only  difference  that 
e,  is  substituted  for  er: 

Ae  =  e,  —  e.  (13.7) 

It  is  thought  at  present  that  the  relationships  between  e.  and  I  and 
between  Ae  and  /  arc  based  on  the  kinetic  laws  characteristic  of 
a  particular  electrode  reaction.  A  study  of  the  specific  features 
of  potential-current  curves,  which  arc  also  often  called  polarization 
curves,  is  therefore  necessary  for  understanding  the  nature  of  electrode 
ntnci£nii  TuC  lta,C,ne  °.!  curves  was  for  a  long  time 

practically  the  only  method  for  investigating  the  kinetics  of  electro¬ 
chemical  processes;  this  method  is  still  in  use. 

Any  clcctrodic  process  is  a  complex  heterogeneous  reaction  invol¬ 
ving  a  number  of  consecutive  steps.  At  some  of  these  steps  the  reac¬ 
tion  may  lake  two  or  more  parallel  paths.  To  establish  the  number, 
nature  and  sequence  of  steps  making  up  an  electrode  process  is  one 
of  the  main  tasks  of  electrode  kinetics.  From  chemical  kinetics  it 
is  known  that  the  rate  of  a  multistep  consecutive  reaction  is  -ov- 
erned  by  the  rate  of  the  slowest  of  its  steps,  and  that  out  of  a  number 
of  parallel  paths  the  most  probable  is  the  one  that  is  least  inhibited. 

I  he  same  principles  apply  to  electrochemical  processes.  The  occur- 
rencc  of  the  electrode  polarization  is  therefore  directly  associated 
with  (lie  step  that  determines  the  rale  of  the  overall  process,  i.c..  the 
slowest  step.  The  elucidation  of  the  nature  of  the  siowe-l  «lep  (llu- 
rale-determining  step,  often  abbreviated  to  rds)  constitutes  another 
principal  task  of  electrochemical  kinetics.  On  the  other  hand  the 
occurrence  of  a  new  path,  which  increases  the  reaction  rale,  may 
reduce  the  electrode  potential,  which  may  in  some  cases,  for  exam¬ 
ple.  when  the  nature  of  the  electrode  process  changes,  become  even 
lower  than  the  reversible,  or  equilibrium,  potential.  Ibis  fall  of 
cnl i al  and  the  process  responsible  for  it  is  called 


depolari 
The  n 
depend 
reduct 


ire  and  the  number  of  steps  of  each  electrochemical  process 
the  type  of  reaction  involved.  For  example,  in  the  oleclro- 

. ol  I ri valent  ferric  ions  to  divalent  ferrous  ions  the  first 

step  of  the  process  is  the  delivery  of  the  ferric  ions  to  the  electrode 
surface  (Fig.  13.1).  When  brought  into  contact  with  the  electrode 
a  trivalcnl  ferric  ion  acquires  an  electron;  this  act  of  discharging 
gives  birth  to  a  bivalent  ferrous  ion  and  simultaneously  results  in  the 
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rearrangement  of  the  hydration  shoath.  The  resulting  ferrous  ion  must 
be  removed  from  tho  electrode  surface  to  leave  a  site  for  the  next 


tlic  reverse  process 


ferric  ions  to  be  discharged.  The  oxidation  of  ferrous  ions  proceeds 
through  the  same  steps  but  in  reverse  order. 


Fii!  i:i  •*  Schematic  representation  of  tho  olcctrodo  reaction  of  evolution  and 
dissolution  of  chlorine:  Cl'  =  '/-Cl*.  The  solid  arrow  indicates  the  forward 
process  and  the  dashed  arrow,  the  reverse  process 


The  first  step  in  the  discharge  of  chloride  ions  also  consists  in 
the  transport  of  these  ions  to  the  electrode-electrolyte  interface 
(Fig.  13.2).  Once  a  chloride  ion  enters  the  electric  double  layer  it 
loses  its  electron  and  is  dehydrnlod  and  transformed  into  a  chlorine 
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atom  adsorbed  on  the  electrode  (the  second  step).  At  the  third  step 
the  chlorine  atoms  formed  are  recombined  into  molecules  ».  The 
chlorine  molecules  move  into  the  surrounding  electrolyte  and, 
having  formed  a  saturated  solution,  escape  into  the  atmosphere 
ns  gas  bubbles  (the  final  step).  The  dashed  arrows  in  Fig.  13.2  indi¬ 
cate  the  steps  of  the  reverse  process  of  ionization  of  the  chlorine  gas. 

The  cathodic  deposition  of  metallic  silver  from  a  solution  of  its 
simple  salt  (Fig.  13.3)  starts  off  with  the  transport  of  silver  ions 
to  the  electrode  surface.  Having  entered  the  double  layer,  the  silver 


ions  acquire  electrons,  and  arc  dehydrated  and  transformed  into 
adsorbed  silver  atoms.  While  moving  on  the  electrode  surface, 
these  silver  atoms  seek  the  most  energetically  advantageous  site 
to  continue  the  building-up  of  the  silver  crystal  lattice  and  become 
attached  to  this  site.  It  may  be  assumed,  alternatively,  that  while 
discharging  at  definite  portions  of  the  electrode  surface  the  adsorbed 
(and  possibly  also  partly  dehydrated)  silver  ions  arc  simultaneously 
incorporated  into  the  crystal  lattice. 

If  the  cathodic  deposition  of  silver  occurs  from  a  solution  of  its 
complex  salt  (instead  of  a  simple  salt),  say,  from  a  cyanide  electro¬ 
lyte,  the  electrode  process  will  be  more  complicated.  Indeed,  suppose 
(in  line  with  experiment)  that  the  silver  ions  are  present  in  the 
chosen  electrolyte  in  the  form  of  Ag(CN);  anions.  In  this  case  the 


*•  This  stage  following  the  discliargo  act  is  a  heterogeneous  (surface)  chemi¬ 
cal  reaction,  the  rate  of  which  depends  on  the  catalytic  properties  of  the  electrode. 
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discharging  process  may  lake  one  or  more  of  the  following  paths: 

I.  Ag(CN)2-  +  e  ■=  lAgl  ~  2CN- 

II.  (a)  Ag(CN)-  =  AgCN  4-  CN" 

(b)  AgCN  e  =  lAgl  C.\- 

III.  (a)  Ag(CN);  =  AgCN  --  C.N- 

(h)  AgCN  =  Ag*  CN- 

(c)  Ag*  +  e  =  lAgl 

Path  I  is  a  direct  discharge  of  the  complex  ion  on  the  electrode; 
it  may  he  broken  down  into  the  same  principal  steps  as  the  discharge 
of  hydrated  silver  ions  (sec  Fig.  13.3).  However,  in  contrast  to  the 
deposition  of  silver  from  simple  ions,  anions  instead  of  cations  are 
discharged  in  this  case  and  hence  the  effect  of  the  potential  and 
charge  of  the  electrode  on  the  discharge  act  must  he  different.  Resides, 
the  discharging  process  gives  rise  to  excess  cyanide  ions  and.  along 
with  the  ion  transfer  to  the  electrode,  there  appears  another  step,  the 
removal  of  CN‘  ions  from  the  electrode  surface. 

Paths  11  and  III  involve  partial  or  complete  dissociation  of  the 
complex  ion,  i.e.,  a  purely  chemical  step  taking  place  in  the  bulk 
of  the  solution.  The  homogeneous  chemical  reaction  produces  par¬ 
ticles  which  are  discharged  at  the  electrode,  i.e.,  this  reaction  prece¬ 
des  the  discharge  step.  Path  II  is  characterized  by  the  discharge 
of  neutral  particles,  and  path  III  by  the  occurrence  of  two  purely 
chemical  steps;  the  final  step  (b)  of  path  III  must  proceed  according 
to  the  scheme  shown  in  Fig.  13.3.  These  two  paths  also  require  the 
removal  of  excess  CN~  ions  from  the  electrode  surface. 


13.1.3.  CLASSIFICATION  OF  POLARIZATION 
PHENOMENA 

The  examples  just  discussed  do  not  cover  all  diverse  types  of 
electrode  processes.  Nevertheless,  they  give  a  sufficiently  clear  idea 
of  the  nature  of  the  steps  constituting  the  overall  electrode  process 
and  can  be  used  as  a  basis  for  classifying  polarization  phenomena. 
It  should  be  noted  that,  although  the  kinetics  of  electrode  processes 
underlies  practically  all  industrial  applications  of  electrochemistry 
and  is  therefore  the  central  topic  which  is  being  most  Ihoroughly 
claboratcd  by  clectrochcmists,  there  is  as  yet  no  generally  accepted 
and  unified  terminology  in  this  field,  in  contrast  to  the  theory  of 
solutions  (ionics,  as  it  is  sometimes  called).  In  this  connection,  the 
nomenclature  proposed  by  Bonhoclfer,  Gerischcr,  and  Vetter  in 
1950  and  thoroughly  elaborated  by  Vetter  in  1961  is  of  interest. 
The  classification  of  the  processes  and  phenomena  treated  by  elec¬ 
trode  kinetics,  which  is  adopted  in  this  book,  is  consistent  with 
the  terminology  traditionally  used  in  the  Soviet  electrochemical 
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literature.  At  the  same  lime  it  includes  some  elements  of  the  nomen¬ 
clature  proposed  by  Bonliocflcr  and  his  coworkers. 

By  the  net  or  overall  electrode  reaction  is  meant  the  entire  process 
of  transformation  of  initial  substances  (reactants)  into  final  products 
under  the  effect  of  an  electric  current.  For  example,  the  overall 
cathodic  reaction  in  the  deposition  of  metallic  silver  from  the  com¬ 
plex  cyanide  ion  Ag(CN);  should  be  written  as  follows: 

Ag(CN):  +  e  =  lAgl  +  2CN- 

Individual  or  partial  electrode  reactions  correspond  to  chemical 
(electrochemical)  transformations  which  combine  in  the  overall 
electrode  reaction'*.  If  the  cathodic  deposition  of  metallic  silver 
from  the  cyanide  complex  proceeds  by  path  I,  the  partial  electrode 
reaction  will  coincide  with  the  net  reaction.  If  the  same  process 
occurs  according  to  path  II  or  III,  the  overall  electrode  reaction 
will  be  composed  of  two  or  three  partial  reactions,  respectively. 
At  least  one  of  the  partial  reactions  must  involve  electrons,  i.e..  the 
gain  or  loss  of  electrons  by  the  reactants.  The  elect roreduct ion 
(°r  oxidation)  of  polyvalent  particles  may  involve  several  discharge 
or  ionization  steps.  In  view  of  this,  a  distinction  should  be  made 
in  the  general  case  between  the  number  of  electrons  z  participating 
in  the  overall  reaction  and  the  number  of  electrons  z,  taking  part 
in  the  ith  partial  reaction. 

The  elect  rode  polarization  Ae  is  the  deviation  of  the  operating 
potential  (i.e.,  the  potential  in  the  presence  of  a  current)  from  its 
equilibrium  e,  or  stationary  e,  (in  the  absence  of  an  external  cur¬ 
rent)  value  irrespective  of  the  cause  responsible  for  this  deviation. 
■Since  the  potential  is  displaced  to  the  negative  side  when  a  cathodic 
current  is  imposed  upon  the  cell  and  to  the  positive  side  when  an 
anodic  current  is  applied,  the  cathodic  polarization  is  always  negative 
Aee  =  e,  —  e,  <  0 
Aec  =  e,  —  e,  <  0 

and  the  anodic  polarization  always  positive 
Ae„  =  e,  —  e,  >  0 
Ae0  =  e,  —  es  >  0 

While  no  doubt  arises  as  regards  the  sign  of  the  electrode  polarization, 
the  question  of  which  sign  should  be  assigned  to  the  cathodic  ic 


11  The  sum  of  overall  electrode  reactions  for  the  two  electrodes  of  a  particular 
electrochemical  system  yields  the  overall  reaction  of  the  svstem  as  a  whole. 
Its  equation  docs  not  include  electrons  since  each  of  the  two  electrode  reactions 
involves  the  same  number  of  electrons,  but  while  at  one  electrode  electrons 
arc  accepted  by  particles  (:c  =  at  the  other  they  are  lost  (r„  = 
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or  anodic  f„  current  has  not  yet  been  resolved  unambiguously. 
In  accord  with  the  spirit  of  the  Stockholm  convention  on  electrode 
potentials  the  cathodic  current  is  considered  positive  and  the  anodic 

current  negative.  _ 

\«  noted  earlier,  the  rale-determining  step  (rds)  of  the  o\crait 
electrode  process  is  called  the  inhibited  or  limiting  step.  The  slow 
rale  of  any  step  is  directly  responsible  for  electrode  polarization. 
If  the  nature  of  the  inhibited  step,  which  is  the  cause  of  the  polariza¬ 
tion.  is  known,  the  term  electrode  ovcrpolential  or  simply  over- 
potential  >1  is  preferred  to  polarization. 

Thus,  the  ovcrpolential  is  an  electrode  polarization  caused  by  the 
retarded  occurrence  of  quite  a  definite  step  of  the  net  electrode 
reaction.  The  term  ovcrpolential  is  very  often  used  in  combination 
with  the  name  of  the  principal  reactant  of  the  reaction  the  polariza¬ 
tion  of  which  is  being  studied.  For  example,  the  terms  hydrogen 
overpotential  and  metal  ovcrpolential  mean  that  one  is  speaking 
of  the  polarization  specific  for  a  given  reaction  and  not  of  the  diffu¬ 
sion  overpotential. 

There  arc  various  types  of  overpolcntial,  depending  on  the  nature 
of  the  retarded  reaction  step.  As  follows  from  the  above  examples, 
one  of  the  necessary  steps  of  any  electrode  process  is  the  transport 
of  the  reactants  to  and  from  the  clectrode-eiccirolyle  interface. 
If  this  step  proceeds  slowly,  i.e.,  is  inhibited,  the  concentrations 
(or  activities)  of  all  or  some  of  the  reactants  near  the  electrode  will 
change  as  compared  with  their  initial  concentrations  (or  activities) 
owing  to  the  passage  of  a  current.  Since  the  electrode  potential  is 
governed  bv  the  solution  composition  near  the  electrode  surface, 
the  change  of  the  solution  composition  will  alter  the  potential, 
i.e..  the  electrode  will  become  polarized.  The  slow  rale  of  a  purely 
chemical  reaction  preceding  or  following  the  act  of  discharging 
aUo  results  in  a  change  in  the  activities  (or  concentrations)  of  I  lie 
reactants  near  the  electrode  surface,  which  causes  the  corresponding 
changes  in  the  electrode  potential,  i.e..  the  polarization  of  the 
electrode.  The  polarization  arising  from  the  retarded  ion  transport 
and  chemical  transformation  steps  may  be  called  the  concentration 
polarization  Ae,..  A  special  case  of  concentration  polarization  where 
all  the  steps  of  the  electrode  process,  except  the  transport  of  reac¬ 
tants.  proceed  reversibly  corresponds  to  the  transport  overpolentia 
or  (less  rigorously)  to  the  diffusion  overpotenlial  tu-  Another  special 
case  of  concentration  polarization  occurs  when  all  the  steps  of  the 
electrode  reaction,  except  the  chemical  transformation,  proceed 
reversibly.  This  type  of  concentration  polarization  is  called  the 
chemical  i),.,,  or  reaction  overpotenlial  Hr- 

As  already  noted,  any  electrode  process  involves  at  least  one  step 
associated  with  the  transfer  of  charges  across  the  clcctrodc-oleclro- 
lyle  interface.  The  electrode  polarization  caused  by  the  slow  rale 
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of  this  slep  may  be  called  the  electrochemical  overpotcnlial  ■■ 
because  it  is  precisely  this  charge- transfer  process  that  is  the  electro^ 
chemical  act  proper,  lliis  type  of  overpolenlial  is  often  also  called 
the  retarded  discharge  or  transition  (or  electron-transfer)  overpo¬ 
tential.  And,  finally,  the  overpolenlial  observed  when  the  inhibited 
step  is  the  incorporation  of  metallic  ions  into  the  crystal  lattice 
or  their  separation  from  it,  and  also  when  the  slow  step  is  the  trans¬ 
formation  of  one  modification  (less  stable)  into  another  (more  slabie 
under  given  conditions)  may  be  called  the  phase  overpotential  np/ 
Changes  in  the  concentration  taking  place  near  the  electrode  surface 
are  but  of  secondary  importance  for  the  occurrence  of  the  electro¬ 
chemical  and  phase  overpotcnlials.  Of  much  greater  importance 
,n  this  Cflse  >s  the  change  in  the  activation  energy  of  the  corresponding 
process.  The  electrochemical  and  phase  ovcrpotentials  arc  there¬ 
fore  often  collectively  termed  the  activation  polarization  \e„ 
In  the  general  case,  the  deviation  of  the  actual  operating  electrode 
potential  from  the  equilibrium  value  is  the  result  of  superposition 
of  all  the  types  of  overpolenlial.  i.c.. 


Aei  =  ’ll  +  ilr  -r  lie 
Ae(  =  Aec  +  Ac, 


•  ’Ip* 


(13.7) 

(13.8) 


There  are,  however,  such  electrode  processes  and  condit 
on®  ®vcrP<>tenlial  predominates. 

The  subdivision  of  polarization  into  concentration  and  activation 
polarizations  is  somewhat  arbitrary.  Thus,  the  phase  ovcrpolenliil 
referred  to  activation  polarization  is  essentially  dependent  on  the 
concentration  of  intermediate  particles  and  in  this  sense  il  mav 
be  related  to  concentration  polarization.  The  rate  of  the  purely 
chemical  reaction  step  is  also  determined  by  the  corresponding 
value  of  the  activation  energy.  The  chemical  or  reaction  overpoten- 
tial  defined  above  as  a  special  case  of  concentration  polarization 
may  also  be  included,  on  certain  grounds,  in  the  activation  polariza¬ 
tion.  The  overpotential  caused  by  the  slow  chemical  reaction  step 
is  therefore  a  sort  of  an  intermediate  link  between  the  concentration 
and  activation  polarization. 


CHAPTER  14 
Concentration  Polarization 


The  slow  rales  of  transport  and  purely  chemical  transformation 
lead  to  changes  in  the  concentration  of  the  reactants  near  the  electro¬ 
de1*.  This  results  in  a  change  in  the  equilibrium  electrode  potential, 
thus  giving  rise  to  concentration  polarization.  Besides,  the  concentra¬ 
tion  of  the  particles  taking  part  in  other  steps  of  the  electrode  process 
(say.  in  the  discharge  step)  also  undergoes  a  change,  a  fact  that 
should  he  taken  into  account  in  considering  the  kinetics  of  these 
steps.  The  effect  of  concentration  polarization  on  the  kinetics  of  the 
entire  electrode  process  and  on  the  magnitude  of  electrode  potential 
in  the  presence  of  current  may  be  disregarded  only  at  low  rates 
of  the  electrochemical  reaction,  i.  e.,  at  small  current  densities. 
■Conversely,  at  high  current  densities  the  transport  step  may  control 
a  he  rate  of  the  overall  electrode  process. 


14.1.  DIFFUSION  OVERPOTENTIAL 


14.1.1.  THE  CONCEPT  OF  DIFFUSION 
OVERPOTENTIAL 

The  diffusion  ovcrpolcnlial  q*  is  the  deviation  of  the  electrode 
potential  under  the  applied  current  from  its  equilibrium  value 
•caused  by  the  slow  occurrence  of  the  transport  of  reactants  to  or 
from  the  electrode  surface. 

If  the  other  steps  of  the  electrode  reaction  proceed  reversibly 
•or  at  rales  incomparably  higher  than  the  rate  of  the  transport  step, 
then  all  the  changes  in'  the  electrode  potential  due  to  the  passage 
of  a  current  i  may  be  identified  with  diffusion  ovcrpotenlial.  In  this 
case  Kq.  (13.6)  becomes 

=  e,  —  e,  (,/*-1) 

Here  the  shift  of  the  potential  from  the  reversible  value  however 
results  exclusively  from  concentration  changes,  and  the  irreversible 


*>  The  expression  “near  the  electrode"  refers  to  the  layer  of  solution  which  is 
adjacent  to  tlio  electrode  surface  and  is  directly  drajvn  into^hc  charge-exchange 


n  electrode  and  solution,  i 


..  determines  tho  electrode  potential. 
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electrode  potential  t,  may  therefore  be  regarded  as  a  new  value 
of  the  equilibrium  potential,  e'r,  which  differs  from  cr  only  in  that 
now  it  corresponds  to  other  concentrations  or,  more  precisely,  other 
activities  of  the  reactants.  In  other  words,  the  diffusion  overpolcn- 
lial.  as  a  quasi-equilibrium  phenomenon,  may  be  described  by 
purely  thermodynamic  means.  In  this  case  only  the  initial  anil 
final  stales  of  a  system  are  essential,  while  the  transient  stage  and 
the  mechanism  underlying  this  transition  ore  of  no  significance. 
Suppose  that  the  following  reaction  proceeds  at  the  electrode: 

vaA  +  v„B  +  .  .  .  +  zF  =  vlL  +  vmM  -  .  .  .  (I/1.2) 
the  activities  of  the  respective  substances  being  equal  to  «A,  an. 
aL  and  aH.  The  electrode  potential  will  then  be  given  by  the  equation 


er  =  e0  +  ^ln^5-  (14.3) 

When  a  current  i  is  imposed  on  the  system,  the  solution  composi¬ 
tion  near  the  electrode  begins  to  change  and  after  a  definite  period 
of  time,  when  a  stationary  state  is  reached,  the  activities  of  the 
reactants  in  the  solution  layer  in  the  immediate  vicinity  of  the 
electrode  assume  new.  constant  values,  a\,  «n  ilnd  ni,  The 

equilibrium  potential  »'  ”in  -  - - 

equation 


« a-  "n-  «i.  ami  a m-  me 
will  now  be  described  by  the  following 


(H'<) 


Substitution  of  Eqs.  (14.43)  and  (14.4)  into  Eq.  (14.1)  yields  I 
general  equation  for  diffusion  overpotential:  *  '  ' 


in  =  e,  —  er  =  t'r — er  =  g  i„  Jg/« *)>A  (14.5) 

(#l/«l)v**  («si/«m)Vm 

ILlh|e|.^i'firC'riC.m,.,nl,CrS  0f  lhc  rcactan,s  ■">  aligned  positive, 
S  !!.The  fiimP  nC8a'iVC  VaIucs’  E1-  <«-3)  *»«>'  »>'•  rewril- 


t|a  =  ^Svy  In  ii- 


(14.6) 


uTnivn  °rder  ,0'Tle  lhe,  c,Iualion  for  diffusion  ovcrpolcnlial  it 
is  only  necessary  to  know  the  overall  eleclro.lc  reaction.  For  exam¬ 
ple,  for  the  reaction 
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Eq.  (14.5)  simplifies  to 


:«»/aFe>* 


(14.8) 


In  the  cathodic  process  (reduction  of  ferric  ions  to  ferrous  ions> 
air,.).  <  «F,jx.  a'w  >  oy,f  and  the  cathodic  diffusion  over- 
potential  is  negative.  In  the  anodic  process  (oxidation  of  ferrous 
ions  to  ferric  ions)  a'Fe,.  >  ar^-  flfw-  <  np*v  and  the  anodic 
diffusion  overpotential  is  positive. 

The  diffusion  overpolcnlial  accompanying  the  reaction 

Ag*  +  e  =  lAgl  (14.9) 


is  given  by  the  equation 

nr .  . 

*la=-jFJn- 


(14.10) 


and  that  associated  with  the  reaction  involving  ci 
Ag(CN);  +  e=  (Ag)  +  2CN- 
is  described  by  the  following  equation 

aAg(CX)i 


n*»= 


=  -=-ln— 


(“CX./OCN-)1 


iplex  silver  ions 

(14.11) 

(14.12) 


In  all  these  cases  the  change  in  the  electrolyte  composition  near 
the  electrode  will  be  such  that  the  value  of  diffusion  oyerpolontinl 
will  be  negative  during  cathodic  polarization  and  positive  during 
anodic  polarization.  For  instance,  when  reaction  (14.9)  proceeds 
in  the  cathodic  direction,  the  solution  near  the  electrode  is  depleted 
in  silver  ions  («;g-  <  Oac*  and  i)d(0  <  0).  Conversely,  if  the 
same  reaction  proceeds  towards  the  anode,  the  concentration  of 
silver  ions  near  the  electrode  increases  (oa**  >  <*a*+  nn<*  ’)<««>  >  p)- 
Such  changes  in  the  solution  composition  were  first  experimentally 
observed  by  Snmartscv  (1932-34).  who  used  a  modified  interfero¬ 
metric  method.  Later  other  methods  were  also  used  to  study  the  slate 
of  the  electrolyte  near  the  electrode  as  a  function  of  the  polarizing 
current.  Among  these  methods  were  so-called  schlieren  microscopy 
and  observations  of  suspended  particles  whose  distribution  is  depen¬ 
dent  on  the  density  of  the  solution  and  hence  on  its  concentration 
and  also  on  the  pattern  of  motion  of  the  liquid.  Ihc  experimental 
evidence  so  obtained  served  os  a  qualitative  confirmation  of  the 
general  equation  for  diffusion  overpolcnlial.  It  should  be  stressed 
however  that  Eqs.  (14.5)  and  (14.6)  have  been  derived  on  the  basis 
of  general  thermodynamic  principles  and  cannot  therefore  reflect 
the  kinetics  of  the  process,  i.c.,  they  do  not  enable  one  to  establish 
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a  relation  between  the  diffusion  ovcrpolenlial  (a  measure  of  (he 
irreversibility  of  the  process)  and  the  current  intensity  (a  measure 
of  its  rate).  To  solve  this  problem,  certain  assumptions  have  to 
be  made  as  to  the  nature  of  the  transport  step  and  the  structure  of 
the  boundary  layer  within  which  this  process  takes  place. 

The  transport  of  reactants  to  the  electrode  surface  and  from  the 
zone  of  the  electrode  reaction  in  the  absence  of  intermediate  chemical 
transformation  is  accomplished  in  three  ways:  migration ,  molecular 
diffusion  and  convection. 

Migration  or  ionic  conduction  is  the  movement,  or  drift,  of  ions 
(or  other  charged  particles)  under  the  influence  of  an  electric  field 
gradient  (potential  gradient)  —  dyldx  arising  in  the  electrolyte  on 
passage  of  a  current  through  the  electrochemical  system.  The  migra¬ 
tion  of  ions  was  discussed  in  Chapter  4,  where  it  was  shown  that  the 
direction  of  the  movement  of  an  ion  j  in  an  electric  field  is  determined 
by  the  sign  of  its  charge  Zj  and  the  migralional  velocity  depends 
on  its  transport  number  t,  under  given  conditions.  Since  t]  =  /./£/.* 
it  follows  that  in  the  presence  of  an  excess  of  extraneous  ions  (i.e., 
an  indifferent  electrolyte  which  does  not  participate  directly  in  the 
electrode  reaction)  the  transport  number  of  the  given  ionic  species 
tends  to  zero,  and  the  contribution  of  ionic  migration  to  the  overall 
process  of  transport  may  be  neglected. 

Molecular  diffusion  is  the  displacement  of  particles  under  the 
action  of  a  chemical-potential  gradient  —  dp'dx  or,  loosely  speaking, 
a  concentration  gradient  —dc.'dx.  arising  in  the  solution  owing  to 
its  qualitative  and  quantitative  inhomogcncity.  Molecular  diffusion 
has  already  been  considered  in  Chapter  6,  where  Fick's  laws  describ¬ 
ing  this  process  were  derived. 

Convective  diffusion  is  the  transport  of  solute  particles  together 
with  the  stream  of  a  moving  liquid.  The  flow  of  the  liquid  cither 
occurs  spontaneously,  if  there  is  a  difference  in  the  density  of  the 
solution  in  its  different  parts,  i.e.,  if  there  is  a  density  gradient 
—dpldx  (natural  convection),  or  is  induced  by  stirring  and  "circula¬ 
tion  (forced  convection). 

Migration,  diffusion  and  convection  may  be  superimposed  in 
different  ways  during  the  transport  process,  depending  on  the  direc¬ 
tion  of  the  reaction  (cathodic  or  anodic),  the  charge  sign  of  the 
particles  involved  (cations,  anions,  or  uncharged  entities)  and  their 
role  in  the  electrode  reaction  (whether  they  arc  reactants  or  pro¬ 
ducts,  participate  directly  in  the  charge  exchange  with  the  electrode 
or  indirectly,  as,  for  example,  ligands  of  complex  particles). 

Figure  14.1  shows  schematically  how  these  three  transport  processes 
are  superimposed  during  the  cathodic  reduction  of  cations,  anions 
and  molecules  in  solutions  containing  no  excess  of  extraneous  electro¬ 
lyte.  In  the  reduction  of  positively  charged  particles  (Fin.  14. In) 
their  transport  towards  the  cathode  is  accomplished  by  migration. 
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diffusion  and  convection,  they  all  occurring  in  the  same  direction. 
In  the  reduction  of  anions  (Fig.  14.16)  they  are  transported  to  the 
cathode  by  diffusion  and  convection  and  removed  from  the  electrode 
surface  by  migration.  In  the  reduction  of  uncharged  particles 
(Fig.  14.l"c)  no  migration  occurs.  In  anodic  oxidation  the  transport 


Fig.  1-1.1.  Transport  of  particles  to  the  cathode  surface  in  the  absence  of  extra¬ 
neous  (indifferent)  electrolyte: 

a— cations:  4— anions:  e— uncharged  particles 


of  cations  to  the  electrode  is  opposed  by  migration,  and  the  anions  are 
transported  by  migration,  diffusion  and  convection:  in  the  case 
of  oxidation  of  organic  substances  only  diffusion  and  convection  are 
invoiced  in  the  transport  process. 


14.1.2.  THE  THEORY  OF  DIFFUSION  OVER  POTENTIAL 
NEGLECTING  CONVECTION 

In  the  first  quantitative  theory  of  diffusion  ovcrpolcntial  develo¬ 
ped  mainly  by  Nernsl  and  Brunner  at  the  turn  of  the  century  (1888- 
1004)  only  the  migration  and  diffusion  of  ions  arc  taken  into 
account. 

In  this  theory  it  is  further  assumed  that  all  the  changes  in  the 
electrolyte  composition  are  confined  to  a  narrow  solution  layer 
adjacent  to  the  electrode,  i.o.,  to  the  diffusion  layer  6.  'Ibis  layer 
is  supposed  to  be  stagnant.  It  is  not  involved  in  the  motion  of  the 
liquid  taking  place  within  a  given  system.  The  Nernsl-Brii nner 
diffusion-layer  model  is  schematically  shown  in  Fig.  14.2.  The 
change  in  the  concentration  of  the  electrolyte,  one  of  the  ions  of 
which  lakes  part  in  the  electrode  reaction,  occurs  in  this  layer  linear¬ 
ly  from  a  certain  value  c0,  corresponding  to  the  bulk  concentration, 
to  c  near  the  electrode  (in  Fig.  14.2a,  to  cc  since  a  cathodic  process 
is  considered).  Thus,  the  concentration  gradient  determining  the 
diffusion  rate  is  equal  to  (c0  —  ce)/6.  Finally,  in  this  theory  it  is 
tacitly  assumed  that  the  concentrations  and  activities  are  equal 
(although  no  explicit  assumption  was  made  by  the  authors  of  the 
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theory  since  the  concept  of  activity  was  unknown  at  the  lime)  and 
that  the  transport  numbers  arc  independent  of  the  solution  composi¬ 
tion.  The  latter  assumption  is  justified  only  in  the  case  of  solutions 
containing  a  binary  electrolyte  where  the  mobilities  of  the  compo¬ 
nent  ionic  species  are  almost  equal  (sec  Tables  4.2  and  Tlio 


basic  propositions  of  the  Ncrnsl-llriinner  theory  of  diffusion  over- 
potential  may  therefore  be  conveniently  illustrated  by  considering 
the  following  system 

Ag/AgNOj'Ag 

made  up  of  two  silver  electrodes  and  a  solution  of  silver  nitrate— 
a  binary  electrolyte,  the  transport  numbers  of  whose  components 
are  almost  independent  of  concentration. 

Suppose  that  a  current  (lows  through  the  electrolyte  of  the  chosen 
system  from  left  to  right.  The  left  electrode  is  then  the  anode,  and 
silver  dissolves,  forming  ions,  while  the  right  electrode  is  the  cathode 
at  which  silver  ions  are  discharged  to  form  metallic  silver.  If  a  quan¬ 
tity  of  electricity  equal  to  one  faradav  is  passed  through  the  system 
and  a  current  efficiency  of  100  per  cent  is  maintained,  one  grain-ion 
of  silver  ions  will  be  transported  from  the  solution  to  the  electrode. 
The  time  t  taken  by  this  process  is  given  by  the  equation 


Hence,  as  a  result  of  the  electrochemical  process  the  concentration 
of  silver  ions  near  the  cathode  decreases  at  the  rale 
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I  the  same  time,  one  faraday  of  electricity  will  carry  U  grain-ions 
of  silver  from  the  solution  to  the  electrode.  The  rale  of  increase  of  the 
silver-ion  concentration  near  the  cathode  owing  to  transport  at 
a  current  intensity  I  is  equal  to 


Usually  tj<  1  and  the  loss  of  silver  ions  as  a  result  of  discharge 
cannot’ he  compensated  by  migration.  The  associated  decrease  of  the 
concentration  down  to  cc  in  the  region  around  the  cathode  as  compar¬ 
ed  with  the  concentration  c0  in  the  bulk  of  the  solution  sets  up 
a  concentration  gradient  and  results  in  diffusion  to  the  electrode 


where  i|.  —  diffusion  coefficient  of  silver  ions 

O  =  macrosnrfncc  area  of  the  elcclrode-elcctrolylc  interface 
equal  to  the  geometrical  dimensions  of  the  electrode. 
When  a  stationary  stale  is  reached,  a  slate  to  which  there  corresponds 
quite  a  definite  concentration  cc  dependent  on  the  current  intensity, 
the  rates  of  transport  of  silver  ions  from  and  to  the  near-cathode 
layer  are  equalized,  i.c., 

a,Q^  =  0  (14.13) 


Us 

at 


|.'q.  (14.13).  one  can  find  the  concentration  ce  near  the  cathode 
urronl  intensity  /  or  at  a  current  density  i  -  H&- 


Equation  (14.13)  can  also  be  used  to  calculate  the  current  den¬ 
sity  i.  which  corresponds  to  the  concentration  er  in  the  region  around 
the  cathode: 


Substitution  of  the  values  of  cc  =  <i\e-ie  from  Eq.  (14. IS)  into 
Kq.  (14.10)  and  replacement  of  «ae‘  *»y  cjt  gives 


nr.  r,  (t— 1«)6 


or,  at  /c  =  ft,  in  accordance  with  the  assumption  made  earlier. 


RT.  r.  (I—  U)6  ,] 

cHa-  — ln|  1  *J 


(14.16) 
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For  a  binary  electrolyte,  MA,  whose  ionic  charges  arc  equal  lo  i 
Gq.  (14.16)  may  be  written  thus 


Analogous  reasoning  for  the  anodic  process  leads  to  the  equations 


o»la  =  ^ln[l 

/I 

1  Fitc o  l\ 

(14.18) 

for  the  formation  of  univalent 

ions  and 

£  ln[l 

‘  --F*te o  ‘J 

(14.19) 

for  the  formation  of  cations  of  charge  z. 

Taking  into  account  that  in  the  second  term  of  the  logarithmic 
expression  the  factor  before  the  current  density  is  independent  of 
the  latter  and  is  constant  for  a  given  electrode  reaction  and  tempera¬ 
ture,  Eqs.  (14.16)  to  (14.19)  may  be  rewritten  in  the  form 

Ha  ln(l  ±  kdi)  (14.20) 

where 

In  Eq.  (14.20)  the  minus  sign  refers  to  the  cathodic  and  the  plus 
sign  to  the  anodic  process. 

By  using  electrode  balances  one  can  obtain  equations  relating 
the  diffusion  overpotenlial  to  the  current  density  for  more  complica¬ 
ted  electrode  reactions  as  well.  An  expression  analogous  to  Kq.  (14.20) 
obtains  for  each  /lit  participant  of  the  electrode  reaction:  from  the 
general  equation  for  the  diffusion  overpotenlial  (14.6)  it  clearly 
follows  that  here  the  logarithmic  expression  is  raised  lo  a  power 
of  v j  corresponding  to  the  stoichiometric  number  of  the  given  ionic 
species,  i.o.,  in  the  general  case 

il„  =  ^2v,ln(l  ±  jk,,H  (14.22) 

The  right-hand  side  of  Eq.  (14.22)  may  be  expanded  into  a  scries 
’W  =  2vy  In  (1  ±  jkdi)  =  ±  ^  Zv,  ,kdi  — 

-  §  Zv,  (jkdiy  |  ±  ^  Zv,  (jkdiy  i  - . . . 

and  as  0  and  i -*■  0  all  the  terms  higher  than  the  first  may 
be  eliminated: 

o  =“  ±  ^  Sv,jkdi 


'Id 

nd-o;  1-0 


(14.23) 
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In  this  case  the  diffusion  overpolenlial  is  a  linear  function  of  the 
current  density.  The  derivative 


<1424) 


has  the  dimensions  of  the  resistance  and  is  called  th c  polarization 
resistance  Bd  at  diffusion  overpolenlial;  it  is  determined  by  the 
stoichiometry  of  the  electrode  reaction  and  by  the  limiting  current 
density.  . 

With  increasing  cathodic  current  density  the  diffusion  overpoten- 
tial  will  gradually  increase  until  the  product  jkdi  approaches  unity. 
Under  these  conditions  even  on  insignificant  additional  increase 
in  the  current  density  shifts  the  potential  in  the  negative  direction 
and  at  jkdi  =  1  the  cathodic  diffusion  overpotcnlial  will  adopt 
an  infinitely  large  negative  value,  ciia  =  —  <»•  The  current  density 
corresponding  to  these  conditions  is  called  the  limiting  cathodic 
diffusion  current  density: 


dhl 


jkd 


(14.25) 


The  limiting  cathodic  current  density  is  reached  when  the  near¬ 
cathode  electrolyte  layer  is  completely  depleted  in  the  ions,  i.c., 
at  r.  =  o*>.  This  follows  from  a  comparison  of  the  equation 


suiting  from  Eqs.  i 
r  ions  of  valency 


4.21)  and  (14.25)  with  Kq.  (14.15)  rewritten 


i<W)=zM+-f747^-fV£-  (14-27) 

It  is  not  difficult  to  sec  that  at  the  limiting  current  density  the 
concentration  gradient 

_ dc_ fp—  cc 

dz  6 

and.  consequently,  the  diffusion  rale  reach  the  highest  value.  Further 
rise  of  the  current  density  is  impossible,  and  so  the  diffusion  limits 
the  rale  of  the  electrode  reaction.  The  shift  of  the  potential  observed 
at  the  limiting  current  density  may  however  induce  a  new  cathodic 
reaction,  the  reversible  potential  of  which  is  more  electronegative 
than  that  of  the  initial  reaction,  and  thus  further  increase  of  the 
current  density  becomes  possible. 


i>  This  inference  can  also  ho  made  on  the  basis  of  llie  general  equation  for 
the  diffusion  overpolenlial  (14.6).  Indeed,  if  in  the  numerator  of  Ea.  114.6) 
the  activity  of  any  one  of  the  reacting  species  is  taken  as  equal  to  rero,  the  over- 
potential  will  assume  an  infinitely  high  negative  value. 
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Electrode  Processes 


From  Eqs.  (I4.2(>)  and  (14.27)  il  follows  llial 


The  use  of  llicse  relations  in  conjunction  with  the  basic 
enables  one  to  obtain  in  a  straightforward  way  the  re 
ween  diffusion  overpolenlial  and  the  current  densit 
place  of  Eq.  (14.20).  one  can  write  for  the  cathodic 


04.28) 


(H-20) 

equation  (|.(  (a 
‘lalionship  bi-i! 
l.V.  Clearly.  j„ 
process: 


(14.30) 


which  permits  calculation  of  the  diffusion  overpotenlial  a  a|  a 
current  density  i  if  the  limiting  current  density  jtic)  js  |.|)0”n' 
The  equation  for  the  anodic  diffusion  overpolenlial  in  its  .siunil  i 
form  1  cs 

o'V :  TjF1"  (• 


shows  that  „i),,  increases  monotouically  with  increasing  curreit 
density  and  therefore,  in  contrast  to  the  Cathodic  process,  in  ||,j$ 
case  the  limiting  current  density  should  not  hi'  reached,  as  ntiehi 
appear  at  first  glance.  Experiment  shows  howev-r  that  for  anodic 
dissolution  of  a  metal  the  polarization  curve  exhibits  a  section 
of  limiting  current  and  sometimes,  after  a  uiiinite  potential  j« 
attained,  even  a  fall  of  the  current  density.  On,-  of  Die  causes  of  this 
discrepancy  between  theory  and  experiment  is  .ssocialed  with  the 
assumptions  made  in  considering  electrode  reactions,  in  particular 
with  the  assumption  that  free  ions  arc  formed  in  anodic  dissolution 
of  a  metal,  c.g.  silver.  In  actual  fact  all  the  ions  arc  more  or  less 
hydrated.  With  account  taken  of  the  hydration  of  ions,  reaction  (14  jfi 
must  he  rewritten  in  the  following  form 


Ag3g  ~  e  —  lAgl  /i(lU,()  (14.31) 


where  AgJ,  arc  hydrated  (aqualed)  silver  ions, 
lion  sheath  of  which  contains  water  molecule 
lion  of  the  diffusion  overpolenlial  (14.5)  for 
should  now  he  written  thus 


I  he  primary  hydra- 
e.s.  I  lie  general  cqua- 
•  his  particular  case 


and  electrode  balai 
the  AgJ,  ions  and 


(aiijO,nii1o)  h 


(14.32) 


ices  should  be  drawn  up  for  each  of  the  reaclants- 
water  molecules.  For  silver  ions  the  balances  foi 
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reactions  (14.9)  and  (14.31)  are  the  same.  In  drawing  up  a  balance 
for  water  molecules  one  should  lake  into  account  only  llmir  binding 
to  ions  in  the  course  of  the  electrode  reaction  proceeding  al  the  rale 


and  diffusion,  the  rate  of  which  is  equal  to 


Tl  follows  from  Eq.  (14.34)  that  when  increasing  the  current 
density  can  reach  a  limiting  value  corresponding  to 

* . -*WtT 


This  limiting  value  is  attained  the  sooner  the  higher  the  hydration 
number  nh  of  the  aqualed  silver  ions  formed  and  it  must  correspond 
to  such  a  slate  of  the  electrolyte  in  the  region  around  the  anode 
when  practically  all  the  water  is  bound  to  the  ions. 

Similarly,  for  the  reaction 

Ag(CN)t-  -f  e  =  lAgl  2CX- 

proceeding  from  right  to  left  the  following  equation  can  be  obtained: 

-  (14.36) 

J'K(li) 
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which  also  indicates  that  the  anodic  limiting  current  density  can 
be  attained.  Its  magnitude 

dt,«‘) =  2  <f- 1!)  6  (14.37) 

corresponds  to  the  complete  depletion  of  the  near-anode  lover  in 
CM”  ions. 

It  should  be  pointed  out  however  that  often,  even  before  the 
limiting  current  density  is  attained,  the  concentration  of  the  result¬ 
ing  substance  in  the  region  around  the  anode  reaches  its  solubility 
limit,  c„  i.e.,  the  solution  becomes  saturated.  Further  increase  of  the 
concentration  is  impossible,  the  concentration  gradient  attains  its 
maximum  value,  (c,  —  c0)/6,  and  consequently  the  anodic  current 
density  cannot  be  expected  to  increase  cither.  The  metal  salt  may 
begin  to  deposit  from  the  saturated  solution  on  to  the  electrode  sur¬ 
face.  Since  the  electrical  conductance  of  most  solid  compounds  is  small, 
there  will  be  a  noticeable  fall  of  the  potential  in  the  deposited  salt, 
i he  appearance  of  an  apparent  limiting  current  density  is  often  due 
to  the  formation  of  surface  compounds  with  the  participation  of 
oxygen.  In  all  these  cases  the  shift  of  the  potential  to  the  positive 
side  may  even  be  accompanied  by  a  decrease  in  the  anodic  current 
density.  These  phenomena  constitute  the  various  forms  of  transition 
of  a  metal  into  the  so-called  passive  slate. 

Thus,  the  diffusion  overpotential  is  determined  primarily  by 
the  limiting  current  density  di,  or  by  the  constant  kd.  According 
to  the  Ncrnsl-Briinncr  theory  and  to  Eq.  (14.26),  the  limiting  current 
density  depends  mainly  on  the  diffusion  coefficient  of  the  correspond¬ 
ing  particles,  their  Charge*;  and  initial  concentration  c".  (or.  what 
is  the  same  thing,  their  concentration  beyond  the  diffusion  layer) 
and  the  diffusion-layer  thickness  6.  As  has  already  been  nole.i.  the 
transport  numbers  of  a  given  ionic  species,  l,,  can  be  reduced  to  zero; 
besides,  no  migration  occurs  in  the  case  of  uncharged  particles.  The 
diffusion  coefficient  can  cither  be  calculated  or  taken  from  experi¬ 
mental  data;  the  initial  concentration  c®  can  also  be  easily  determin¬ 
ed.  The  least  definite  quantity  is  the  diffusion-layer  thickness  which 
cannot  be  calculated  within  the  framework  of  the  Ncrnsl-Briinncr 
theory.  It  is  determined  experimentally,  most  often  from  measure- 
menls  of  the  limiting  current  density.  Experimental  evidence  shows 
that  6  depends  very  little  on  the  solution  composition  but  changes 
perceptibly  when  the  regime  of  electrolyte  motion  is  changed  This 
relationship  can  be  expressed  by  the  empirical  formula 

=  60w-n  (14.38) 

where  <o  =  angular  velocity  of  the  rotating  electrode  equal  to 
2nm  (m  is  the  number  of  revolutions  of  the  rotating-disc 
electrode  per  1  second) 
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fi„  =  diffusion-layer  thickness  at  an  angular  velocity  equal 
to  unity 

n  =  a  number  close  to  0.5. 

The  diffusion-layer  thickness  determined  experimentally  ranges 
from  10"s  to  10_t  cm  depending  on  the  rate  of  agitation.  These  values 
of  6  arc  incompatible  with  the  assumption  of  complete  immobility 
of  the  solution  in  the  diffusion  layer.  Indeed,  in  this  case  the  forces 
arising  between  the  electrode  and  the  solution  and  responsible 
for  the  retarded  motion  should  have  extended  over  hundreds  of 
thousands  of  molecular  layers,  which  contradicts  all  the  available 
evidence  on  the  nature  of  inlcrmolecular  forces  and  is  inconsistent 
with  the  results  of  clcclrokinetic  investigations. 


14.1.3.  THE  THEORY  OF  DIFFUSION  OVERPOTENTIAL 
COVERING  CONVECTIVE  DIFFUSION 
Despite  the  obvious  drawbacks  of  the  Nernst-Briinncr  theory— 
the  impossibility  of  the  theoretical  calculation  of  the  limiting 
current  density,  the  physical  incongruity  of  the  diffusion-layer 
model— nearly  40  years  elapsed  until  a  now,  more  perfect  theory 
of  tin;  diffusion  overpolential  was  created.  Advances  in  this  line 
have  been  achieved  owing  to  the  application  of  the  basic  conceptions 
of  heat  and  mass  transfer,  particularly  the  laws  of  hydrodynamics, 
to  diffusion  phenomena. 

This  new  theory  of  diffusion  overpotential  has  emerged  from  the 
coni' ibutions  made  by  many  scientists,  especially  by  Lcvich  (1942- 
19fi01.  The  underlying  principle  of  this  theory  is  that  the  stagnant 
layer  is  actually  the  layer  immediately  adjacent  to  the  electrode 
surface  and  having  a  thickness  of  several  atomic  diameters,  i.e.. 
incomparably  less  than  that  of  the  diffusion  layer.  Both  within 
and  beyond  the  diffusion  layer  the  solution  is  not  at  rest.  The  velocity 
of  its  motion  (flow  rate)  changes  on  approaching  the  electrode  from 
u  =  i/„  in  the  bulk  of  the  solution  to  u  =  0  on  the  electrode  surface. 
The  change  of  the  flow  rate  occurs  in  a  certain  layer  called  the 
boundary  layer  6b  or  the  Prandll  layer  6Pr.  The  transfer  of  motion 
from  one  layer  to  another  is  determined  by  the  kinematic  viscosity 
of  the  liquid,  v,  which  is  the  ratio  of  its  viscosity  y  to  its  density  p: 


For  most  solutions  v  is  of  the  order  of  10-1  cm1  sec-1.  Iho  transport 
of  the  solute  from  layer  to  layer,  i.e.,  its  diffusion,  is  determined 
by  the  diffusion  coefficient  A.  which  is  usually  of  the  order  of 
10-*  cm*  sec-1.  Thus,  the  transfer  of  motion  is  more  effective  than 
the  transport  of  the  solute  by  diffusion  and  therefore  at  comparable 
values  of  A  it  and  Ac  the  velocity  gradient  may  be  lower  than  the 
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concentration  gradient,  i.e..  the  thickness  of  the  Prandtl  layer  must 
be  greater  than  that  of  the  diffusion  layer.  6,.r  >  fi.  It  has  been 
shown  that  these  quantities  are  interrelated  by  the  equation 

<''■-«>) 

In  other  words,  the  diffusion-layer  thickness  is  approximately 
one-tenth  of  the  Prandtl  layer  thickness 

8  -  (-T')'  3®'"  =(j5^)l  36jf  (14.41) 

In  the  layer  fi  the  solution  is  not  at  rest,  but  its  flow  rale  varies 
linearly,  as  a  first  approximation,  with  distance  from  the  electrode 
surface. 

The  relationship  between  6  and  6,.r  and  also  the  variation  of 
«  and  c  with  distance  from  the  electrode  are  shown  schematically 
in  I’ig.  14.26.  The  value  of  6  is  governed  not  only  by  the  velocity 
of  the  liquid  but  also  by  the  geometry  of  the  electrodes  and  of  the 
system  as  a  whole  and  by  the  method  employed  to  induce  the  flow 
of  the  liquid. 

For  the  case  of  natural  convection  due  to  the  concentration  gra¬ 
dient  nud  hence  to  the  solution  density  gradient,  similar  equations 
have  been  derived  by  a  number  of  workers  (l.evich.  Agar.  Wagner, 
and  others)  for  a  vertical  plate  electrode,  which  is  very  often  encount¬ 
ered  in  electrochemical  practice  (e.g.  in  stationary  elertrohiir  cells, 
storage  batteries): 


The  equations  obtained  differ  slightly  only  in  numerical  value  of  the 
constant  k.  which  may  bo  taken,  on  liio  average,  as  0.0.  I  n  Kq.  (14.42) 
h  is  the  distance  reckoned  along  the  vertical  from  the  lower  edge 
of  the  electrode  (see  Pig.  14.3a).  |>  the  density  of  the  solution.  «  the 
acceleration  due  to  gravity,  and  Ac  is  the  difference  in  concentration 
within  the  diffusion  layer  6.  Equation  (14.42)  shows,  in  particular, 
that  for  a  given  system  6  is  a  function  of  the  distance  from  a  given 
point  on  the  electrode  to  its  lower  edge.  i.e..  a  function  of  the  elec¬ 
trode  height.  With  increasing  distance  from  the  lower  edge  the 
value  of  6  increases  proportionally  to  h.  while  the  current  density 
and  the  limiting  current  density  decrease  accordingly": 

a*  V”  (3) 

"  At  the  limiting  current  density  \c  —  c  since  c„  =  0. 
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From  Equation  (14.43)  it  follows  that  under  natural  convection 
die  limiting  current  density,  in  contrast  to  the  iNernst  theory,  beco¬ 
mes  dependent  on  the  diffusion  coefficient  to  the  power  of  3  4  and 
also  on  the  concentration  to  the  power  of  5'4.  These  corollaries  from 


Eq.  (14.43)  were  confirmed  recently  by  direct  experimental  obser¬ 
vations. 

Another  special  case  of  importance  is  the  laminar  flow  of  a  liquid 
flowing  onto  a  plate  electrode  from  one  side  (Fig.  14.36). 

In  ;li is  case,  according  to  Eucken  and  Levich.  p  is  given  by  the 


equation 


--  .V  sk-'  sv1  • 


where  .r  -=  distance  along  the  horizontal  from  the  electrode  edge 
onto  which  the  solution  (lows 
ii.o  -  rate  (velocity)  of  the  liquid  flow  parallel  to  the  electrode 
plane  at  an  infinitely  large  distance  from  it. 
Equation  (14.44)  agrees  with  the  experimentally  found  relation 
between  the  diffusion-layer  thickness  and  the  rate  of  stirring.  For 
the  limiting  current  density  at  a  point  x  under  the  given  conditions 

•  y  : f iilS v- 1  ■*&*■  3cx- '  -  (14.45) 


In  this  case  the  dependence  or  limiting  current  density  on  diffu¬ 
sion  coefficient  is  also  found  to  he  different  from  that  in  the  Nernst- 
Briiuner  theory. 

A  third  case  of  convective  diffusion  occurs  when  a  rotaling-disc 
electrode  is  used  (see  Fig.  14.3c).  A  specific  feature  of  the  rotaling- 
disc  electrode  (as  indicated  by  Levich)  is  the  constancy  of  the  diffu¬ 
sion-layer  thickness  at  any  point  of  its  surface  provided  that  8  <  r 
(r  is  the  radius  of  the  disc  electrode).  The  equation  for  the  diffusion- 
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layer  thickness  under  the  conditions  of  laminar  Dow 

6  =  1.61ci)_,/*v1/«Al-'»  (14. 46) 

is  therefore  valid  for  any  point  on  the  disc  electrode  and  for  the 
electrode  as  a  whole. 

The  limiting  current  on  the  rotaling-disc  electrode  is  described 
by  the  equation 

alt  =  0.62sF©1/*v—1 |/«A1/«c0  (14.47) 

Still  another  important  case— (he  dropping  mercury  electrode- 
will  be  treated  later  on  in  the  section  on  polarography. 

The  conditions  of  convective  diffusion  arc  found  to  be  much  more 
complicated  in  the  case  of  turbulent  flow.  No  sufficiently  detailed 
quantitative  theory  exists  so  far  and  the  discussion  of  this  question 
would  hardly  be  expedient  within  the  scope  of  this  textbook. 

All  the  equations  given  in  the  present  chapter  refer  to  the  diffu¬ 
sion  overpotential  under  stationary  conditions,  i.c..  when  the  con¬ 
centration  gradient  is  time-invariant  and  the  diffusion-layer  thick¬ 
ness  has  attained  a  constant  value.  The  time  required  for  such  a  sta¬ 
tionary  state  to  be  reached  is  very  short,  but  it  is  finite  and  depends 
on  a  number  of  factors,  primarily  on  the  current  density  and  the 
electrolyte  concentration.  The  treatment  of  the  processes  of  non¬ 
slationary  diffusion  is  based  on  Pick’s  second  law: 


The  use  of  this  equation,  i.c..  its  solution  for  the  case  under  consi¬ 
deration  is  impossible  without  formulation  of  the  boundary  condi¬ 
tions,  which  may  be  different  depending  on  the  nature  of  the  system 
under  study  and  the  procedure  used  for  carrying  out  the  electrode 
reaction  (for  example,  at  a  constant  current,  under  galvanostatic 
conditions,  or  at  a  constant  potential,  under  polcntioslalic  condi¬ 
tions).  A  fundamentally  correct  way  for  solving  the  differential 
equation  (14.48)  without  taking  into  account  convective  diffusion 
was  suggested  at  the  end  of  the  nineteenth  century  (Sokolov  and 
Weber).  Later  this  problem  was  treated  in  the  works  of  many  scient¬ 
ists— Sand.  Cottrell.  Agar,  Bowden,  and  others.  It  has  recently 
been  the  subject  of  the  original  investigations  carried  out  by  Gorba¬ 
chev  and  his  coworkers,  especially  by  Ivhlopanov.  Equations’ describ¬ 
ing  the  process  of  nonslationary  diffusion  arc,  as  a  rule,  rather  sophi¬ 
sticated.  An  example  is  the  formula  derived  by  Rosobrugh  and 
Lash-Miller  and  referring  to  galvanostatic  conditions: 


(14.49) 
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r-w 


Al  a  sufficiently  large  /  (i  — oo)  the  value  of  p  -*  0  tends  lo  zero 
and  Iiq.  (14.49)  is  transformed  into  the  stationary  diffusion  equa¬ 
tion  (14.22): 

K-Tr*'  *"(>-77) 


14.1.4.  THE  IMPORTANCE  OF  DIFFUSION 
OVER  POTENTIAL  PHENOMENA  FOR  ELECTROCHEMICAL 
PROCESSES 

The  equations  describing  diffusion  ovcrpolcnlial  are  based  on  the 
assumption  of  a  thermodynamic  equilibrium  being  maintained  bet¬ 
ween  electrode  and  electrolyte.  They  follow  from  the  Nernsl  formula 
for  reversible  potential.  Thus,  a  study  of  diffusion  overpolenlial  can 
yield  no  additional  information  on  the  actual  path  of  the  electrode 
reaction  or  the  steps  constituting  this  reaction.  At  the  same  time, 
the  application  of  experimental  techniques  based  on  diffusion 
overpolenlial  phenomena— the  dropping  mercury  electrode  (see 
Chapter  18)  and  rotaling-disc  electrode— enables  determination  of 
many  quantities  playing  an  important  role  in  the  kinetics  of  electrode 
processes  and  in  electrochemistry  in  general.  For  example,  the 
measurement  of  limiting  current  on  the  disc  electrode  makes  it 
possible  lo  calculate  the  diffusion  coefficients  of  individual  ions. 

lo  find  out  (he  number  of  electrons  z  participating  in  an  electrode 
reaction  and  lo  ascertain  whether  diffusion  is  (lie  sole  limiting  step. 
A  sl'uly  of  diffusion  ovcrpolcnlial  phenomena  is  of  still  greater 
■mportance  for  effective  solution  of  numerous  problems  in  industrial 
electrochemistry  Indeed,  the  existence  of  the  limiting  diffusion 
c,|rrent  dcnsitv'restricts  the  possibility  of  speeding  up  electrochcmi- 
Cal  processes  The  diffusion  ovcrpolcnlial  theory  enables  one  to  map 
r  *■»  for  ir.cre.sing  Hie  current  density  or.  in  other 

to  find  methods  for  intensifying  industrial  elcclrochcn.ical 
l  r»eessos.  Ail  equations  derived  for  He  limiting  call, odie  current 
density  indicile  tint  its  magnitude  increases  with  concentration 
reducing  articles  «"  «'ith'  increasing  diffusion  coefficient  A  and 
"’ith  ,i„„„e  Parl,c1^'  .  ’  .  ..  thickness  6.  In  order  to  intensify 
,hc  Cal liod ilf'proceLs  u'is  'therefore  expedient  to  use  solutions  with 
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llic  highest  possible  concentration  of  reducing  particles.  The  optimum 
concentration  is  determined  in  this  case  by  the  fact  that  the  solution 
in  the  vicinity  of  the  anode  (in  electrorclining  of  metals  and  applica¬ 
tion  of  various  galvanic  coalings)  becomes  saturated  the  sooner 
(i.c.,  at  a  lower  anodic  current  density),  the  higher  is  the  solution 
concentration.  Another  way  of  intensifying  an  electrochemical 
process  is  to  raise  the  electrolyte  temperature  and  thus  increase  the 
diffusion  coefficient  A.  A  third  possibility  consists  in  increasing 
the  flow  rale  or  the  rale  of  stirring  of  the  electrolyte,  which  reduces 
the  dilfusion-lnycr  thickness  t)'1.  Today  this  aim  is  successfully 
achieved  in  electrochemical  practice  by  using  ultrasound,  the  impo¬ 
sition  of  which  increases  the  limiting  current  density  by  scores 
of  times.  Interesting  electrochemical  laboratory  setups  with  forced 
circulation,  making  it  possible  to  increase  the  limiting  current 
density  toany  desired  degree,  have  recently  been  designed  by  Corha- 
clicv  and  coworkers,  and  also  by  (ieri seller,  and  others. 

'Hie  role  of  diffusion  phenomena  in  electrochemical  processes  is  not, 
however,  restricted  to  the  limitation  of  their  permissible  rates. 
In  certain  cases,  for  example,  in  the  clcclrodcposiliou  <>f  metals, 
diffusion  has  an  effect  on  the  quality  of  the  deposits  formed,  in  parti¬ 
cular.  on  their  distribution  over  the  cathode  surface. 

Indeed,  if.  for  example,  the  elect  rode  posit  ion  of  a  metal  is  effected 
in  a  stationary  electrolytic  bath  with  vertical  plate  elect  rode.',  then, 
as  follows  from  Kq.  (I'i/i2),  under  the  electrolysis  conditions  chosen 
the  diffusion-layer  thickness  will  increase  with  distance  fimn  the 
lower  edge  of  the  electrode.  Under  diffusion-controlled  conditions 
(near  tile  limiting  current  density)  more  metal  will  be  deposited 
on  the  lower  than  on  the  higher  part  of  the  electrode,  i.c..  the  deposit 
will  be  noiiunjform  ami  its  thickness  will  decrease  from  but  tom 
to  top.  In  the  case  of  mixed  control,  i.c..  when  the  rate  of  some 
other  step  is  comparable  with  that  of  the  transport  step  or  is  retarded, 
the  concentration  gradient 

°  H 

must  reduce  to  zero  with  height.  Since  fi,,  increases  with  increasing  h. 
the  value  of  c,.lh,  must  decrease  with  h  when  the  gradient  is  nearly 
constant.  Hence,  the  concentration  of  discharging  ions  will  be 
higher  at  the  bottom  than  at  the  top.  Such  a  distribution  of  concen¬ 
trations  will  assist  in  speeding  up  any  other  reaction  step  at  the 
lower  part  of  the  electrode,  i.c..  the  deposit  will  again  be  distributed 
nonuni  form  I  y. 


11  In  all  cases  llic  optimal  parameters  must  be  chosen  with  account  taken  of 
economic  factors. 
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14.2.  CHEMICAL  ( REACTION)  OVERPOTENTIAL 

14.2.1.  THE  HOLE  OF  CHEMICAL  STEPS 
IN  THE  KINETICS  OF  ELECTROCHEMICAL 
REACTIONS 

Almost  any  electrode  process  involves,  as  an  integral  part,  a  purely 
chemical  transformation.  This  chemical  transformation  may  he 
either  homogeneous  or  heterogeneous,  it  may  precede  or  follow  the 
electrochemical  act,  hut  in  either  case  its  rale  constant  does  not 
depend  on  the  electrode  potential  (since  the  transformation  is  purely 
chemical  in  nature).  Nevertheless  this  transformation  has  u  notice¬ 
able  effect  on  the  kinetics  of  an  electrochemical  process. 

The  importance  of  the  chemical  step  in  electrochemical  kinetics 
was  lirst  ascertained  in  the  course  of  polarographic  investigations. 
The  fundamentals  of  the  theory  of  polarographic  waves  with  account 
taken  of  diffusion  and  chemical  limitations  were  elaborated  by  the 
Czech  school  of  polarogrnphisls:  Hrdicka  (HM.'l).  and  Wiesner  and 
others,  and  also  by  Dclahay  and  his  coworkers.  Later  the  conceptions 
of  llie  important  role  of  chemical  transformations  were  extended 
to  other  sections  of  electrochemical  kinetics.  Thus,  Vetter  and 
Ceriseher  (1951)  introduced  the  concept  of  reaction  ovcrpotenlial 
corresponding  to  the  case  where  the  rate  of  the  electrode  process 
is  controlled  by  the  conditions  under  which  chemical  reactions 
proceed.  In  accordance  with  the  classification  adopted  in  this  hook 
this  type  of  overpoteiilial  is  called  the  chemical  or  reaction  over- 
poter/i.il. 

The  physical  meaning  assigned  to  the  concept  of  chemical  over¬ 
potential  can  he  understood  by  assuming  that  the  overall  electrode 
reaction 

v.\A  •••  V||H -j-  . . .  =  Vf.L H-  vmM  -}■  ...  ( 1-4.51) 

to  which  there  corresponds  the  reversible  potential 

cr  - 1»  +  In  ( 14 .32> 

involves  certain  chemical  steps.  The  lirst  chemical  step  leads  to 
the  formation  of  intermediate  particles  A'  resulting  from  the  chemi¬ 
cal  interaction  between  particles  A  and  li: 

vaA  -r  v„IJ  =  va  A'  (14-53) 

While  particles  A  and  B  arc  incapable  of  electrochemical  reduction, 
particles  A'  can  be  reduced  to  form  new  intermediate  particles  I/: 

va  A'  -f  z'F  =  vL-I/  (14.54> 
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Further  transformation  of  particles  L'  gives  rise  to  the  final  reaction 
products: 

vl-L'  =  vlL  t  VjjM  (14.55) 

Reactions  (14.53)  and  (14.55)  correspond  to  chemical  transforma¬ 
tions,  one  of  which  precedes  and  the  other  follows  the  discharging 
act.  Since  it  is  intermediate  particles  A'  that  arc  discharged  and 
the  final  products  are  formed  only  from  intermediate  particles  L', 
the  kinetics  of  each  of  these  two  reactions  must  influence  the  kinetics 
of  the  entire  electrode  process.  If  one  assumes  that  all  the  steps, 
except  the  one  corresponding  to  chemical  reaction  (14.53),  proceed 
unhindered  (or  are  retarded  very  slightly),  the  electrode  polarization 
will  depend  on  the  activity  of  particles  A'.  The  activity  of  these 
particles  can  be  introduced  into  Eq.  (14.53),  making  use  of  the 
equilibrium  constant  K,  of  reaction  (14.53)  and  putting,  for  simpli¬ 
city,  z'  =  z: 

er  =  t0  +  7rln  K  “CL  vM  (14.56) 

If  the  assumptions  made  earlier  are  retained,  the  activity  of  partic¬ 
les  A'  during  the  passage  of  a  current  must  be  different  and  depend 
on  the  current  density.  If  the  current-induced  departure  from  the 
equilibrium  stale  is  not  very  great,  then  the  corresponding  new  value 
of  potential  may  be  expressed  by  the  same  equation  ( 14.515)  provided 
the  activity  oa-(»  of  pnrticlesA'  at  a  current  density  i  is  subsiM  tiled 
for  aA- : 


By  definition,  any  value  of  polarization 
H  =  e,  -  er 

from  which,  after  substitution  of  ej  and  e,  from  Eqs.  (14.56)  and 
(14.57),  one  can  obtain  the  following  equation  for  the  chemical 
overpotcntial  i\:h  due  to  the  slow  rale  of  the  chemical  step  preceding 
the  charge-transfer  reaction: 

tWa  =  va-^t  1,1  ( 1  4  .58) 

If  the  rate  of  the  electrode  process  is  governed  by  the  rale  of  reac¬ 
tion  (14.55),  then,  in  place  of  (14.58),  one  should  write 

1)c»  =  —  vl-  -jf  -  In  ~7*-  (14.59) 

Equation  (14.59)  corresponds  to  the  chemical  overpotcntial  caused 
by  the  slow  rale  of  the  chemical  step  following  the  discharge  act. 
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14.2.2.  FUNDAMENTALS  OF  THE  THEORY 
OF  CHEMICAL  (REACTION)  OVER  POTENTIAL 
liquations  (14.58)  and  (14.59)  arc  similar  in  appearance  lo 
Eq.  (14.0)  which  was  derived  earlier  under  the  assumption  of  retarded 
diffusion.  In  holh  eases  a  decrease  in  the  concentration  of  particles 
being  reduced  sharply  increases  polarization  (q  — oo)  and  limits 
the  rise  of  the  current  density  (i  -*■  t/).  But  the  nature  of  the  processes 
underlying  Eqs.  (14.58)  and  (14.59),  on  the  one  hand,  and  Eq.  (14.0), 
on  the  other,  is  essentially  different.  Under  the  conditions  of  diffu¬ 
sion  limitations  the  number  of  discharged  particles  is  compensated 
for  by  particles  transported  from  the  bulk  of  the  solution  under  the 
effect  of  the  concentration  gradient  inside  the  diffusion  layer  6. 
The  limiting  diffusion  current  density  dit  corresponds  in  this  case 
lo  the  maximum  possible  concentration  gradient  and  is  a  function 
of  the  diffusion  coefficients  of  the  reacting  particles.  Conversely, 
when  the  purely  chemical  transformation  is  retarded,  the  drop 
in  concentration  because  of  particle  discharge  is  compensated  for 
by  the  chemical  reaction  taking  place  in  the  immediate  vicinity 
of  the  electrode  or  at  its  surface.  The  reaction  limiting  current 
density  ri/  must  be  a  function  of  the  rate  constants  of  the  correspond¬ 
ing  chemical  transformations.  The  determination  of  rit  and  the 
understanding  of  the  laws  governing  chemical  ovcrpotcnlial  allows 
one  l<>  study  the  kinetics  of  fast  chemical  reactions  by  using  electro¬ 
chemical  methods. 

An  idea  of  the  quantitative  expression  of  the  reaction  limiting 
current  density  under  stationary  conditions  can  be  obtained  by 
considering  a  rather  simplified  example  of  the  reactions  discussed 
in  the  preceding  section.  Suppose  that  all  the  stoichiometric  numbers 
of  reactions  (14.51).  (14.53)  and  (14.54)  are  equal  to  unity  and  that 
the  amount  of  substance  B  greatly  exceeds  that  of  substance  A. 
i.c..  reaction  (14.53)  may  be  regarded  as  pscudomoleciilar.  Then, 
if  the  changes  in  the  composition  due  lo  the  slow  occurrence  of 
reaction  (14.53)  arc  localized  inside  the  volume  6,.  the  reaction 
layer,  the  rate  of  increase  of  the  number  and  concentration  of  inter¬ 
mediate  particles  near  the  electrode  surface  (x  =  0)  will  be  determin¬ 
ed  by  the  equation: 

<«•«* 

where  A-  and  A’aro  the  rale  constanls'of  reaction  (14.53)  in  the  forward 
and  reverse  directions,  respectively.  In  terms  of  current 

ir  =  zFfir  (Ac A  -  AtA’).v— o  (14.01) 

The  maximum  rale  of  formation  of  particles  A'  and.  accordingly, 
the  reaction  limitiiiK  current  rit  arc  attained  when  ca'  —  0: 

ri,  —  zF6ptCA  (14.02) 
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It  should  however  be  taken  into  account  that  the  same  magnitude 
of  current  (under  stationary  conditions)  must  correspond  to  the 
rate  of  transport  of  particles  A  and  A'  from  the  bulk  of  the  solution 
(if  the  reaction  producing  these  particles  is  homogeneous),  i.e., 
id  =  const  lei  +  —  (cA  --  cA/)x_0| 

or,  in  the  limit,  when  cA(*a0>  =  0 

,,it  =  const  (c°  —  cA(,=0>)  =  i(  (14.63) 

where  c°  stands  for  the  sum  cA  4-  cA-,  and  i,  corresponds  to  the 
limiting  current  density.  Eliminating  cMx=,0)  from  Eqs.  (14.62) 
and  (14.63)  and  solving  these  equations  simultaneously  for  i,,  one 
obtains 


iFc  ®6,* 


According  to  Eq.  (14.26),  under  stationary  conditions  at  tj  ■■  =  0 
const  =  zF  A  -jr 

and,  consequently, 


If  Srk  is  so  large  (6,6 i  §>  A)  that  the  unity  in  the  denominator 
may  be  neglected  as  compared  with  the  second  term,  then 

it  =  ait  =  zFA  y 

i.e..  Eq.  (14.64)  is  reduced  to  Eq.  (14.26),  which  corresponds  to 
purely  diffusion  limitations. 

If,  conversely,  dje  is  so  small  (6,6*  <  A)  that  the  second  term 
in  the  denominator  may  be  ignored  as  compared  with  unity, 
Eq.  (14.64)  then  simplifies  to 

it  ~  rii  =  zFdrktF  (14.65) 

which  corresponds  to  a  purely  chemical  limitation  of  the  rale  of  the 
process. 

The  thickness  of  the  reaction  layer.  6,.  can  be  represented  as 
a  function  of  the  diffusion  coefficient  and  the  rale  constant  of  a  che¬ 
mical  reaction  proceeding  in  the  reverse  direction 

6,  =  A 


(14.66) 
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iind  (Inis,  in  place  of  Eq.  (14.65),  one  may  write 

ri,  =  zF&  Ak-k-'W  (14.07) 

From  Eq.  (14.67)  it  follows1*  that,  in  contrast  to  the  diffusion 
limiting  current  density,  the  reaction  limiting  current  density  must 
lie  independent  of  the  rate  of  agitation.  Thus,  a  study  into  the 
effect  of  agitation  of  the  solution  on  the  kinetics  of  the  electrode 
reaction  enables  one  to  distinguish  between  the  hindrance  of  trans¬ 
port  and  the  chemical  transformation.  The  nature  of  a  retarded 
chemical  transformation  can  be  elucidated  on  the  basis  of  data 
on  the  influence  of  the  electrode  material  on  the  kinetics  of  the 
electrode  process;  the  absence  of  this  ofloct  indicates  that  the  chemi¬ 
cal  reaction  is  homogeneous,  whereas  the  dependence  of  the  kinetics 
on  the  electrode  material  points  to  the  heterogeneity  of  the  chemical 
transformation. 


14.2.3.  SOME  EXAMPLES  OF  THE  EFFECT 
OF  CHEMICAL  TRANSFORMATIONS 
ON  ELECTRODE  KINETICS 

One  of  the  simplest  examples  illustrating  the  role  of  homogeneous 
chemical  transformations  in  electrochemical  processes  is  the  clcctro- 
reduclion  of  formaldehyde,  which  has  been  thoroughly  studied  by 
DrdicUa  and  a  number  of  other  investigators.  In  aqueous  solutions 
formic  aldehyde  is  present  in  a  hydrated  stale  and  cannot  be  reduced. 
For  the  cathodic  reaction  to  proceed  formaldehyde  must  be  preli¬ 
minarily  dehydrated: 


The  free  formaldehyde  is  then  converted  at  the  cathode  inta 
methanol: 

CH,0  +  2c- +  2H+  =  CIIjOH 

Since  the  chemical  step  of  dehydration  is  the  most  hindered  one, 
a  reaction  limiting  current  appears,  whose  magnitude  is  governed 
by  the  rate  constants  of  the  hydration  and  dehydration  reactions: 

rh  =  iFkjt,  •&a-I/iAcH!O-Hi0(Cc1!«O.HiO  H-  CCHio) 

A  more  complex  and  still  obscure  process  of  electrochemical 
reduction  coupled  with  the  slow  stage  of  homogeneous  chemical 
transformation  is  the  cathodic  production  of  nitric  acid  from  nitrous 

acid. 

■>  The  same  conclusion  can  be  drawn  on  tho  basis  ol  Eq.  (14.65)  if  ono  takes 
into  account  that  6r  <  d  and  the  reaction  layer  does  not  therefore  undergo  a  chan¬ 
ge  with  increasing  rate  of  agitation. 

22* 
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According  lo  some  authors,  the  reaction 

II*  +  NO,'  +  211*  -i-  2e  =  UNO,  -}-  II-O  (14.08) 

involves  the  following  steps: 

I.  II*  -r  NO;  =  IINO, 

II.  IINO.,  -i-  UNO,  =  NjOi  IIsO 

III.  N»Ot  =  2N02 

IV.  2NOj  t  2e  =  2NO; 

V.  2NO;  -f-  2H*  =  2HNO- 

It  is  not  the  initial  nitric  acid  or  its  ions  but  the  intermediate 
product,  nitrogen  dioxide,  that  is  reduced.  The  reaction  leading 
lo  the  formation  of  nitrogen  dioxide  is  the  sum  of  steps  1,  II  and  III: 

II*  +  NO;  UNO;  =  2NOs  -r  HjO 


with  the  equilibrium  constant 


Introducing  into  the  equation  for  the  reaction  equilibrium 
tial  (14.56) 


.  c.  ■  *T  in  |H*I3|N°71 

e,-e  ,  u  in  |HN0.||H.O| 


the  concentration  of  the  intermediate  product  NO;  yields 

»««•> 


e,  =  e'°  -|-  -ft-  In 


where  e'°  includes  the  quantity  A'no,- 
If  the  formation  of  NO-  proceeds  at  a  finite  rate,  then,  owing  lo 
the  passage  of  a  current,  its  concentration  decreases  and  becomes 
equal  lo  |NO;l(.  Since  neither  the  pH  value  nor  the  concentration 
IIINO-I  undergoes  a  change,  one  can  write,  in  place  of  Eq.  (14.69): 


=  In 

The  reaction  overpolenlial 


+  -¥-lnlNO.|,  (14.70) 


arising  in  this  case  at  the  step  preceding  the  discharging  act  will 
he  determined  by  (he  kinetics  of  homogeneous  chemical  reactions 
producing  nitrogen  dioxide. 

The  indicated  scheme  however  contradicts  the  fact  of  the  appearan¬ 
ce  of  NO  in  the  reaction  volume.  Another  scheme  has  therefore 
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•Vi  I 

been  suggested,  according  to  which  reaction  (14.00)  involves  the 
following  three  basic  steps: 

I.  2IINO-  -i-  2H+  =  2NO*  -i-  2H20 

II.  2NO*  -i-  2e  =  2NO 

III.  UNO.,  -f-  2NO  +  H20  =  3HN03 

Here  step  III  following  the  charge-transfer  reaction  is  considered 
to  be  the  slow  one.  Although  no  unequivocal  conclusion  can  be 
made  as  to  which  of  the  two  schemes  indicated  is  preferable,  it 
should  nevertheless  be  noted  that  in  both  cases  the  kinetics  of  the 
electrode  process  is  controlled  by  purely  chemical  homogeneous 
transformation.  ,  .  ,  , 

Numerous  examples  of  electrochemical  processes  in  which  the 
homogeneous  chemical  reaction  plays  an  important  role  have  been 
obtained  in  polarographic  investigations  of  the  reduction  of  the 
various  inorganic  and  organic  substances,  in  particular  organic 
acids.  It  has  been  found  that  undissocialcd  molecules  of  acids  are 
reduced  more  readily  than  their  anions.  In  solutions  of  high  pH 
value,  however,  even  weak  acids  arc  present  mainly  in  the  ionized 
state.  Therefore,  in  a  definite  region  of  pH  values  dependent  on  the 
dissociation  constant  of  the  acid  two  waves  appear  on  polarograms. 
one  corresponding  to  the  reduction  of  the  molecules,  and  the  other 
to  that  of  acid  anions.  The  measured  limiting  current  of  the  first 
wave  is  found  to  he  considerably  higher  than  expected  in  the  case 
of  diffusion  limitations.  Here  the  loss  of  acid  molecules  is  compensat¬ 
ed  for  not  only  by  diffusion,  hut  by  another,  more  effective  process. 
This  second  process  is  identified  with  the  formation  of  undissocialcd 
molecules  of  the  acid  from  its  anions  and  hydrogen  ions.  The  rale 
of  this  reaction  depends  on  the  rate  constants  of  recombination  krtt 
and  dissociation  kd„  and  also  on  the  solution  composition: 

[ll-l(A-)  — *j„1ZIA|  ( 1-172) 

The  height  of  the  second  wave  is  governed  by  the  concentration 
of  acid  anions  near  the  electrode.  A  study  of  the  dependence  of  the 
wave  height  on  the  solution  pH  and  a  comparison  of  these  values 
with  diffusion  limiting  currents  allows  one  to  obtain  data  required 
for  calculating  the  rate  constants  of  the  chemical  reactions  preceding 
the  discharge  step.  Thus,  the  reduction  of  pyroracemic  acid  to 
lactic  acid 

CI1 3COCOOH  -f  2M*  -i-  2e  =  CH3CH0IIC00H 
yielded  V  he  following  data.  At  pH  <  4  only  one  wave  of  height  h  is 
delected  on  the  polarogram.  Since  the  dissociation  constant  of 
pyroracemic  acid  is  3.2  x  10~9  molc/litre,  it  follows  that  at  such 
pH  values  practically  only  undissocialcd  molecules  of  the'acid  are 
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present  in  solution.  If  pH  >  4,  two  waves  appear  instead  of  one. 
tlieir  total  height  remaining  practically  unaltered  and  independent 
or  pit.  At  a  pH  value  of  about  6.1  the  height  of  each  wave  is  appro¬ 
ximately  half  of  h  and.  finally,  at  pH  >  7.0  again  only  one  wave 
is  left  on  the  polnrograin.  It  starts  at  a  more  negative  potential  than 
the  vanished  first  wave  and  corresponds  to  the  reduction  of  the  acid 
anions.  Polarograms  obtained  over  a  wide  range  of  pH  values  have 
enabled  calculation  of  the  krrc  and  kji,  of  pyroraccmic  acid;  they 
are  equal  to  7.08  X  10*  molc-'/litre  sec'1  and  2.24  x  10*  sec.-' 
respectively. 

■  The  course  of  electrochemical  processes  is  affected  almost  as 
often  by  heterogeneous  chemical  transformation.  A  typical  example 
is  the  cathodic  evolution  of  hydrogen,  in  which  the  final  product 
(hydrogen  molecules)  is  obtained  through  recombination  of  the 
adsorbed  hydrogen  atoms  resulting  from  the  discharge  act: 


If  the  recombination  reaction  proceeds  slowly,  it  gives  rise  to  polari¬ 
zation.  The  magnitude  of  polarization  can  be  determined  by  insert¬ 
ing  the  activity  of  atomic  hydrogen  in  Kq.  (14.61): 


The  anodic  evolution  of  oxygen  should  also  be  included  in  this 
group  of  processes  if  its  rate  is  determined,  for  example,  bv  the  slops 
of  formation  (or  decomposition)  of  higher  oxides  of  the  electrode  metal. 

An  example  of  the  accelerating  effect  of  chemical  reactions  is  the 
increase  of  the  limiting  current  during  the  reduction  of  ferric,  ions 
to  ferrous  ions  upon  addition  of  hydrogen  peroxide  to  a  solution 
of  an  iron  salt.  The  polarographic  reduction  of  trivalcnt  ferric  ions 
occurs  at  potentials  at  which  hydrogen  peroxide  is  not  reduced  at  the 
mercury  cathode.  The  observed  increase  of  the  limiting  current 
cannot  therefore  be  ascribed  to  the  superposition  of  the  wave  of 
reduction  of  hydrogen  peroxide  upon  that  of  ferric  ions.  This  fact 
can  however  be  explained  if  it  is  assumed  that  the  ferric  ions  (formed 
at  the  cathode  surface  as  a  result  of  discharge)  are  chcmicallv  oxidized 
by  hydrogen  peroxide  with  recovery  of  iron  ions  of  higher  valency: 

Pc’*  -r  e  =  IV  (14.74) 

FcJ+-i-i-HA  =  Fe3+-'-OH-  (14.75) 


which  subsequently  participate  in  the  reduction  reaction.  The 
decrease  in  the  concentration  of  ferric  ions  is  compensated  in  this 
case  not  only  by  diffusion  but  also  by  a  chemical  reaction.  The  rale 
constant  of  this  reaction,  described  by  Kq.  (14.75).  can  be  calculated 
by  comparing  the  actual  wave  heights  with  the  values  of  diffusion 
limiting  current.  The  value  of  the  rate  constant  thus  obtained  agrees 
fairly  well  with  the  value  found  bv  another  method. 


CHAPTER  15 

Phase  Overpotential 


15.1.  GENERAL  DESCRIPTION  OK  PHASE 
OVERPOTENTIALS 

The  lerin  phase  overpotential  suggested  by  Gorbachev  gives  a  true 
reflection  of  the  nature  of  the  phenomenon.  The  deviation  of  the 
electrode  potential  from  the  equilibrium  value  during  the  passage 
of  a  current  is  caused  by  difficulties  associated  with  the  formation 
and  development  of  a  new  phase  under  the  conditions  of  electrolysis. 
It  is  therefore  appropriate  to  recall  here  certain  general  points 
concerning  phase  transformations. 

All  phase  transformations  can  be  divided  into  two  groups  accord¬ 
ing  to  the  character  of  transition  from  one  phase  to  another.  Phase 
transformations  of  the  first  group  arc  not  accompanied  by  metaslabi- 
lilv  phenomena,  i.e..  superheating,  supercooling  or  supersaturation. 
To  this  group  belong  transformations  of  a  solid  phase  S  into  a  liquid 
L  or  gas  phase  V,  i.e., 

S  L 


Phase  transformations  S— L  (melting)  and  S  -*•  V  (sublimation) 
occur  at  the  surface  of  a  solid  and  are  not  associated  with  an  increase 
in  the  surface  area  of  the  interface  and  hence  with  an  increase  in 
the  free  energy.  A  solid  cannot  be  superheated  to  a  temperature 
above  its  melting  or  sublimation  point. 

The  second  group  includes  the  following  phase  transformations 
characterized  by  melastability  phenomena: 

I.  8,  S;  -  formation  of  a  new  solid  compound,  or  recrystalli- 

zahon.  ^  ^  _  {ormalion  0f  „  precipitate,  or  crystallization  from 

3,  v  — ►  S  =  transition  from  gas  to  solid,  which  is  also  called 
sublimation. 

4.  L  — ►  V  =  boiling. 

V  — *■  L  =  condensation. 

In  all  these  transitions  the  formation  of  a  new  phase  involves 
nuclcation  and  is  invariably  associated  with  an  increase  m  the 
surface  area  of  the  interface  and  hence  with  an  increase  in  the  free 
energy  of  the  system.  By  a  three-dimensional  nucleus  is  understood 
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n  n0":  ,pha.se  "i,h  «»imc..,si«,,s  ensuring  ll,e 
attainment  of  equilibrium  with  the  surrounding  medium,  i  c  the 
phase  inside  which  il  originated.  In  transformations  S,4s, 
L  — 6  and  V  S  this  is  a  nucleus  of  a  solid  phase  originating  from 
the  corresponding  changes  of  the  solid  S  (rccrystallization,  formation 

tit  oToV1  el  vT  r*n iG)’  ,liq,'id  L  (cr>'stallizatioiit  precipi- 
Ind  V-!ie.v  (f'^hmalion)  phase.  In  transformations  L  Jv 
SfuLTi  ,th  i  b°  '"Jclei  °,f  v"P°ur  (e»s  hubbies  formed  upon 
boiling)  or  liquid  (drops  formed  upon  condensation).  In  all  these 
rVn^tSi  r/T  T°  l,omo8®nc°us  phase  to  the  other  proceeds 
1"tor,".e<  lalc  state  corresponding  to  a  microbctcrogcncous 

thforieinalon.ChTh  a  nl'Ce'  r  *  "CW  >,haso  aro  distributed  inside 
the  original  one.  This  intermediate,  or  transition,  stale  is  characteri¬ 
zed  Dy  an  increased  amount  of  energy  owing  to  the  presence  0f 
numerous  interfaces  and  its  formation  requires  an  activation  energy 
,|C™,  by  ‘h?  of  formation  of  three-dimensional  nuclei. 

What  has  just  been  said  can  be  illustrated  by  the  process  of  com 
lensation  i  c..  the  phase  change  V  —  L.  Under  definite  conditions 
'  al,  ?  <;ior,n,‘*  v“I'°.ur  Pressure  />  and  temperature  T.  the  appea- 
rancc  of  three-dimensional  nuclei  of  a  new  phase  (liquid  drops) 
in  the  vapour  phase  becomes  possible.  From  the  surface  of  these 
drops  the  molecules  of  the  substance  can  be  converted  into  the 

toT/eut0’  ft"?  ,hc fvo,umo  of  a  bod>’  decreases  proportionally 
to  the  cube  and  its  surface  proportionally  to  the  square  of  linear 
dimensions,  it  follows  that  with  decreasing  linear  dimensions  the 
relative  fraction  of  molecules  residing  on  the  surface  must  increase 
and  t  ier  transition  into  the  initial  phase  becomes  more  probable. 
It  s  therefore  obvious  that  to  suppress  the  process  of  evaporation 
and  preserve  the  liquid  nucleus  it  is  necessary  to  increase  the  vapour 
pressure;  the  smaller  is  the  size  of  the  drops' the  higher  must  be  the 
vapour  pressure.  In  other  words,  the  equilibrium8 vapour  pressure 
above  the  drop  is  a  function  of  its  size,  which  can  be  expressed  mathe¬ 
matically  by  the  Thomson  formula:  1  ® 

(15.1) 
above  drops  of 


KT 


where  Pri  and  I\,  =  equilibrium  vapour  pressu 
radii  r,  and  r;  (r,  <  r3) 
o  =  inlcrfacial  tension 
.1/  =  molecular  weight  of  the 
phase  transformation  is  ci 
d  —  density  of  this  subst. 

For  a  phase  of  finite  dimensions  r  = 
lakes  the  form 


isidcrcd 

the  liquid  stale, 
oo  and  the  Thomson  formula 


(15.2) 
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where  r  =  radius  of  the  drop 

V  =  molar  volume  of  the  substance  in  the  liquid  slate. 
From  Eq.  (15.2)  it  follows  that  Pr  >  P„  i.e.,  the  vapour  pressure 
above  u  drop  of  radius  r  is  always  greater  than  above  the  liquid 
itself.  The  quantity  RT  In  (/VP.)  may  servo  as  a  measure  of  super- 
saturation  required  for  the  formation  of  nuclei  of  radius  r:  it  will 
be  the  greater  the  higher  is  the  inlcrfacial  tension  o  (the  excess 
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surface  energy)  and  the  smaller  the  radius  of  the  drop.  r.  'Ihc  transi¬ 
tion  from  the  vapour  to  the  liquid  slate  is  shown  schematically 
in  the  diagram  of  Fig.  15.1  pertaining  to  conditions  when  the  liquid 
is  the  more  stable  (its  free-cncrgy  level  is  lower  than  that  of  vapour). 
The  same  reasoning  is  valid  for  the  formation  of  nuclei  of  a  solid 
or  vapour  phase. 

The  formation  of  nuclei  of  size  r  requires  an  energy  U3 •  which 
can  be  estimated  for  the  case  of  liquid  drops  by  the  equation 


U3  = 


i6no3 

3  (nr  ln-g-)2 


(15.3) 


Similar  relationships  hold  for  nuclei  of  other  phases. 


15.2.  PDASE  TRANSFORMATIONS  IN  ELECTROCHEMICAL  PROCESSES 
15.2.1.  FORMATION  OF  A  NEW  PHASE 
Electrochemical  processes  very  often  involve  the  formation  of 
a  new  phase.  For  example,  the  electrolysis  of  alkali  solutions  gives 
rise  to  gas  phases  (hydrogen  and  oxygen)  resulting  from  the  decom- 
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position  of  a  liquid  phase  (water),  and  the  electrolysis  of  chloride 
solutions  leads  to  the  evolution  of  gaseous  hydrogen  and  chlorine. 
When  solutions  of  metal  salts  arc  subjected  to  electrolysis,  new 
liquid  (Mg,  Ga)  or  solid  (Cu,  Zn,  I'b.  Mi,  Cd.  etc.)  metallic  phases 
arc  formed  at  the  cathode.  When  an  acid  accumulator  is  being 
charged,  solid  lead  sulphate  is  transformed  to  metallic  lead  at  one 
of  the  electrodes  and  to  lead  dioxide  at  the  other.  The  number  of  such 
examples  could  be  considerably  increased,  but  what  has  been  sJiid 
is  sufficient  to  illustrate  how  often  one  has  to  reckon  with  the  forma¬ 
tion  of  new  phases  in  the  course  of  electrochemical  processes. 

When  a  new  phase  is  formed  elcctrolytically.  its  energy  level, 
in  contrast  to  ordinary  phase  transformations,  is  not  necessarily 
lower  than  that  of  the  initial  phase  and  the  process  may  proceed 
with  increase  in  the  free  energy  of  the  system,  this  energv  being 
supplied  in  the  form  of  electrical  power.  The  direction  of  a  phase 
change  is  determined  in  this  case  by  the  magnitude  and  sign  of  the 
electrode  potential  rather  than  by  temperature  and  pressure. 

If  the  slow  step  of  an  electrochemical  process  is  the  formation 
of  a  new  phase  and  all  other  steps  proceed  at  a  faster  rale  and  may 
be  considered  reversible,  then 


e,-er=  qph  (15.4) 

where  qpA  is  the  phase  overpotential.  The  probability  of  three-dimen¬ 
sional  nuclealion  is  determined  by  the  quantity  U3  and  consequently 
its  rale  under  the  conditions  of  an  electrochemical  process,  i.e..  the 
current  density  i,  must  also  be  a  function  of  U3: 


i  =  ke-wr  (,5.5) 

On  the  other  hand,  the  magnitude  of  phase  overpotenlial  must 
be  proportional  to  the  supersaturalion  of  the  system  and 

zFx\=  RT  In (15.6) 

Substitution  of  the  value  of  U3  from  Eq.  (15.3)  into  Eq.  (15.5) 
and  replacement  of  RT  In  (PJP*,)  by  zF\\  gives 


or 


'  3(;Fi)p/l)S  • 


(15.7) 

(15.8) 


This  relationship  has  not  yet  been  observed  experimentally  for 
the  evolution  of  gaseous  products.  Evidently,  the  formation  of  a  gas 
phase  is  hindered  lessthan  the  other  steps— diffusion,  charec-trans- 


clcclrooo: 

,_on  the  (001)  (ac«;  0— on  the  (til)  r»co 


out  by  Kaischcw  and  Mutafchiow  (Bulgaria)  have  shown  that  the 
number  of  mercury  nuclei  formed  after  the  passage  of  a  short-time 
current  pulse  is  linearly  dependent  on  the  inverse  square  of  the 
overpotenlial  (see  Fig.  15.2). 

15.2.2.  THE  GROWTH  OF  A  CRYSTALLINE  PHASE 

In  the  experiments  mentioned  above  the  surface  of  platinum  was 
covered,  on  prolonged  electrolysis,  with  the  corresponding  metal, 
whose  further  deposition  is  attended  by  crystallization,  or  crystal 
growth  alone,  without  the  formation  of  a  new  phase.  The  hindered 
growth  of  a  solid  crystalline  phase  may  also  be  responsible  for  the 
buildup  of  a  phase  overpotenlial.  which  should  be  called  the  cry- 
stallization  overpotential  i)cr  in  this  particular  case.  The  crystalliza¬ 
tion  overpotenlial  has  been  studied  most  thoroughly  in  the  case  of 
electrodcposilion  of  metals,  although  there  are  works  devoted  to  the 
formation  of  oxide  and  other  films  on  the  anode  surface.  In  order 
to  understand  the  essence  of  the  crystallization  overpotenlial  it  is 
necessary  first  to  have  a  look  at  metals  from  the  viewpoint  of  morpho- 

Solid  metals  are  crystalline  bodies,  i.e.,  are  built  up  of  identical 
unit  cells,  in  the  lattice  points  of  which  partly  ionized  atoms  are 
situated.  A  repetition  of  such  identical  unit  cells  in  space  Forms 
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a  crystal  of  finite  size  homogeneous  and  anisotropic  in  different 
directions.  Most  metals  crystallize  in  one  of  the  following  three 
lattice  structures:  cubic  body-centred  (c.g.  alkali  metals,  Ba.  a-Fc, 
Mo.  W)  which  is  the  a-iron  structure;  cubic  face-centred  (Ca,  Sr.’ 
Ni,  Al.  1i.  y-Fc.  P-Co.  Cu.  Pi)  which  is  the  copper  structure;  and 
hexagonal  (Be.  Mg,  a-Co,  Ti,  Os)  which  is  the  magnesium  structure. 

The  primitive  cell  of  the  cubic  body-centred  structure  is  a  cube 
with  atoms  (or  ions)  of  a  corresponding  metal  located  at  its  corners 
and  in  its  centre.  The  basic  unit  of  the  cubic  face-centred  structure 
is  a  unit  cell  corresponding  to  a  cube,  in  which  structural  units 
(atoms  or  ions)  arc  situated  al  the  corners  and  in  the  centre  of  each 
face.  The  hexagonal  lattice  structure  is  built  up  of  hexagonal  prisms 
with  the  corresponding  structural  units  located  at  the  corners. 
Since  all  crystals  arc  built  up  of  identical  unit  cells  that  repeat 
themselves  indefinitely  in  three  dimensions,  they  arc  characterized 
by  symmetry,  i.c.,  the  coincidence  of  identical  parts  of  figures 
in  symmetry  operations  (rotation,  reflection,  etc.). 

The  basic  elements  with  respect  to  which  symmetry  operations 
arc  carried  out  are  the  centre  of  symmetry,  the  axis  of  symmetry 
and  the  plane  of  symmetry.  In  the  case  of  liic  cubic  lattice  structure 
three  mutually  intersecting  edges  of  a  cube  may  be  chosen  as  the 
axes  of  symmetry.  For  the  hexagonal  structure  the  4-fold  axis  of 
symmetry  is  usually  used. 

hacli  possible  face  of  a  crystal  can  be  determined  from  the  inter¬ 
cepts  which  it  cuts  on  the  axes  of  reference.  Most  often  use  is  made 
of  the  ratio  (known  as  the  axial  ratio)  of  the  intercepts  of  I  be  unit 
face  on  the  axes  of  reference  to  the  intercepts  of  a  given  fare  on  the 
same  axes.  'Iliesc  axial  ratios  arc  whole  numbers  and  a  set  of  these 
ratios  constitutes  the  symbol  of  a  face:  (h.  k.  I)  for  cubic  lattices 
and  (/i,  k.  1.  m)  for  hexagonal  lattices:  each  of  the  quantities  enclosed 
in  parentheses  is  an  index  of  a  crystal  fare.  It  is  customarv  to  choose, 
rsa  unit  or  reference  face,  a  face  which  intersects  all  llirce  axes  of 
reference.  Faces  characterized  by  a  set  of  identical  indices  written 
in  different  sequences,  such  as  (100)  or  (010).  arc  also  identical. 
Different  faces  are  designated  by  sets  of  different  indices.  For  exam¬ 
ple  (100)  is  the  face  of  a  cube.  (110)  the  face  of  a  prism,  and  (111) 
the  face  of  an  octahedron.  Faces  having  different  symbols  differ 
also  in  packing  density,  i.c..  the  number  of  atoms  per  unit  surface  area 
(usually  per  1  cm5).  For  example,  the  ratio  of  parking  density  for 
three  faces  in  the  face-centred  lattice  (the  copper  structure)  is 
N  (011)  :  .V  (00!)  :  :V  (111)  =  1  :  1.38  :  1.0.3.  or  in  absolute  value: 
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whore  VA  is  Ihe  atomic  volume.  Since  VA  is  iliflerent  for  diBercnt 
substances,  the  packing  density  must  be  a  function  not  only  of 
the  face  symbol  but  also  of  the  nature  of  the  substance.  As  the 
packing  density  for  these  faces  is  different,  it  follows  that  many 
other  properties,  such  as  the  rate  of  growth  (exchange  currents), 
the  surface  potential  and  hence  Ihe  electronic  work  function,  and 
the  null  point,  must  also  be  different,  which  should  be  taken  into 
account  in  treating  processes  of  elcclrocrystallization. 

An  electrolytic  metallic  deposit  can  thus  be  described  by  its 
crystallographic  structure.  For  instance,  the  crystallographic  struc¬ 
ture  of  clcctrolytically  deposited  copper  will  always  correspond 
to  the  structure  of  Ihe  face-centred  cubic  lattice.  Depending  on  the 
electrolysis  conditions,  one  can  obtain  deposits  having  two  or  three 
different  crystallographic  structures  for  some  metals  (c.g.  iron, 
manganese). 

All  these  specific  features  of  the  structure  of  crystalline  bodies 
must  be  taken  into  account  when  considering  the  processes  of  nuclea- 
tion  and  crystal  growth  during  electrolysis,  in  particular,  during 
the  cathodic  deposition  of  metals.  The  similarity  between  the  electro¬ 
lytic  deposition  of  metals  and  the  formation  of  crystals  from  the 
gas.  lit|iiid  or  solid  phase  is  reflected  in  the  term  electrocrystallization 
coined  by  Kistvakovsky. 

A  crystal  in  equilibrium  with  the  environment  assumes  a  shape 
corresponding  to  its  minimum  surface  energy: 

2<j|Q|  =  mtn  (15.9) 

where  o,  and  Sli  arc  the  surface  tension  and  the  surface  area  of  an 
ilh  face,  respectively.  Wulft  (1901)  proposed  the  following  method 
for  finding  out  the  shape  of  an  equilibrium  crystal.  From  any  point 
in  space  draw,  in  the  directions  of  possible  crystal  faces  (Fig.  15.3), 
vectors  whose  lengths  ht  arc  proportional  to  the  surface  tensions  Oi 
of  the  faces  perpendicular  to  them.  The  smallest  part  of  the  space, 
which  is  bounded  by  planes  passing  through  Ihe  vector  end  points 
and  contains  the  origin,  will  be  the  equilibrium  shape  of  the  crystal 
satisfying  Kq.  (15.9).  For  an  equilibrium  crystal 

=  const  (15.10) 

hi 

For  the  formation  of  nuclei  of  a  solid  phase  this  quantity  should 
be  substituted  into  the  Thomson  equation  for  the  ratio  o  r. 

The  growth  of  each  face  of  a  crystal  is  governed  by  the  conditions 
under  which  new  structural  units  (atoms  or  ions)  land  on  its  surface. 

During  the  growth  of  a  crystal  formed  from  a  gas  phase  or  melt 
of  a  given  substance,  for  example,  from  a  molten  metal,  the  attach¬ 
ment  of  each  new  structural  unit  on  the  crystal  face  is  the  result 
of  its  interaction  with  lattice-atom  neighbours. 
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Since  Ihe  packing  density  is  different  for  faces  having  different 
indices,  their  growth  rates  must  also  be  different.  For  general  treat¬ 
ment  of  tho  problem,  however,  (his  difference  may  be  ignored, 
assuming  that  tbe  most  important  factor  here  is  Ibc  interaction  of  the 
new  structural  unit  (an  adion)  only  with  underlying  metal  atoms 
in  direct  contact  with  it. 

At  the  beginning  of  the  growth  of  a  face  the  attachment  of  new 
structural  units,  say,  metal  ions,  on  the  face  plane  (planar  site  1) 


Fig.  15.3.  Finding  llic  equilibrium  crystal  shape  according  to  Wulft  (the  plane 
model) 


results  front  interaction  with  only  one  lattice-atom  neighbour 
(Fig.  15.4a).  Wo  will  denote  this  energy  of  interaction  with  one 
neighbour  as  a. 

When  a  larger  number  of  atoms  have  landed  on  the  crystal  face, 
they  may  agglomerate  and  form  monoatomic  islands  of  different 
shape  (Fig.  15.46).  The  addition  of  new  atoms  to  the  step  (step 
site  II)  is  facilitated  by  contact  with  two  neighbours  and  in  this 
case  tho  interaction  energy  is  equal  to  2a. 

Further,  surface  monoatomic  layers  with  kinks  may  form 
(Fig.  15.4c).  in  which  case  the  addition  of  a  new  atom  is  facilitated 
by  interaction  with  three  close  neighbours  (kink  site  III);  here 
the  interaction  energy  is  3a.  After  this  surface  layer  has  been  formed 
the  addition  of  each  next  atom  to  it  is  accompanied  by  an  energy 
gain  of  3a;  only  at  the  beginning  of  the  growth  of  each  new  row 'of 
atoms  does  the  gain  of  energy  equal  2a.  this  providing  a  so-called 
‘repealing  step'  and  the  highest  rale  of  spreading  of  the  atomic 
monolayer  over  the  surface,  i.c..  the  fastest  growth  of  the  crvstal 
face.  When  this  monolayer  of  atoms  covers  the  whole  face  piano, 
further  growth  will  proceed  via  the  same  steps  (a,  b  and  c)  until 
a  two-dimensional  island  is  formed,  providing  a  repeating  step. 
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Evidonlly,  the  hindrance  to  the  face  growth  is  the  least  during  the 
formation  of  such  an  island,  which,  by  analogy  with  a  three-dimen¬ 
sional  nucleus,  was  named  a  two-dimensional  nucleus.  Tho  rale  of 


iti 


face  growth,  i.e.,  the  rate  of  formation  of  a  crystalline  phase, 
must  therefore  be  a  function  of  the  energy  required  to  create 
a  two-dimensional  nucleus;  this  energy  £'«  is  determined  from 
the  equation 


-  =  RT  In  tfVPc.) 


(15.11) 


where  ad  =  edge  stress  characterizing  the  excess  free  energy  at  the 
edges  of  the  nucleus 

=  surface  area  occupied  by  one  gram-molecule  of  the 
substance 

P,  =  equilibrium  vapour  pressure  above  a  nucleus  of  peri¬ 
meter  l 

=  equilibrium  vapour  pressure  above  a  given  solid  phase 
of  finite  dimensions. 

Volmer  (1930)  assumed  that  the  above  mechanism  of  crystal 
growth  from  the  vapour  phase  may  be  extended  to  the  case  of 
elcclrocrystnllization  of  metals.  The  rate  of  face  growth  (in  terms 
of  current  density)  can  then  be  expressed  by  the  equation 

i  =  ke-VttHT  (15.12) 
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Assuming. 

saturation 


before,  that  the  overpotential  corresponds  to  supor- 
iFi]cr=IiT  Uiyj-  (15.13) 


Volmer  deduced 
crystallization  o 


an  equation  relating  the  current  density  to  the 
verpolenlial 


(15.14) 


15.2.3.  THE  CRYSTALLOCHEMICAL  THEORY 
OF  ELECTROCRYSTALLIZATION 

Until  quite  recently  nobody  succeeded  in  creating  such  conditions 
of  electrolysis  under  which  the  slow  step  would  be  Iho  formation 
of  two-dimensional  nuclei  and  the  deviation  of  the  electrode  poten¬ 
tial  from  the  equilibrium  value  on  passage  of  a  current  would  cor¬ 
respond  to  the  crystallization  overpotential: 

e,  =  er  =  qcr 

Only  very  recently  (I960)  Budcwski  and  coworkers  demonstrated 
the  possibility  of  such  a  process.  They  conducted  experiments  with 
the  ideal  face  (111)  of  silver  serving  as  the  cathode,  with  the  use  of 
the  pulse  technique.  In  these  experiments  a  short-time  current 
pulse  was  imposed  on  the  cathode,  which  resulted  in  a  shift  of  the 
potential  sufficient  for  the  formation  of  a  two-dimensional  nucleus; 
then  the  potential  shifted  to  the  positive  side,  which  excluded 
the  possibility  of  formation  of  new  two-dimensional  nuclei  but 
ensured  the  growth  of  the  existing  nucleus.  The  current  flowing 
through  the  cell  first  increased  and  then,  after  the  advancing  crystal 
front  reached  the  edge  of  the  face,  dropped  to  zero.  For  the  crystal 
face  to  keep  growing  further  the  potential  had  to  be  shifted  again 
to  the  negative  side,  to  values  ensuring  the  formation  of  a  new 
two-dimensional  nucleus.  The  results  obtained  by  Budcwski  have 
shown  that  there  arc  periodic  oscillations  of  the  current  at  a  pre-set 
potential  or  of  the  potential  at  a  constant  current,  and  that  the 
growth  of  a  crystal  face  involves  the  formation  of  a  two-dimensional 
nucleus  and  its  spreading  over  the  surface.  This  mechanism  however 
operates  only  in  certain  limiting  cases  which  are  not  realizable 
because  of  a  number  of  factors.  Some  of  those  factors  were  taken 
into  account  in  the  crystallochcmical  theory  of  clcctrocrvslalliza- 
tion  developed  by  Gorbunova  and  Dankov;  this  theory  may  be 
regarded  as  a  further  development  of  Volmer’s  views. 

The  crystallochemical  theory  presupposes  the  possibility  of  the 
formation  of  pile-ups  of  growth  layers  (consisting  of  several  “storeys" 
of  two-dimensional  nuclei)  when  the  effects  of  surface  passivation 
and  change  of  the  ionic  concentration  of  the  solution  are  superimpo- 
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scd  ncnr  Ihe  advancing  growth  front.  It  is  assumed  that  the  part 
of  the  surface  which  has  boon  in  contact  with  the  solution  for  a  long 
time  becomes  blocked  and  additional  energy  is  required  for  a  now 
two-dimensional  nucleus  to  be  formed  on  it.  Conversely,  the  surface 
of  a  newly  born  two-dimensional  nucleus  remains  free  of  adsorbed 
extraneous  particles  and  a  new  two-dimensional  nucleus  may  form 
on  it  with  a  smaller  amount  of  energy  consumed.  The  thickness 
of  such  a  pile-up  is  limited  by  the  decrease  of  the  concentration 
in  the  zone  where  two-dimensional  nuclei  arc  piled  up,  and  the 
growing  cleclrodoposit  con  therefore  move  only  along  the  face  plane 
rather  than  normally  to  it.  The  existence  of  pile-ups  of  two-dimensio¬ 
nal  nuclei  has  been  observed  experimentally  by  many  authors. 


i 5.2.4.  THE  ROLE  OF  SURFACE  MICROSTRUCTURE 
AND  DEFECTS  IN  ELECTROCRYSTALLIZATION  PROCESSES 
The  passivation  and  concentration  effects  undoubtedly  play 
an  important  role  in  the  processes  of  crystal  growth,  but  they  are 
not  the  only  causes  responsible  for  the  departure  of  the  actual  picture 
of  crystallization  from  the  idealized  Volmcr  model;  moreover,  they 
arc  not  always  the  principal  factors.  One  of  the  causes  should  be 
sought  in  disturbances  of  the  perfect  crystal  structure,  i.c.,  in  crystal 
lattice  defects,  and  primarily  in  the  appearance  of  portions  in  which 
the  arrangement  of  structural  units  is  different  from  that  in  the 
perfect  lattice  of  a  given  crystalline  body  (so-called  dislocations). 

l’ig.irc  15.5  shows  a  screw  dislocation  which  results  in  a  mono- 
molecular  step  on  the  crystal  surface.  The  addition  of  even  the 
first  structural  unit  to  the  edge  of  the  dislocation  results  in  an  energy 
*»ain  of  2 a  and  ensures  the  appearance  of  a  repeating  step  with  an 
cnorgv  gain  of  3a.  With  the  addition  of  new  units  the  dislocation 
step  will  advance  in  the  direction  1.  Simultaneously  at  the  disloca¬ 
tion  centre  0  a  new  step  appears,  which  is  perpendicular  to  the 
initial  direction  of  the  dislocation;  this  step  is  also  capable  of  further 
growth  but  in  the  direction  2.  At  the  new  centre  of  dislocation,  again, 
there  appear  favourable  conditions  for  the  formation  of  a  repealing 
step  in  the  direction  3,  and  so  after  a  certain  period  of  lime  under 
current  the  initial  dislocation  will  grow  into  a  spiral  front.  A  crystal 
surface  may  have  a  largo  number  of  dislocations,  in  which  case 
several  spiral  fronts  are  formed  simultaneously,  this  resulting 
in  the  deposition  of  a  metal  at  a  low  crystallization  ovcrpolcnlial. 
Those  conditions  were  realized  in  experiments  on  electrolytic  deposi¬ 
tion  of  silver  carried  out  by  Kaischcw.  Extraneous  atoms  and  mole¬ 
cules  that  find  their  way  into  the  deposit  disturb  the  lattice  structure 
and  contribute  to  the  formation  of  dislocations  on  its  surface  during 
electrodeposition.  Thus,  the  appearance  of  a  crystal  defect  on  tho 
face  plane  promotes  the  process  of  crystallization.  If  the  number 
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of  defects  (dislocations)  per  unit  surface  area  is  sufficiently  large, 
i.c.,  at  a  high  density  of  defects,  the  need  for  two-dimensional 
nuclcation  is  eliminated.  A  theory  of  crystallization  and  electro- 
crystallization  taking  into  account  the  role  of  dislocations  has  been 
formulated  in  the  works  of  a  number  of  researchers  (Burton.  Cabrera 
and  Frank,  Kaischcw,  Fischer.  Lorenz  and  their  coworkers.  Vcrmi- 
lyca,  and  others);  this  theory  is  in  good  agreement  with  experimental 


Fig.  15.5.  Spiral  growth  of  a  crystal  caused  by  a  dislocation 


evidence.  For  one  thing,  it  follows  from  this  theory,  in  conformity 
with  experimental  data,  that  the  crystallization  ovcrpotenlial  is 
lower  than  could  be  expected  on  the  basis  of  the  Volmer  theory, 
which  ascribes  the  decisive  role  to  two-dimensional  nurlcntioii. 
The  now  theory  also  accounts  for  the  spiral  growth  observed  during 
the  clcctrodcposilion  of  muny  metals  on  the  surface  with  screw 
dislocations  and  for  a  number  of  other  experimental  facts. 


15.2.5.  THE  ROLE  OF  DEHYDRATION  PHENOMENA 
IN  THE  CATHODIC  DEPOSITION  OF  METALS 
The  departure  of  the  Volmer  theory  from  experiment  may  also 
be  attributed  to  the  neglect  of  the  difference  between  crystallization 
from  the  vapour  phase  and  electrocrystallization.  In  the  former  case 
the  atoms  or  molecules  of  a  substance  arc  in  a  free  stale,  and  in  the 
latter  they  arc  present  in  solution  in  the  form  of  ionic  or  other 
complexes.  In  the  cathodic  deposition  of  a  metal  from  a  solution 
of  its  simple  salt  a  metallic  ion  has  to  divest  itself  of  its  sheath  of 
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hydration  water  before  it  can  be  incorporated  into  the  metal  lattice. 
This  process  requires  considerable  energy,  of  the  order  of  lens  or 
hundreds  of  kilocalories.  Indeed,  as  follows  from  Table  3.9,  the 
hydration  energies  of  ions  (except  univalent  ions  of  large  size) 
exceed,  as  a  rule,  100  keal/g-ion.  Bockris  and  Conway  (1958)  pointed 
out  that  taking  into  account  dehydration  greatly  changes  the  picture 
of  lattice  incorporation  during  clcctrocrystallizalion  as  compared 
with  the  Kossel-Slranski  model  on  which  the  Volmer  theory  is 
based.  When  an  ion  enters  the  crystal  lattice,  it  loses  completely 
its  hydration  sheath  and  its  charge  is  compensated  by  the  electron 
gas  in  the  metal.  Three  variants  at  least  may  be  visualized  here. 
Tbo  first  variant  is  a  charge  transfer  to  any  site  on  the  cathode  with 
simultaneous  complete  dehydration  of  the  ion  and  addition  of  a  metal 
atom  to  the  electrode  surface.  In  this  case  the  incorporation  of  the 
ion  into  Iho  metal  lattice  will  occur  according  to  a  scheme  correspond¬ 
ing  to  the  Volmer  theory.  However,  as  first  noted  by  Lorenz  (1954). 
the  metal  atoms  formed  on  the  surface  differ  in  their  energetic  pro¬ 
perties  from  the  particles  in  the  metal  lattice.  Lorenz  named  such 
atoms  adatoms  (adsorbed  atoms).  Since  the  advancing  crystal  front 
(two-dimensional  nuclei,  dislocations)  occupies  only  a  relatively 
small  fraction  of  the  entire  cathode  surface,  the  largest  number  of 
adatoms  must  form  on  the  plane  (plane  site  I)  and  not  on  growth 
sites  (step  site  II  and  kink  site  III).  To  reach  the  growth  step,  adatoms 
have  to  diffuse  along  the  surface  until  they  find  a  suitable  site  (posi¬ 
tion  III  or  II)  to  be  incorporated  into  the  lattice.  The  driving  force 
for  such  surface  diffusion  is  the  concentration  gradient  or.  more 
precisely,  the  activities  of  adatoms.  Surface  diffusion  is  thus  a  neces¬ 
sary  link  in  the  process  of  clcctrocrystallizalion  and  may  be  its 
rate-determining  step,  which  is  not  taken  into  account^by  the 
Volmer  theory. 

The  second  variant  corresponds  to  the  assumption  that  the  loss 
of  the  hydration  sheath  and  the  charge-transfer  step  occur  only 
at  sites  where  the  energy  gain  is  the  greatest  owing  to  coordination 
with  neighbouring  metal  atoms  which  arc  part  of  the  crystal  lattice 
of  the  cathodic  metal  deposit.  In  this  case  the  completely  hydrated 
ion  moves  through  the  solution,  in  the  region  of  the  double  layer, 
parallel  to  the  cathode  surface  until  it  reaches  a  site  where  charge 
transfer  and  dehydration  arc  facilitated  (i.e..  a  growth  side  providing 
a  repeating  step  of  crystallization).  No  surface  diffusion  of  adatoms 
occurs  in  this  case  and  dehydration,  charge  transfer  and  lattice 
incorporation  take  place  ns  a  single  act. 

The  third  variant  is  based  on  the  assumption  that  dehydration 
proceeds  stepwise  and  so-called  adions,  instead  of  adatoms.  parti- 
cipatc  in  the  process  of  cloclrodeposilion.  The  least  distortion  of  the 
hydration  sheath  is  observed  when  the  ion  lands  on  the  face  plane. 
Suppose,  for  example,  that  six  water  molecules  form  the  primary 
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hydration  layer  of  the  ion-water  complex  (Fig.  15. C);  when  (Jie  ion 
lands  on  the  crystal  face,  its  hydration  sheath  is  slightly  distorted 
with  the  resulting  loss  of  one  water  molecule  (Fig.  15.66).  The 
partially  dehydrated  ion  acquires  a  metal  atom  neighbour  and 
the  electrons  in  the  metal  partly  neutralize  the  positive  charge  of 
the  ion.  Such  a  partially  neutralized  and  partially  dehydrated 
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ion  on  Ihe  metal  surface  is  called  an  adion  (adsorbed  ion).  When 
the  aquated  ion  lands  on  the  edge  of  a  two-dimensional  nucleus 
(on  a  step  site),  the  distortion  of  its  hydration  sheath  is  relatively 
greater  because  of  sleric  hindrances  and  the  ion  loses  not  one  but 
two  water  molecules  (Fig.  15.6c),  which  requires  more  activation 
energy  as  compared  with  its  landing  on  Hie  plane.  Still  more  energy 
is  needed  when  the  ion  lands  on  a  kink  site  (Fig.  15.6d),  "here 
three  water  molecules  arc  lost  and  the  bond  with  the  metal  becomes 
stronger.  The  ion  is  completely  dehydrated  and  gels  embedded 
in  the  lattico  only  when  it  is  surrounded  from  all  sides  by  metal 
ions,  as  shown  schematically  in  Fig.  15.6c.  Thus,  if  the  energy 
supplied  during  the  coordination  of  the  aquated  ion  with  metal  ions 
does  not  compensate  the  energy  spent  on  dehydration  of  the  ion. 
then,  in  contrast  to  the  Kosscl-Stranski  model,  the  ion  will  land  on 
the  crystal  plane  rather  than  on  Ihe  site  of  a  repealing  step.  This 
inference  has  been  drawn  from  the  calculations  made  by  Conway 
and  Bockris  for  the  case  of  silver  deposition  at  a  potential  correspond¬ 
ing  to  the  null  point.  According  to  their  conceptions,  the  electro- 
deposition  of  metals  involves  the  intermediate  formation  of  adions 
on  the  crystal  plane,  surface  diffusion  to  growth  sites  and  incorpora¬ 
tion  into  the  metal  lattice.  As  in  the  Lorenz  theory,  one  of  the  steps 
in  this  case  is  surface  diffusion,  the  only  difference  being  that  adions 


arc  involved  instead  of  adatoms. 

At  present  it  is  difficult  to  decide  which  of  the  mechanisms  consid¬ 
ered  above  is  the  most  probable;  still,  preference  should  evidently 
be  given  to  the  last  two  versions.  The  existence  of  adatoms  and 
adions  has  been  confirmed  independently  by  a  number  of  workers 
using  different  methods,  which  have  also  allowed  their  concentration 
to  be  determined.  Surface  diffusion  of  particles  is  most  important 
in  those  cases  when  growth  sites  (dislocations,  two-dimensional 
nuclei)  occupy  only  a  small  portion  of  the  surface.  Then,  owing 
to  a  large  distance  xd  which  the  adsorbed  particles  must  cover  before 
they  get  incorporated  into  the  metal  lattice,  the  concentration  gra¬ 
dient  \ca<llxd  and  hence  the  rate  of  surface  diffusion  will  he  low. 
in  which  case  surface  diffusion  may  become  the  slow  step  (rds) 
in  the  elect rodeposition  of  metals.  These  conditions  are  possible 
on  faces  without  defects  (or  faces  with  a  small  number  of  defects) 
and  at  low  polarizations  (small  current  densities)  when  Ihe  number 
of  nuclei  is  small.  With  increasing  polarization  the  number  of 
active  centres  (growth  sites)  becomes  larger  as  a  result  of  an  increaso 
in  tho  number  of  two-dimensional  nuclei  and  conversion  of  inactive 
growth  sites  into  active  (depassivation).  Besides,  as  the  potential 
assumes  more  negative  values,  the  concentration  of  particles  increa¬ 
ses.  All  this  results  in  an  increased  concentration  gradien  .  and 
surface  diffusion  censes  to  be  Ihe  slow  step.  The  deposition  rate  will 
be  limited  by  some  other  step,  usually  by  Ihe  eharge-trnnsler  step. 
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At  still  higher  polarizations  the  transport  of  ions  to  the  electrode 
surface  becomes  the  rate-determining  step,  and  the  electrode  poten¬ 
tial  will  be  governed  by  the  transport  overpotcntial. 


15.3.  SPECIFIC  FEATURES  OF  THE  CATHODIC 
FORMATION  OF  POLYCRYSTALLINE  DEPOSITS 

What  has  been  said  above  refers,  strictly  speaking,  only  to  a  crystal 
face  of  definite  index.  During  the  cathodic  deposition  of  metals 
a  polycrystalline  deposit  is  usually  formed,  i.e.,  a  deposit  consisting 
of  a  large  number  of  interconnected  liny  single  crystals  or  grains 
with  faces  of  different  index,  a  circumstance  that  complicates  the 
picture.  One  of  the  complications  involved  is  associated  with  the 
fact  that  different  crystal  faces  grow  at  different  rates  and  the  nature 
of  a  deposit  undergoes  a  change  duriug  electrolysis.  To  describe 
cathodic  deposits  one  therefore  utilizes,  apart  from  the  crystallogra¬ 
phic  structure,  such  concepts  as  growth  structure,  texture  and 'the 
nature  of  the  deposit. 

By  the  growth  structure  is  generally  meant  micro-  and  macroforms 
which  a  deposit  assumes  during  growth.  The  most  usual  growth  forms 
are:  pyramidal,  lamellar,  and  their  combinations  or  derivatives— 
block  (truncated  pyramids),  ribbed  (a  special  case  of  the  lamellar 
form  with  sharply  defined  ridges)  and  cubic  (intermediate  between 
the  pyramidal  and  the  lamellar  form),  and  also  the  growth  spirals 
mentioned  earlier,  whiskers  (thin  single  threads)  and  dendrites 
(three-like  deposits). 

At  small  polarizations  pyramids  are  often  formed,  which  assume 
a  lamellar  structure  with  increasing  polarization,  and  change  into 
polycrystalline  deposits  or  dendrites  at  still  higher  polarizations. 

By  texture  is  understood  the  preferential  orientation  of  definite 
faces  of  polycrystal  grains  relative  to  some  axis.  What  is  most 
important  in  electrodeposition  is  the  orientation  relative  to  the 
axis  normal  to  the  cathode  surface,  i.e.,  the  axis  coinciding  with 
the  direction  of  growth  of  the  deposit.  If  crystal  faces  show  such 
an  orientation,  one  speaks  of  a  textured  deposit  and  of  a  texture 
corresponding  to  the  orientation  of  a  definite  face  type.  For  instance, 
in  the  olcclrodeposilion  of  copper  from  cyanide  solutions  the  cry¬ 
stallites  are  not  oriented  and  the  deposit  is  not  textured,  but  when 
copper  is  deposited  from  sulphate  electrolytes  the  texture  (Oil) 
is  formed.  In  the  case  of  nickel  the  texture  (001)  or  (112)  is  observed 
when  it  is  deposited  from  sulphate  or  chloride  solutions,  respective¬ 
ly.  Texture  is  formed  during  olcclrodeposilion  and  may  be  associated 
with  the  appearance  of  new  faces  which  were  absent  at  the  initial 
stage  of  electrolysis.  Since  different  faces  are  characterized  by  diffe¬ 
rent  exchange  currents,  during  the  formation  of  a  deposit  the  elec- 
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trotlo  potential  may  change  at  a  constant  current  (or,  conversely, 
the  current  may  change  at  a  constant  potential). 

The  concept  of  the  nature  of  a  deposit  covers  a  number  of  features 
such  as  monocryslallinily  or  polycryslallinily,  order  incss  orinhomo- 
t'cneilv.  grain  size-thc  line-crystalline  structure  (the  linear  dimen¬ 
sions  of  crystallites  not  exceeding  10'J  cm)  or  the  coarse-crystalline 
struct  me  (the  linear  dimensions  of  grains  being  greater  than  W  cm), 
etc.  The  term  is  used  for  qualitative  description  of  metallic  deposits. 

15.4.  TYPES  OF  PHASE  OVERPOTENTIAL 
In  the  case  of  the  electrochemical  formation  of  a  crystalline 
phase  the  concept  of  phase  overpotenlial.  as  follows  from  this  chapter, 
is  in  fact  a  combination  of  several  types  of  ovcrpotcntial  and  it 
would  therefore  he  more  correct  to  call  it  phase  polarization.  In 
a  general  case  the  phase  polarization  is  composed  of  three  types 
of  phase  ovcrpotcntial:  the  ovcrpotcntial  arising  from  the  retarded 
formation  of  three-dimensional  nuclei,  r)3;  the  ovcrpotcntial  caused 
bv  the  hindered  formation  of  two-dimensional  nuclei,  112,  and  me 
ovcrpotcntial  due  to  the  slow  occurrence  of  surface  diffusion,  t],*: 

A  ep/l  =  tip*  =  t)3  +  ti-  +  iW  (lo.lS) 

The  predominance  of  one  or  other  type  of  phase  ovcrpotcntial 
depends  on  the  deposit  growth  stage,  i.e..  on  the  lime  elapsed  from 
the  beginning  of  electrolysis,  on  the  nature  of  the  metal  and  the 
cathode  substrate,  the  solution  composition  (and  especially  the 
nature  and  concentration  of  surface-active  particles),  the  current 
intensity,  temperature,  etc. 


CHAPTER  16 

Electrochemical  Overpotential 


1G.I.  THE  CONCEPT  OF  AN  ELECTROCHEMICAL  STEP 
As  has  already  been  noted,  any  electrode  process  inevitably 
includes  one  or  several  steps  at  which  particles  cither  accept  an 
electron  (reduction  reaction)  or  lose  it  (oxidation  reaction). 

The  possible  slow  occurrence  of  this  electrochemical  step  wa« 
Urst  pointed  out  by  Kolly  (1880).  The  understanding  of  the  causes 
responsible  for  the  finite  rate  of  this  reaction  step  was  greatly  pro¬ 
moted  by  the  works  of  LcBlanc  (1910)  and  Izgaryshcv  (1915)  which 
directed  the  attention  of  clectrochemists  to  the  important  role 
of  ionic  hydration  and  dehydration  in  the  kinetics  of  electrode 
processes.  Kobozev  and  Nekrasov  (1930)  were  the  first  to  show, 
in  their  experiments  on  the  cathodic  evolution  of  hydrogen,  that 
the  slate  of  particles  immediately  after  thev  are  discharged  may 
differ  essentially  from  the  state  of  the  final  products  of  the  electrode 
reaction.  The  rates  of  the  discharge  and  ionization  sto;.'s  in  (lie 
cathodic  reaction  of  hydrogen  evolution  were  measured  liv  Dolin 
Ershlcr  and  Frumkin  (1940). 

The  earliest  successful  attempt  at  quantitative  formulation  of  the 
}  °i  Slr,  <liS?harP  "f  m,adc  by  Erdey-Cruz  and  Vol.ner 
(1930),  who  deduced  a  formula  relating  the  actual  electrode  poten¬ 
tial  to  the  current  density.  It  is  the  basic  equation  of  electrochemical 
overpotential,  which  is  in  accord  with  the  empirical  equation  for 
hydrogen  overpotential.  However,  the  theory  of  slow  discharge 
in  its  original  form  contained  a  number  of  insufficicntlv  grounded 
assumptions  and  could  not  explain  satisfactorily  all  the  experimental 
facts.  1  he  major  contribution  to  the  slow-dischargc  theory  was  made 
by  Frumkin  (1933),  who  was  the  first  to  take  into  account  the  effect 
of  the  double-layer  structure  on  the  rate  of  electrochemical  processes 
These  ideas  largcrly  predetermined  the  basic  trend  in  the  develop¬ 
ment  of  the  electrochemical  science  and  the  present  stale  of  the  art. 

bincc  the  electrochemical  act  limits  the  rate  of  the  overall  electrode 
process,  the  current-induced  deviation  of  the  electrode  potential 
is  often  called  Ihcslow-d.scharge  (or  slow-ionization)  overpotential. 
Lately  the  term  charge-transfer  overpotential  has  come  into  use 
But  the  essence  of  the  electrochemical  step  does  not  reduce  to  the 
°,f  ‘,1°  V.a  CnC,y  Slaftc  ,of  Parlicles  Wo  discharge-ionization 
act)  or  to  the  transfer  of  charge  across  the  elcctrodc-clcctrolyto 


Ch.  16.  BUclrothemlcal  Overpolentlal  361 

interface.  The  gain  (or  loss)  of  an  electron  by  a  particle  implies 
also  the  alteration  of  its  physicochemical  and  energy  slate.  For 
instance,  in  the  course  of  the  reaction 

II, O*  -i-  e  =  HalJ.  +  H20 

the  gain  of  an  electron  by  the  particle  H,0*  means  that  not  only 
has  the  charge  changed  from  z,  =  1  to  z2  =  0  but  also  that  the 
hydrated  proton  has  become  an  adsorbed  hydrogen  atom,  i.e.,  that 
the  bond  between  the  hydrogen  ion  and  the  solvent  is  broken  up  and 
a  new  one  is  formed  between  the  hydrogen  atom  and  the  metal. 
The  reduction  of  ferric  ions  to  ferrous  ions 

Fe**xII20  +  e  =  Fe=t  yH20  +  (x  —  y)  H20 
involves  the  addition  of  one  electron  (z  =  1),  the  change  of  the 
ionic  charges  from  Z|  =  3  to  z2  =  2  and  the  rearrangement  of  the 
hydration  sheath  associated  with  the  loss  of  (x  —  y)  water  molecules. 
In  the  case  of  the  reduction  of  vanadate  to  vanadyl 
VO;  +  e  +  4H*  =  VO1*  +  2H.0 
the  gain  ->f  an  electron  (z  =  1)  is  accompanied  by  the  change  of  the 
number  of  oxygen  atoms  in  the  ion  (from  three  to  one),  its  valency 
(from  v,  =5  to  n2  =  4)  and  its  charge  (from  z,  =  —1  to  z;  =  -!-2). 
Here  the  number  of  electrons  participating  in  the  discharge  step 
cannot  be  defined  as  the  difference  between  the  effective  charges 
of  (he  particles  before  and  after  the  electrochemical  act;  in  this 
case  it  corresponds  to  the  difference  between  the  valencies  n,  and  n2. 

In  the  deposition  of  a  metal  from  a  solution  of  its  simple  salt  the 
metallic  ion  divests  itself  of  its  hydration  sheath  and  becomes  an 
adatom  (or  ad  ion) 

M£J  +  ze  =  M«  +  H20 

which  is  then  incorporated  into  the  metal  lattice. 

It  should  be  pointed  out  that  the  electrochemical  deposition  of 
metals  may  be  regarded  not  as  a  discharge  reaction  with  transfer 
of  an  electron  from  the  cathode  metal  to  the  metallic  ion  in  solution 
but  as  the  transition  of  this  ion  from  one  phase  (solution)  to  another 
(metal),  its  charge  being  compensated  by  the  free  electrons  of  the 
metal: 

MS}  +  zeit.ii  =  [Ml  +  H20 

where  Cjm)  represents  an  electron  in  the  metallic  phase. 

Thus,  the  gain  or  loss  of  a  charge  by  a  parlielo  is  always  accom¬ 
panied  by  the  rearrangement  of  its  structure  and  the  chango  of  its 
nature.  The  more  profound  these  changes,  the  higher  must  be  tho 
activation  energy  and  the  lower  the  rate  of  the  electrochemical  step, 
i.e.,  the  greater  the  probability  of  this  step  determining  the  rate 
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of  Ihc  overall  electrode  process  and  giving  rise  lo  nil  ovcrpolcnlial, 
which  will  be  called  hereafter  the  electrochemical  over  potential1*  and 
denoted  by  or  simply  by  q. 

The  theory  of  electrochemical  ovcrpolcnlial  was  first  developed 
for  the  cathodic  evolution  of  hydrogen  and  later  extended  lo  other 
electrode  processes.  Until  very  recently  this  theory  was  based  on  the 
classical  laws  of  the  kinetics  of  heterogeneous  chemical  reactions. 
The  quantitative  relationships  between  the  ovcrpolcnlial  i|  and  the 
current  density  t  were  obtained  by  applying  the  Hrbnsted  principle 
of  parallelism  between  tho  activation  energy  11  and  the  thermal 
effect  (or  the  froc-encrgy  change  AC)  for  a  series  of  similar  reactions. 
The  quantum-mechanical  treatment  of  electrode  processes  began 
lo  emerge  only  recently  although  some  attempts  in  this  direction 
wero  undertaken  in  the  middle  of  the  1  (Kill's  (C ■uriiey,  Ivsin,  and 
others).  The  bulk  of  investigations  in  this  Field  have  been  carried 
out  by  Chrislov,  Marcus,  Lcvicli  and  a  number  of  other  scientists. 
A  roview  of  the  works  on  the  quantum-mechanical  theory  of  electrode 
processes  is  outside  the  scopo  of  this  book. 


16.2.  TUB  KlUNCU’LES  Ol-'  TIIB  TI1K011Y 
OK  ELECTHOCIIEMIC.AL  O VE lll’OTENTl A t. 

Originally,  the  theory  of  electrochemical  overpoliu!i.il  implied 
conditions  where  the  structure  of  the  double  layer  and  the  distribu¬ 
tion  of  tho  potential  between  its  Helmholtz,  and  diffuse  parts  could 
bo  ignored. 

This  assumption  is  justified  (particularly  in  the  region  of  low 
overpolenlials)  if  the  following  conditions  are  satisfied. 

1.  Either  the  concentration  of  particles  taking  part  in  the  electro¬ 
chemical  act  is  sufficiently  high  ( >0.1  mole/1  it  re)  or  at  any  concen¬ 
tration  of  potential-determining  particles  the  solution  contains 
a  large  excess  of  foreign  capillary-inactive  electrolyte. 

2.  The  solution  contains  no  particles  capable  of  being  specifi¬ 
cally  adsorbed  on  the  electrode. 

3.  The  olectrode  potential  is  sufficiently  remote  from  the  /.cro 
point. 

If  these  three  conditions  are  fulfilled,  the  zela  potential  is  constant 
and  small  and  its  role  in  the  electrode  kinetics  may  therefore  be 
ignored.  These  conditions  arc  realizable  in  many  practically  impor¬ 
tant  applications  of  electrochemical  processes. 

Further,  the  original  version  of  the  theory  of  electrochemical 
ovcrpolcnlial  did  not  lake  into  account  that  the  nature  of  the  par- 


»  Other  terms  which  arc  widely  used  in  the  literature  will  also  bo  omployed 
to  designate  this  type  of  ovcrpotcntial. 
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tides  participating  directly  in  the  elementary  electrochemical  act 
may  diner  from  the  nature  of  the  initial  substances  and  final  pro¬ 
ducts  of  the  electrochemical  reaction. 

Suppose  that  the  discharge  step  is  described  by  the  equation 
Ox  ZjF  =  R  (16.1) 

where  Ox  represents  particles  which  ore  near  the  electrode  and  are 
subjected  to  reduction  by  accepting  z j  electrons,  and  H  denotes 
particles  formed  immediately  after  the  charge-transfer  step.  In  the 
general  case,  the  nature  of  particles  Ox  and  It  may  diner  from  that 
of  particles  Ox®  and  It®  involved  in  the  overall  electrode  reaction 
Ox"  +  zF  =  R® 

just  as  the  equality  z  =  Zj  may  not  be  observed. 

For  instance,  in  the  cathodic  evolution  of  hydrogen  the  final 
products  It®  arc  hydrogen  molecules  and  z  =  2: 

2HjO*  +  2c  =  II*  -h  2H.0 

and  llie  elementary  electrochemical  act  produces  a  hydrogen  atom, 
which  is  adsorbed  by  the  electrode,  and  zj  =  1: 

11,0®  c  =  Hoj,  H.0 

In  tiie  deposition  of  a  metal  from  complex  electrolytes  the  compo¬ 
sition  of  discharging  ions  (Ox)  often  differs  from  that  of  complex 
particles  (Ox®)  predominating  in  the  solution.  Similarly,  the  ele¬ 
mentary  act  of  charge-transfer  under  the  conditions  of  metal  depo¬ 
sition  gives  rise  to  adatoms,  which  subsequently  form  a  compact 
metal  deposit.  It  should  however  be  taken  into  account  that  when 
a  purely  electrochemical  ovcrpotential  is  responsible  for  the  devia¬ 
tion  of  the  electrode  potential  from  the  equilibrium  value  during 
the  passage  of  a  current,  i.c., 

Ae(  =  e,  —  er  =  q,  (16.2) 

all  the  other  steps  arc  considered  reversible  or  practically  reversible. 
Hence  both  the  transition  of  the  initial  substances  to  the  state  of 
substances  prior  to  the  discharge  act  and  the  transformation  of  the 
particles  resulting  from  the  electrochemical  act  into  the  final  products 
arc  also  reversible.  The  concentration  of  particles  Ox  and  11  may 
be  expressed  in  terms  of  the  concentrations  of  initial  Ox®  and  final  R® 
particles  with  the  aid  of  the  equilibrium  constants  of  the  correspond¬ 
ing  reactions. 

The  rate  of  electrochemical  reaction  (16.1)  expressed  in  the  units 
of  current  density  in  the  forward  i  (reduction)  and  reverse  i  (oxida¬ 
tion)  directions  can  bo  described  by  means  of  general  kinetic  cqua- 
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7  =  zFk,c0x  (18.3) 

and 

i  =  zFk2cn  (1C.4> 

But,  in  distinction  to  ordinary  chemical  reactions,  the  rate  con¬ 
stants  kt  and  A-:  in  the  electrochemical  reactions  arc  functions  of  the 
electrode  potential.  At  equilibrium,  i.c.,  at  the  reversible  potential 
of  the  system.  e„ 

i  =  i  =  zFk'cox  =  zFklcp  =  i°  (10.5) 

where  i°  =  exchange  current  at  the  electrochemical  stage 

A°  and  A':  =  partial  values  of  the  rate  constants  at  e  =  er. 

When  the  electrode  potential  departs  from  the  equilibrium  value 
in  the  negative  or  positive  direction,  assuming  the  value  e,  reac¬ 
tion  (16.1)  will  proceed  predominantly  in  one  direction  at  a  rate  ie 
determined  by  the  equation 

t,  =  i  —  i  =  zF  (tk,c0x  —  Jtzfn)  (16.6) 

An  assumption  has  been  made  that  the  activation  energy  of  electro¬ 
chemical  reactions  can  be  resolved  into  the  chemical  and  the  electri¬ 
cal  component.  The  former  corresponds  to  the  case  when  the  metal- 
solution  potential  difference  gML  is  equal  to  zero;  this  component 
can  be  designated  by  U0 ■  The  electrical  component  corresponds  to 
the  change  of  the  activation  energy  due  to  the  electric  field  in  the 
double  layer  created  by  the  potential  difference  gLM;  this  component 
is  denoted  by  A(/t.  Thus,  Eqs.  (16.3)  and  (16.4)  may  he  written 
as  follows 


7  =  zFJc,e~  (^o+4^«)/Br 

(16.7) 

r  =  zFck2eido+^/RT 

(16.8) 

If  the  potential  difference  gML  is  negative,  the  rale  of  the  forward 
(cathodic)  reaction  must  increase,  and  that  of  the  backward  (anodic) 
reaction  decrease  in  proportion  to  the  change  of  the  electrical  com¬ 
ponent  of  the  activation  energy.  The  energy  of  the  electrical  held, 
is  distributed  between  the  two  partial  reactions.  The  d  istribu- 
tion  coefficient  a  characterizing  the  fraction  of  the  double-layer 
energy  that  affects  the  forward  reaction  is  known  as  the  Iransjer 
coefficient.  Assuming  accordingly  that  the  fraction  of  the  energy 
required  for  the  forward  reaction  is  a  and  that  for  the  backward 
reaction  is  (1  —  a),  one  can  write  in  place  of  Eqs.  (16.7)  and  (16.8): 

T  =  zFtkle-Uo/nTe~a,Fe>ii‘,ltT  (16.9) 
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and 

r  =  tFJttf-Uol*Teu-a)*6u iJm  (16. 10) 

The  difference  in  the  signs  of  the  second  exponents  in  Eqs.  (1C.!)) 
and  (10.10)  is  attributable  to  the  fact  that,  as  mentioned  before, 
the  energy  of  the  field  accelerates  one  of  the  partial  reactions  and 
slows  down  the  other.  It  follows  from  Eqs.  (16.9)  and  (16.10)  that 
when  £mi,  <  0  the  rale  of  the  forward  process  will  increase  anil 
that  of  the  backward  reaction  fall.  When  gMi.  =  0.  tho  partial 
currents  i  and  i  will  not  he  equal  and  their  difference 

=  (*  —  £Vml-0 

must  correspond  to  the  rate  of  the  chemical  reaction  proceeding 
under  (he  conditions  chosen  (the  concentrations  of  Ox  and  R,  tem¬ 
perature,  pressure,  etc.),  and  catalyzed  by  the  material  of  the  electro¬ 
de  used.  The  value  of  <Tml  cannot  be  determined  experimentally, 
but  it  can  be  related  to  the  measurable  electrode  potential  on  an 
arbitrary  (o.g.  hydrogen)  scale  with  the  aid  of  the  equation 

£ml  =  e  +  const  (16.11) 

where  I  he  constant  depends  on  the  nature  of  the  reference  electrode. 
Using  Eq.  (16.11),  one  can  rewrite  Eqs.  (16.9)  and  (16.10)  as 

7  =  zFk[coxe RTe -«**/*  r  _  zFkc0xe-<‘’F‘»,T  (16.12) 

V  =  sFk'tcRe-wnTeii-a) , Fe/nr  =  zFkc„.e^ '  -«>  (16.13) 

whence 

i  =1  -7=  zF  (Aw°!Fe/Br  -  kct^i-a),Ftfl,T)  (16.14) 
If  e  =  e„  then 

i  =7-7=o 

or 

7=7=  zFkc0se-a,F,',nT  =  zFkctttil-a),Ft''HT-B,*  (16.15) 
er  =  e«  +  ^Lln^. 

then  from  Eq.  (16.15)  it  follows  that 

i°  =  zFkctira)c$e-<“F*‘H> t  =  zFAe&-a>cSe<>-“>'re,/"r  (16.16) 
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*#  =  zFkPc&'^cZ  (Hi. 17) 

where  IS  is  the  rate  constant  of  reaction  (16.1),  which  is  given  by 
the  equation 

kf>  =  Xe-a.-F««/RT  =X-e(i-<D*'wnr 


The  exchange  current  in  Eq.  (16.17)  is  a  function  of  the  concentre! 
lion  of  particles  Ox  and  R.  If  co«  =  1  ami  «n  =  1,  then  the  parlia- 
cxchnnge  current  corresponding  to  such  unit  concentrations  is 
called  the  standard  exchange  current  £},  and  serves  as  a  kinetic  chara¬ 
cteristic  of  a  given  electrode  reaction.  Obviously, 

i"  =  t»fCoif0)CR  (16.18) 


Substituting  the  expressions  for  i#  from  F.q.  (16.15)  into  Eqs.  (16.12), 
(16.13)  and  (16.14),  one  has,  respectively: 

7  =  i°e-a'FVRT  (16.1!)) 

7=  i°e“-“»:FVnr  (16.20) 

and 

i  =  7  -  7  =  i°  (e-«FVRr  _  e< 1  ,FVRT)  (16.21) 


where  q,  =  ej  —  t,  is  the  electrochemical  ovcrpolcntial. 

Equations  (16.14)  and  (16.21)  yield  the  following  important 
special  cases. 

1.  The  electrode  potential  is  equal  to  its  equilibrium  value, 
i.c.,  e  =  er.  Then 

i  =  0  and  £  =  £ 

zFkc  0xe-a,Fer'nT  =  zFkcne{  1  'a>  ,Pt'/nT  (16.22) 


Solving  Eq.  (16.22)  for  er,  one  gets  the  Ncrnst  equation  for  the 
reversible  electrode  potential1*: 


!'=J£,nT +^,,,^  =  -^ln*+Jirln^r  = 

=  e«J-^I-ln^S-  ( 


2.  The  system  departs  but  very  slightly  from  the  equilibrium 
stale  and  the  ovcrpolcntial  is  small  and  corresponds  to  the  inequality 
«Fq  <  AT.  In  this  case  each  exponent  in  Eq.  (16.21)  can  be  expanded 


»  Here  the  difference  between  Ox  and  R,  on  the  one  hand,  and  between  Ox°, 
and  R°,  on  the  other,  is  ignored. 
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into  a  series,  only  the  first  Uo  terms  being  retained: 


(18.24) 


(16.25) 

Equations  (16.24)  and  (16.25)  show  that  in  the  region  of  small 
overpotentials  a  linear  relationship  between  q  and  i  is  observed. 
The  quantity  (HTIzF) -(l/i°)  is  a  kinetic  analog  of  the  resistance  in 
Ohm's  formula  and  is  called  the  polarization  resistance  Rc  at  the 
electrochemical  ovcrpolcntial: 

The  value  of  Rc  corresponds  to  the  derivative  of  the  overpotcnlial 
with  respect  to  current  at  q 0,  i.c., 

(£)„.- --£4- +»•  «»■»> 

Using  the  quantity  Re ,  one  can  write  in  place  of  Eq.  (16.25) 

q  =  Rj  (16.28) 

3.  The  system  departs  markedly  from  equilibrium  and  a  high 
current  i  passes  through  it.  Iff  >  i,  i.c.,  the  cathodic  process  occurs, 
the  second  term  in  Eq.  (16.14)  may  be  neglected  as  compared  with 
the  first  term  and  ie  defined  as  a  function  of  the  potential  with  the 
aid  of  Eq.  (16.12): 

ic  =  ?  =  zFkc0ta~a:Ft,HT 

e,  ~  ^  In  +  ~  In  <<«■»> 

For  the  same  conditions  Eq.  (16.21)  yields 


and 

Then 


f-athnUtr  ...  1  _ 

e  IIT 

I -*):Fi\IRT  ~  1  |  (!— 

^  IIT 

-•  *r  zF 

1  n  *  * _  *  RT  11 


1=  zP  S® 


i*e-aiFrilRT 
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Introducing  the  notations 

2.3  log  i"  —  ae 


-2.3-^tt  =  6c 


(10.30) 

(10.31) 

(16.32) 


Eq.  (16.30)  can  bo  rewritten  in  the  form 

q  =  ae  +  bc  log  i  (16.33) 

Equation  (16.33)  based  on  different  assumptions  was  first  derived 
by  Tafcl  (1905)  and  is  known  as  Tafel’s  equation-,  the  quantities  ae 
and  be  are  called  Tafel  constants. 

Equation  (16.33)  can  also  bc  arrived  at  from  the  definition  of 
ovorpolcntial: 

q  =  e,  -  e. 


by  substituting  the  values  of  e,  and  er  from  liqs.  (16.29)  and  (16.23), 
respectively. 

For  the  case  i  i,  i.e.,  when  the  anodic  process  lakes  place, 
i  =  —  i„  =  — f  and  the  first  term  in  Eq.  (16.21)  may  lie  ignored 
as  compared  with  the  second: 

f.  =  peU-absPn/HT  (16.34) 


(16.35) 


Introducing  the  notations 
—  2.3-n-! 


Eq.  (16.35) 
process 


(1  —  o.):F 

i  transformed  into  Tafcl' 


equation  for  the  anodic 
ba  log  i  (16.36) 


16.3.  THE  THEORY  OF  ELECTROCHEMICAL 
OVERPOTENTIAL  WITH  ACCOUNT  TAKEN 
OF  THE  DOUBLE-LAYER  STRUCTURE 
At  the  charge-transfer  step,  the  slow  rale  of  which  gives  rise  to 
an  electrochemical  overpotential,  a  special  role  is  played  by  the 
double-layer  structure  at  the  interface  between  two  phases.  Indeed, 
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while  oilier  .slops  of  the  electrode  process,  e.g.  the  transport  of  partic¬ 
les  or  the  homogeneous  chomical  transformation,  take  place  far 
away  from  the  double  layer,  though  near  the  electrode-electrolyte 
interface,  the  electrochemical  act  proper  occurs  within  the  double 
layer.  The  distribution  of  the  potential  in  the  double  layer  and  the 
position  of  the  reacting  particles  in  it  must  therefore  affect  markedly 
the  rale  of  the  electrochemical  act  and  the  electrochemical  over- 
potential.  I-'rumkin.  who  was  the  first  to  pul  forward  this  idea, 
formulated  it  quantitatively  on  the  basis  of  certain  assumptions. 
The  first  assumption  is  that  the  actually  existing  double  layer  can 
he  satisfactorily  described  by  the  Stern  model.  According  to  the 
second  assumption  the  electrochemical  act  involves  only  those 
particles  which  reside  in  the  Helmholtz  part  of  the  double  layer, 
i.c.,  in  the  immediate  vicinity  of  the  electrode.  In  consequence, 
the  average  energy  of  charged  particles  and  their  concentration  near 
the  electrode  surface  must  be  different  from  those  in  the  bulk  of  the 
solution,  this  difference  being  caused  by  tbc  potential  difference 
£  in  the  diffuse  part  of  the  double  layer. 

A  slightly  modified  derivation  of  Frumkin's  formula  for  tbc 
electrochemical  overpotential  as  suggested  by  Parsons  and  Delahay 
is  given  below. 

Lei  the  overall  electrode  reaction  be  described  by  Eq.  (10.1): 

Ox  -f  zF  =  R 

the  charge  of  particles  Ox  and  R  being  z,  and  z2,  respectively,  and 
z  -  z,  —  *...  To  simplify  matters,  it  may  be  assumed  that  all  z 
charges  are  transferred  during  a  single  electrochemical  act,  i.c.. 
that  z  z,..  For  convenience,  it  is  advisable  to  split  up  reaction  (10.1) 
with  respect  to  time  (or,  more  generally,  with  respect  to  the 
reaction  coordinate)  into  steps  differing  in  the  nature  of  the  particles 
present  and  in  their  position  relative  to  the  electrode-electrolyte 
interface  (sec  Fig.  1G.1).  Each  step  has  its  own  value  of  the  free 
energy  of  the  system  (10.1).  These  steps  arc  as  follows. 

1.  Reaction  (16.1)  has  not  yet  started.  The  solution  in  the  system 
contains  particles  Ox  (beyond  the  coniines  of  the  double  layer) 
and  z  electrons  arc  inside  the  metal  (Fig.  16.1a).  If  the  potential 
of  the  inelal  is  referred  to  the  point  in  the  bulk  of  tbc  solution  where 
it  is  taken  to  be  zero,  the  standard  free  energy  of  the  system  under 
consideration  in  this  state,  GJ.  will  then  be  equal  to 

G?  =  p£x  -I-  zpfwj  —  *PgjM  (16.37) 

Particles  Ox  have  a  charge  of  z,,  but  since  there  is  no  potential  at 
their  site,  Eq.  (16.37)  includes  only  their  chemical  potential 
in  the  solution.  The  energy  of  electrons  in  the  metal  is  characterized 
by  the  sum  of  their  chemical  potential  pfu)  and  cloclrical  component 
zFgML*  where  gm.  is  the  metal-solution  Galvani  potential. 
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2.  Having  crossed  Ihc  site  of  the  £  potential  drop,  particles  Ox 
entered  the  double  layer  and  found  themselves  in  its  Helmholtz 
portion;  the  reaction  has  not  vet  occurred  and  the  z  electrons  arc 


(it  >d> 


Fig.  16.  t.  The  sequence  of  steps  for  the  reaction  Ox  4-  zF  —  II 

still  in  Ihc  metal.  The  free  energy  of  the  second  step,  G\ i  (Fig.  16. 1ft). 
is  therefore  determined  by  the  equation 

Gii  =  nui  +  *.F£  +  spimi  -  tPgya.  (16.38) 

where  Ihc  subscript  LII  signifies  the  Helmholtz  portion  of  the  double 
layer  in  the  solution. 

3.  An  activated  complex  is  formed.  The  standard  free  energy 
of  this  transition  state  is  equal  to 

Gin  =  GJ  (16.39) 

4.  Having  added  on  the  z  electrons  (the  metal  now  contains  no 
reacting  electrons),  particles  Ox  are  transformed  into  particles  R 
in  the  Helmholtz  part  of  the  double  layer  (Fig.  16.1c).  In  accordance 
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with  this  the  standard  free  energy  Cfv  is  given  by  the  equation 
G'iv  =  m”i,  -  (16-40) 

5.  Particles  R  have  gone  beyond  the  double  layer  (Fig.  16. Id). 
The  standard  free  energy  GV  is  equal  to  the  chemical  potential  of 
these  particles: 

Gy  =  ml  (,G-41) 

To  describe  the  kinetics  of  the  electrochemical  transformation 
Parsons  and  Delahay  make  use  of  the  Glasslone-Eyring-Laidler 
theory  of  the  absolute  rates  of  chemical  reactions.  For  electrochemi¬ 
cal  processes  the  rate  of  the  forward  reaction  is  wrilten’ns 

7-  x-.F  -if  116.42) 

and  that  of  the  reverse  reaction 

(16.43) 

where  x  =  transmission  coefficient  (transmissivity)  determining 
the  probability  of  occurrence  of  the  process;  it  is 
usually  taken  ns  equal  to  unity:  x  =  1 
k  =  Boltzmann  constant 
h  =  Planck  constant 

G°  and  G°  =  standard  activation  energies  of  reaction  (16.1)  in  the 
forward  and  reverse  directions,  respectively. 

The  quantity  AG4  is  defined  as  the  difference  between  the  energies 
in  the  transitional  and  initial  (first)  states 

A&4  =  GS  —  Gf  (16.44) 

and  AG4  as  the  difference  between  the  energies  in  the  transitional 
and  final  (fifth)  slates: 

AG4  G;  -  GV  (16.45) 

The  quantity  G°  docs  not  yet  lend  itself  to  calculation  and  therefore 
more  or  less  realistic  assumptions  are  made  to  find  the  values  of 
AG4  and  AG4.  For  instance,  since  in  a  general  case  the  free  energy 
is  equal  to  the  sum  of  the  electrochemical  potentials  of  all  particles 
with  corresponding  stoichiometric  numbers 

G4  =  2v,m;,«a.  (16.46) 

it  con  be  decomposed  into  the  chemical  and  electrical  components: 

G*  =  2vjm i  +  2v;ZjFgML  =  GJ*  -( -GJ  (16.47) 

24* 
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The  activation  energy  can  also  lie  represented  as  the  sum  of  chemical 


and  clcclrical  energies,  i.e.. 

AG®  =  AG?a  -!-  AG?  (16.48) 

and 

AG*  =  A Gta  +  AG®  (16.49) 

Similar  equations  are  also  valid  for  all  quantities  characterizing 
the  various  steps  of  reaction  (16.1): 

Gi  =  G},a  -i-  G},  =  CJrt  +  (-zEgLM)  (16.50) 

G|c=  Gil,*  +  G?[t  =  GfttA  +  z,F£  -f-  (— z/'gjn,)  (16.51) 

G! h  =  Gi  =  G? ca  -r  G\t  (16.52) 

G|v  =  GJvcA  +  CJ\>  =  CfvcA  +  z,Ft  (16.53) 

G°v  =  G°vca  +  Gy,-  =  C°vcA  (16.54) 

On  the  basis  of  Eqs.  (16.48)  and  (16.50)  one  can  now  rewrite 
Eq.  (16.44)  as  follows: 

A G®  =  G®.  -  CJ  =  AGJa  4-  G0„  -  Cl  (16.55) 

or,  adding  and  subtracting  Gu„ 

AG®  =  AGJa  +  G"„  -  Gg„  -f  (G?,e  -  G*„)  (16.56) 


Parsons  and  Delahay  assume  further  that  the  difference  between 
the  electrical  components  of  free  energies  in  the  transitional  and 
second  stales  constitutes  a  certain  fraction  a  (0Ca<l)  of  the 
difference  between  the  clcclrical  components  of  free  energies  in  the 
fourth  and  second  slates: 

G°„  -  Gf,e  =  a  (Gfve  -  Gfu)  (16.57) 

Combining  Eqs.  (16.56)  and  (16.57),  one  obtains 

AG®  =  AG?a  H-  a  (Give  -  GI,,)  -f  (G{„  -  G?,.)  (16.58) 

or.  after  substituting  the  values  of  the  electrical  components  from 
Eqs.  (16.50),  (16.51),  and  (16.53), 

AG®  =  a"G?a  +  a  (z?Fi  —  z,  E£  +  zFgML)  +  (z,E$— zEgML-f- 

=  AGJ*  +  a zFgui  —  (a z  —  z,)  EC  (16.59) 
Similar  reasoning  for  AG®  yields 

AG®  =  AG?*  -  (1  -  a)  zFgNL  -  (a z  -  z.)  E£  (16.60) 
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Taking  into  account  Kqs.  (16.30)  and  (16.60),  one  can  now  rewrite 
Kqs.  (16.42)  and  (16.43)  as  follows: 

7=  x-p  ±zi  --iM*7  (16.61 ) 

and 

7=  xzF  cne-^h"' V ' (16.62) 

Since  .t  =  1  and 

ff«L  =  *  consl 

where  e  is  the  electrode  potential  on  an  arbitrary  scale,  e.g.  on 
the  hydrogen  scale,  it  follows  that 

-*=  zF  kT_ Coxe-*c»k/« Te-*-.r comi/n^-osFynya-f, w*r  (1B.63) 

r_.pl £  Ci(C  -  ac«,,/«y  I  -  a).-Fc«n»l/Hre(  I  -  a ).-F«//iy  «  -!,)Fi/RT  (  J0.64) 


If  all  the  quantities  independent  of  potential  and „c“!!co" 1 7' 'A0," e /? 
lumped  into  constants,  then,  in  place  of  Eqs.  (16.63)  and  (16.64), 


"i  =  Me ri)ft«T  (16.65) 

7=  T  (16.66) 


The  net  current  passing  through  the  electrode  at  a  given  poten¬ 
tial  e  is  given  by 

i  ----  7-  7  =  zFe«“-‘ iW"1  (kc0xe-a‘rt/RT  -  kcKe<,-tt>!t,HT) 

(16.67) 


The  difference  between  this  equation  and  the  corresponding  equa¬ 
tion  (16.14).  which  has  been  derived  without  taking  into  account 
the  double-laver  structure,  is  that  the  former  contains Jhc  factor 
e<«!-i,)F{/nr  if  j  =  o  or  (a*  —  z,)  =  0,  then  Eq.  (16.6/)  changes 


to  Eq.  (16.14). 

From  Eq.  (16.67),  after  substituting  e  =  e, -r  q. 


obtain: 


i  =7—7=  zFe<a:-!')F'inT  (kcoxe~a‘t'‘r/Hrc~a:f,,'HT  ~ 
-  7c„c< 1  I  -a).-r.i/nr) 


1  _  7  _  7  =  j»e«M-»i)Fi/nr  (e-o»Fn/iir  _  ei i -a>.-Fi|/«j-)  (16.68) 
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For  definite  regions  of  e  and  q  values  Iiqs.  (16.07)  and  (16.08) 
yield  formulas  coinciding  in  appoarauco  either  with  the  Ncrnst 
equation  (e  =  e,  or  q  =  0)  or  with  Ohm’s  law  (zFel/IT  <  I  or 
zFr\IRT  <  1).  Here  we  shall  consider  the  third  special  case  in 
which  reaction  (16.1)  proceeds  predominantly  in  one  direction. 
If  the  process  occurring  at  the  electrode  is  reduction,  then  i  >  7  and 


i  =  ic  =  j  =  i»c(oi-j|>r;,'RTe-aiSii/iir 

(10.69) 

r,  after  taking  logarithms, 

(16.70) 

Solving  Eq.  (16.70)  for  the  ovcrpolcntial  gives 

1-  ”  Ini’* 

(10.71) 

According  to  Eq.  (16.18),  the  exchange  current  is 
the  concentration  of  reactants  in  the  electrode  pr< 


and,  consequently. 


i  («-*.): 


■  In  cq*  "I"  ~qr  ln  cn  + 


tlti.  72) 


At  a  =  0.5  and  2  =  s,=  l  Eq.  (10.72)  simplifies  to 

q  =  2-^-ln  .:,  +  -^-lnc0x+  -^-lncn-r  £  —  2  |„  <  1H.73) 

This  equation  corresponds  to  the  formula  derived  by  Frurnkin  for 
the  cathodic  evolution  of  hydrogen.  From  Frumkiii's  formula  it 
follows  that  the  ovcrpolcntial  depends  not  only  on  the  concentra¬ 
tion  of  the  direct  participants  of  the  electrode  reaction  but  also 
on  the  nature  and  content  of  any  substances  present,  primarily 
surface-active  substances,  which  may  affect  the  £  potential.  For  the 
special  case  £  =  0  Eq.  (16.73)  takes  the  form  of  the  Erdcy-Gruz- 
Volmcr  formula. 


16.4.  APPLICATION  OF  GENERAL  EQUATIONS 
O'  ELECTROCHEMICAL  OVERPOTENTIAL 
TO  THE  MOST  WIDESPREAD  ELECTRODE  REACTIONS 
Equation  (16.67)  and  its  special  case— Eq.  (16.14)— have  been 
derived  specifically  for  reaction  (16.1): 

Ox  +  zF  =  n 

under  the  assumption  that  both  its  participants  are  charged  and  are 
present  in  the  electrolyte  in  dissolved  stale.  It  is  therefore  natural 
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that  for  nil  ion  rcchurging  reactions  such  as 
IV  +  e  =  Fos’ 

Fc(CN)J*  +  e  =  Fe(CN)J*.  etc. 

Eq.  (10.07)  can  be  applied  willioul  any  changes.  For  example, 
in  the  case  of  reduction  of  ferric  ions  to  ferrous  ions  it  can  be  writ¬ 
ten  as 

/  =  7-7  =  Fet*-*W«r  (7cFe,*  +  e_aFe/Br -  kcf^'-^rt'nT) 

(16.7/.) 


c0x  =  cfo*>  cn  —  z  —  1,  and  z,  —  .1 

When  the  metallic  ions  are  discharged  at  the  mercury  elect roilo 
to  form  the  corresponding  amalgam,  cox  -  cui*  and  en  -  CMtilg)< 
where  cmiiis)  is  l*,c  concentration  of  the  metal  in  the  amalgam. 
For  instance,  for  deposition  of  sodium  on  a  sodium  amalgam 

fig 

Na+  +  er:Na(Hg)  (*0.#.»» 

the  electrochemical  overpolcnlial  will  be  described  by  the  equation 


i  :r,  i'  7=  /><»- 1  >pt/"T  (7c.\a^-aF'/RT  — 

-7cSa(H*)«(,-“>Fe!BT)  (,C-7r>) 

II  tiie  metal  is  deposited  on  a  solid  cathode,  the  discharge  of 
ions  will  at  first  produce  adatoms  of  the  metal  (or  its  adions).  and 
only  then  (at  the  next  stage)  are  they  incorporated  into  the  metal 
lattice.  In  this  case  c0x  =  <V  and  cn  =  "hero  cmod  is 

the  adatom  concentration  on  the  metal.  If  the  surface  concentration 
of  adatoms  is  very  low.  then  the  entire  cathode  surface  may  be 
considered  active  and  Eq.  (16.67)  can  be  written  in  its  usual  form. 
For  instance,  in  the  deposition  of  zinc  on  a  zinc  electrode 
Zn=*  -f  e  =  Zn„  =  [Znl 

the  electrochemical  overpotential  is  described  by  the  equation 


.  -_,7  _  7  =  2 Fe<ia-i)rVnT  X 

x  (,G-77> 

In  case  the  reduction  (or  oxidation)  products  arc  adsorbed  on  the 
electrode,  thereby  blocking  a  perceptiblo  part  of  its  surface  equal 
to  0  which  can  no  longer  be  ignored.  Eq.  (16.60  must  be  modified 
in  conformity  with  the  kinetic  peculiarities  of  a  particular  electrode 
reaction.  This  case  is  best  illustrated  by  considering  the  cathodic 
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evolution  of  hydrogen  from  acidic  and  alkalir 
HjO*  +  e  =  Had,  +  HjO 
HjO  +  e  =  Ha</,  -f  OM- 


(10.78) 

(10.79) 


As  a  result  of  an  electrochemical  act,  atomic  hydrogen  is  formed, 
wlii^h  is  adsorbed  on  the  cathode.  At  a  given  current  density  the 
coverage  of  the  electrode  surface  by  hydrogen  atoms  constitutes 
a  certain  value  8M.  If  the  electrode  polarization  is  caused  onlv  by 
the  slow  occurrence  of  the  electrochemical  step,  all  other  steps, 
including  the  removal  of  the  adsorbed  hydrogen,  proceed  at  much 
higher  rates  than  the  charge-transfer  step  and  hence  the  coverage 
at  the  given  current  must  be  equal  (or  almost  equal)  to  the  coverage 
0H  m  the  absence  of  external  current,  i.c..  at  the  equilibrium  poten¬ 
tial  of  the  hydrogen  electrode:  6k  =  0„.  It  may  be  assumed  that  the 
hydrogen  ions  arc  discharged  only  on  that  part  of  the  surface  (  I  -  0„) 
which  is  free  of  adsorbed  hydrogen  atoms.  The  rates  of  hydrogen 
evolution  from  acidic  solutions  (z,  =  i,  z  =  1)  and  from  alkaline 
solutions  (z,  —  0,  z  =  1)  will  then  obey  the  following  equations 
respectively,  1 


i  =7  ~r=Fel*- *)Ft/«T  |JCl|30.'(1  _  0]l)  e-aFt:HT  _ 

—  kcnJo0|tC(l'“>,'t  '' 

1  (16.80) 

*  =  »  -  T  =  FeaF‘  HT  lXciil0  (1  _  0) 

—  AroH-0HC<,"o),c-,'r 

i  (16.81) 

This  mechanism  of  hydrogen  evolution  is  often  called  the  Yolmer- 
Frumkin  mechanism. 

Another  possible  path  of  hydrogen  evolution  is  the  discharge 
of  hydrogen  ions  or  water  molecules  on  already  adsorbed  hydrogen 
atoms: 

H,0‘  -f  If„d>  -f-  e  =  H,  -f-  H,0 

(16.82) 

for  acidic  solutions  and 

HsO  -T-  H„d,  +  e  =  II ,0  +  Oil- 

(16.83) 

for  alkaline  solutions. 

Kinetic  equations  corresponding  to  reactions  (16.82)  and  (16.83) 
are  of  the  following  form 


teHjo*  +  0He"afe'Br  — 

-  ^Piis^ii-o  (1  -  0H)  eu-we/nr]  (ig.8'i) 


and 

i  —  7  —  7  =  FeaF'/"T  - 

-  A-pii^on-  (1  -  0„)  e(i-«)Fe/»r|  (J6.85) 
This  inccliiinisin  of  hydrogen  cvolulion  is  known  ns  Ihc  Heyrousky- 
Horuiti  mechanism. 

16.5.  SUPERPOSITION  OF  CONCENTRATION 
POLARIZATION  UPON  ELECTROCHEMICAL 
OVERPOTENTIAL 

II  lms  been  Ihoughl  until  now  that  the  deviation  of  the  electrode 
potential  from  the  equilibrium  value  is  wholly  due  to  some  single 
cause?  and  the  electrode  polarization  is  quite  a  definite  type  of  over- 
potential.  In  real  conditions  it  would  be  more  correct  to  speak  of 
the  predominance  of  one  type  of  ovcrpotcntinl.  Other  types  of 
overjiolcntinl  arc  superimposed  to  a  greater  or  lesser  degree  on  the 
main  ovcrpotcntinl.  More  often  than  not  concentration  polarization 
is  superimposed  on  Ihc  electrochemical  or  phase  ovcrpotcnlial. 
In  this  case  the  departure  of  the  potential  from  the  equilibrium 
value  will  be  the  sum  of  two  or  more  types  of  ovcrpotcntinl;  Ihc 
activation  polarization  itself  also  changes  under  concentration 
limitations  (as  compared  with  similar  conditions— say.  at  the  same 
current  density,  but  in  the  absence  of  concentration  polarization^. 

If  Ihc  general  equation  of  electrochemical  ovcrpotcnlial  (10.67) 
is  used,  the  equilibrium  values  of  cox  and  cr  should  in  this  case 
be  replaced  by  c'0x  and  c«.  which  have  been  changed  as  a  result 
of  the  hindered  transport  step  and  correspond  now  to  Ihc  given 
current  density,  i.e., 

i  =7  -  7  =  zFe («--.)  r-t/nr  (&{**-«-•«/«•  - 

-kc'l^>-a'!Pt'nT)  (10.80) 

or.  after  multiplying  and  dividing  the  first  and  second  terms  in 
parentheses  by  c0s  and  cB.  respectively. 
i  j  —  /  - :  zFe(a!~: i,F',WT  (  X  c0ze-alFc,RT—k  i-aUft/wr  J 

(10.87) 

When  e  =  er,  then  i  =  i  =  i°  and  hence 

i  _-;J_7-  i®  (  C'0x  ett:F<T,r  'rT>j>  ar  _  IlL  e<i-a)'f(ar+nd>  Brj  (jy.XN) 

where  the  electrode  polarization  is  the  sum  of  the  electrochemical 
ovcrpotcnlial  i),  and  the  transport  overpotential  qd,  and  i®'  ~ 
—  i®e(a:-n)ft'RT  Denoting  qr  —  qd  =  q  and  recalling  that  accord- 
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ing  lo  Eq.  (14.29) 


one  can  write,  in  place  of  Eq.  (1C.88), 

i_7-7.c[(i-i)  (i  +  i)  j 

Solving  Eq.  (16.89)  for  l  yields  the  equation 

t_p,  e~a:Frl,nT  —C(  1  -'sUPrt/RT 

1  -f-i^j.«-olFa/Rr  e(l  -a)  :Pt)/HT 

A  number  of  special  coses  emerge  from  Eq.  (16.90).  For  c 
if  i°’l  <  ei,  and  l0'  <  „f,,  then 


i  =  i«e(ai-s,)PC/HT  (e-a!Fn//IT  _  e(  |  -a).-*'n/R7) 


which  corresponds  to  the  purely  electrochemical  overpotei 


1  =  »1.. 

If  r  »  C h  and  i0'  »  ai,, 
Eq.  (16.90)  simplifies  to 


cii  being 


much  smaller  than  . 


which  corresponds  to  a  purely  diffusion  overpotential  and 
I  lie  superposition  of  the  reaction  and  electrochemical 
teniials  can  be  illustrated  by  considering  the  discharge  o 
xoniiim  ions  according  to  scheme  (16.78).  In  the  deriv.- 
Eq.  (16.80).  which  determines  the  rale  of  this  process,  it  was 
that  the  step  at  which  the  adsorbed  hydrogen  atoms  arc 
proceeds  unhindered.  If,  however,  this  step  proceeds  at  a  fin 
then  the  coverage  of  the  surface  by  adsorbed  atoms  at  each 
density  value  will  differ  from  the  equilibrium  value,  i.c..  0 
In  this  case  one  should  write,  in  place  of  Eq.  (16.80). 

t  =1  =  Fe(«- 1  )F(/ht  f£C|ll0t  (1  _  Ok)  c-“"‘'/nr  _ 

—  fcciijO0iiC,,-B)ft'/"Tl 

Dividing  and  multiplying  the  first  and  second  terms  in  p 
ses  by  I  —  Oh  and  On,  respectively,  and  introducing  the 

i°  =  *cHj0*  +  (l  -0H)  c-«p<WJ»t  =  Ac„s0(1  -0„)  «<»-«**■ 
one  can  rewrite  Eq.  (16.80)  in  the  form 

i  =  ive  <«- 1  >ft/nr  (  e-a  Fn/nr _ c(  i  -  a>fn/ur  \ 

'■  —  ■hi  8h  / 


(16.89) 

(16-90) 

tial  and 
:if.  I  lien 
(10.91) 
'I  >!«/• 


(16.92) 

arenthe- 

notation 

(16.93) 

(16.94) 
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where  r)  =  tj,.  -j-  t|r,  i.c.,  t|  is  the  sum  of  the  electrochemical  and 
reaction  ovcrpolenlials. 

From  Eqs.  (16.92)  and  (16.94)  it  follows  that  the  kinetics  of  elec¬ 
trode  processes  depends  on  the  coverage  of  the  surface  hy  hydrogen 
atoms. 

16.6.  MULTI  STEP  ELECTROCHEMICAL  REACTIONS 

1 1  was  assumed  until  now  that  the  electrochemical  reaction  consists 
of  only  one  step,  i.c.,  that  the  z  electrons  participating  in  it  arc 
transferred  all  at  once.  This  is  valid  only  when  z  =  1,  i.c.,  when 
only  one  electron  is  involved  in  the  reaction.  If  z  =  2,  then  two 
variants  arc  possible:  cither  simultaneous  transfer  of  both  electrons, 
or  a  two-step  electrochemical  reaction,  one  electron  being  transferred 
at  each  step.  When  z  >  2.  the  number  of  possible  versions  becomes 
still  larger.  For  instance,  if  z  =  3,  all  the  three  electrons  may  be 
transferred  at  one  lime,  which  however  is  highly  improbable.  A  more 
probable  version  is  a  sequence  of  one-elec.' ton  transfers,  i.c..  a  three- 
step  reaction.  Retardation  at  these  steps  may  be  different,  and  one 
of  them,  the  slowest,  will  limit  the  rale  of  the  overall  electrode 

The  simplest  example  of  such  consecutive  (i.e..  mullislop)  electro¬ 
chemical  reactions  is  a  two-step  act.  when  z  =  2  and  the  overall 
electrode  reaction  consists  of  two  one-electron  transfers: 

Ox  4-  e  =  M  (16.95a) 

M  4-  c  =  It  (16.95b) 

where  M  is  a  certain  intermediate  product.  Each  of  these  transfers 
occurs  independently  of  the  other.  Though  only  one  step  is  rale- 
determining.  under  stationary  conditions  all  the  transformations 
will  proceed  at  the  same  rale  and  therefore  the  net  current 
i  =  zij 

where  i'f  is  the  current  corresponding  to  the  rate-determining  step. 
In  the  case  under  consideration 

»  =  2  i'j 

These  two  steps  arc  described  by  the  following  kinetic  equations, 
respectively, 

-1.  =  ia  = (e-oaPq/ft t_  1*L  e< t  -cu,)Fn/nr  j 

-!  =  /„  =  il  ( -|L  VW  _  e(  * 


and 
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where  a  refers  to  the  first  reaction  step  (1(i.95a),  and  It  to  (lie  second 
step  (16.956);  c«  is  the  concentration  of  the  intermediate  producL 
at  an  overpotential  q.  Solving  these  two  equations  simultaneously 
and  eliminating  the  ratio  one  arrives  at  the  following 

expression 

e  -  <aa~al,)Fi)/JIT  _  (t-aa-ab)Fii/IIT 


It  follows  from  Eq.  (16.96)  that  when  q  <  0  (cathodic  polariza¬ 
tion) 

i  =  2  iSp-aaFnl*T  (16.97) 

and  when  q  >  0  (anodic  polarization) 

i  =  OfS^'-V^n/nr  (16.98) 

It  should  be  noted  that  for  the  same  overall  electrode  reaction  the 
number  of  electrons  transferred  at  one  time,  the  sequence  of  ihcir 
transfer  and  also  the  retardation  at  each  of  these  steps  may  change, 
depending  on  the  electrolysis  conditions,  and  primarily  on  the 
value  of  overpotential  (current  density).  For  example,  according 
to  Losev  and  coworkers  the  anodic  dissolution  of  copper  in  I  ho 
region  of  low  polarizations  lakes  the  form  of  a  two-step  electroche¬ 
mical  reaction  with  the  loss  of  one  electron  at  each  step 

ICul  =  Cu*  -f  e(M| 

Cu*  =  Cu1*  +  e[j|| 

the  detachment  of  the  second  electron  being  the  slowest  step.  At 
high  anodic  polarizations  the  dissolution  of  copper  occurs  in  one 
step  with  the  simultaneous  loss  of  two  electrons. 


16.7.  THE  BASIC  KINETIC  CHARACTERISTICS 
OF  THE  ELECTROCHEMICAL  STEP 

16.7.1.  EXCHANGE  CURRENT  AND  TRANSFER 
COEFFICIENT 

An  analysis  of  kinetic  equations  describing  the  phenomenon 
of  electrochemical  ovcrpotcnlial  shows  that  its  most  important, 
characteristics  arc  the  exchange  current  i®  and  the  transfer  coefficient  a. 
For  the  same  deviation  of  the  electrode  potential  from  the  equilib¬ 
rium  value  the  reaction  rate  (the  net  current  density)  will  be  the 
higher  the  greater  the  exchange  current  density.  The  latter  depends 
in  turn  on  the  nature  of  the  electrochemical  reaction,  the  electrode 
material  and  the  solution  composition.  The  transfer  coefficient. 
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characterizes  the  effect  of  the  electrical  field  of  an  electron  on  the 
activation  energy  of  the  electrochemical  step  and  also  determines 
the  symmetry  of  the  cathodic  and  anodic  processes.  It  depends 
relatively  little  on  the  electrode  material;  usually  a  is  close  to  0.5. 

The  values  of  i#  and  a  for  a  single-step  electrochemical  act  cun 
be  found  graphically  (Fig.  lfi.2),  by  plotting  »i  against  log  i  in  that 

(-0.7 


«i 


l 

,  -S  -4  -3  -Z  -t  i 0  •/  to 

Fig.  10.3.  Determining  Tafcl  constants  a  and  b  from  a  9cmilognrilliinic  plot 
of  overpotenlial  t|  against  current  density  i  at  i|  <  0  or  i|  >  0  and  J  n 

region  of  ovorpolcntials  (azfq  >  RT)  where  either  Kq. 

(strong  cathodic  polarization)  or  Eq.  (16.35)  (strong  anodic  polari¬ 
zation)  is  satisfied.  The  slope  b  of  the  q  vs.  log  t  straight  line  in 
Fig.  lt>. 2  is  equal  to  2.3  RTIazF  and  hence 


The  exchange  current  i°  can  be  determined  f.oin  the  value  of  overpo- 
tcnlial  a  at  log  i  =  0.  i.c..  at  unit  current  density 

jo  -  10-«“F/2.3Rr  =  1Q-a/b  (16.100) 

Since  Eqs.  (16.30)  and  (16.35)  lose  their  meaning  at  small  current 
densities,  it  is  expedient  to  utilize  for  the  same  purpose  the  more 
general  expression  (16.21)  rewritten  as  follows 

If  the  experimental  data  (qc  and  /„  taken  as  negative  and  q„ 
and  ic  as  positive)  arc  presented  in  the  In  i/(l  —  e!F"'RT)  versus  q 
coordinates,  as  shown  in  Fig.  16.3,  then  the  slope  of  the  straight 
line  will  be  equal  to  a zFIRT.  and  thus  we  can  determine  the  transfer 
coefficient  a,  and  the  ordinate  of  the  point  where  q  =  0  will  yield 
the  value  of  In  i°.  r 

In  the  case  of  a  two-step  electrochemical  act  the  transfer  cociu- 
cionts  a„  and  at,  and  the  exchange  currents  i°„  and  tj  can  be  found 
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^“TrS5TlB2*+T!55-,"‘  «' 

The  graphical  construction  of  the  experimental  data  in  the  i|  \ 
In  i  coordinates  for  the  cathodic  and  anodic  polarizations  allow 


to  determine  cca  and  from  the  slopes  of  the  straight  lines,  and 
the  exchange  currents  i„  and  il  from  the  values  of  cathodic  and 
anodic  polarizations  at  i  —  lA/cm*. 

If  the  dependence  of  the  exchange  current  on  the  concentration 
of  the  participants  of  the  electrode  reaction  is  known,  the  transfer 
coefficient  can  easily  be  determined  by  using  liq.  (16.18): 

*°  =  i5iCo*'a)CR 
or,  after  taking  logarithms, 

In  i°  =  In  iJi  +  (1  —  a)  In  Co*  +  a  In  cr 
The  slope  of  the  In  t°  vs.  In  cox  line  at  constant  c«  is  equal  to 


(16.104) 
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mill  the  .slope  of  tin*  111  i°  vs.  Incft  line  nt  conslnnt  c,„  is  equal  to  a: 


Tho  rdiilionsliip  between  the  exchange  currents  and  the  activity 
of  the  reactants  involved  was  lirst  examined  by  Esin  (1940). 

These  procedures  for  finding  the  basic  kinetic  characteristics  of  the 
electrochemical  act  yield  correct  results  only  when  the  $  potential 
and  its  variation  with  overpotcntial  may  he  ignored,  i.e.,  when  the 
conditions  formulated  at  the  beginning  of  this  chapter  (see  p.  362) 
nrc  fulfilled.  Otherwise,  the  electrochemical  overpotcntial  is  des¬ 
cribed  by  Eq.  (10.67): 

i—'i  —  7 --  zFe^--:^HT  (kcvxe~a:n:,,T—kcnei  1 
or  by  Eq.  (10.68) 

i  =  7—  T-  »"«(“* -* («-'xiri,/OT_e(|  -oi  xFo/rt} 

In  this  case  the  construction  of  Talel  s  relations  or  relations  of  the 
type  (10.101)  will  yield  only  the  apparent  value  of  transfer  coef¬ 
ficient  since  the  ,  potential  is  a  function  of  q.  To  determine  the  true 
value  of  a  one  can  utilize  Eq.  (10.68)  by  rewriting  it  in  the  form 

jlFUIIT 

i  ^  ;hii!ia  =  joc<aiF/nr>iS-n)  (1C.  1 0(i) 

or,  after  taking  logarithms, 

■"<  +  OW07) 

If  the  left-hand  side  of  Eq.  (16.107)  is  plotted  against  (£  —  q)  or 
(£  _  t  ).  the  slope  of  the  resulting  straight  line  will  be  equal  to 
asF’tlT.  making  it  possible  to  find  the  value  of  a.  For  the  cathodic 
region  Eq.  (16.106)  simplifies  to 

ieziFi/RT  =  jOgiaiF/nr)  c-n)  (16.108) 

and  for  the  anodic  region  it  takes  the  form 

letF/nrum-e n>  _  j»eiatF/RTi  <;-n)  (16.109) 

The  true  value  of  transfer  coefficient  can  also  be  determined  by  using 
the  last  two  equations.  This  method  of  plotting  polarization  curves 
and  determining  the  values  of  a  and  i°  was  proposed  by  Dolahay 
and  coworkers;  it  has  been  checked  on  a  number  of  electrochemical 
reactions.  The  method  presupposes  the  possibility  of  calculating  { 
(which  is  identified  with  the  potential  drop  in  the  OHP  (outer 
Helmholtz  plane)  referred  to  the  potential  in  the  bulk  of  the  solu- 
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lion,  which  is  taken  as  zerol  on  the  basis  of  tho  double-layer  theory 
by  using  data  pertaining  to  equilibrium  conditions.  It  is  assumed 
that  the  passage  of  a  current  does  not  essentially  affect  the  double¬ 
layer  structure.  In  Delahay's  opinion  this  assumption  is  sufficiently 
accurate  up  to  very  high  current  densities. 


16.7.2.  THE  ORDER  OF  ELECTROCHEMICAL  REACTIONS. 

STOICHIOMETRIC  NUMBERS 

Other  two  important  characteristics  of  electrochemical  reactions 
are  their  order  and  stoichiometric  number.  The  order  of  an  electro¬ 
chemical  reaction,  vj,  has  here  the  same  physical  meaning  as  in  the 
kinetics  of  chemical  reactions,  though  in  this  case,  apart  from  the 
usual  parameters— temperature  and  pressure,  vj  is  also  a  function 
of  electrode  potential.  The  order  of  an  electrochemical  reaction  in 
respect  to  any  species  of  particles,  vj,  can  be  found  by  studying  the 
dependence  of  the  current  density  on  the  concentration  of  a  given 
species  provided  the  concentration  of  all  other  species,  temperature, 
pressure  and  electrode  potential  are  constant: 

(lO'lO) 

Equation  (16.110)  is  a  direct  consequence  of  general  kinetic  equa¬ 
tions,  the  differentiation  of  which  with  respect  to  the  concentration 
of  the  given  species  yields  the  order  of  the  cathodic  or  anodic  reaction 
for  this  species. 

The  use  of  the  order  of  an  electrochemical  reaction  to  solve  one 
of  the  key  problems  of  electrode  kinetics— the  cslablishnie.it  of  the 
path  of  a  given  reaction— can  be  illustrated  by  the  reduction  of 
iodine  to  iodide  ions. 

In  a  solution  containing  iodide  ions  I~  and  iodine  molecules  I2 
complex  anions  Ij  are  formed,  which  are  reduced  in  accordance 
with  the  overall  equation 

I;  +  2e  =  3I-  (16.111) 

If  the  reaction  ^proceeded  according  to  the  scheme  (16.111),  the 
kinetic  equation  would  have  the  form 

f  =  2 F  (kcJ-ea2l'','RT — kclef  ‘  -«>2re/nr)  (16.112) 

The  order  of  the  cathodic  reaction  in  this  case  would  be  as  follows: 

(1)  with  respect  to  lj  particles 
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(2)  with  respect  to  iodide  ions  I' 


(3)  with  respect  to  I2  molecules 


For  the  anodic  reaction  one  would  have  accordingly: 
v,;(a  =  0;  vi-(<0  =  3;  n,(«)  =  0 
Experiments  have  shown  however  that  the  order  of  the  cathodic 
reaction  is 

V»*T>  *Hi— r  -0 

and  I hiil  of  the  anodic  reaction 

vijto)  =  0;  vr-(o)  =  1;  vu(a)  =  0 
The  scheme  of  reduction  of  iodine  to  iodide  that  corresponds  to 
experimental  reaction  orders  may  be  made  up  of  the  following 

S'C,,S:  l.Ii-I#  +  I- 

2.  h  =  I  +  I 

3.  2(1  +  e  =  I') 

The  slow  step  is  step  3.  It  is  described  by  the  kinetic  equation 
i  =  2  F(k3cle~*wT  -  i  -a)Pt/RT) 

Hut.  according  to  the  equation  for  stop  2 
K2  =  -^-  and  cl  =  (k&t)t,a 


and  according  to  the  equation  for  step  1 

Kt=^~  and  c^-K-llL 


and,  consequently. 


ci  =  (/W'vJ'V7* 


from  which 

i  -  2 F  It,  (Xi*,)’* -  IffU-vnm | 

in  Conformity  will,  experimental  del,. 


(16.113) 
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The  stoichiometric  number,  v«,  us  defined  by  lloruili  (11)39)  indica¬ 
tes  how  many  limes  the  elementary  act,  which  determines  the  rale 
of  the  overall  electrode  reaction,  must  occur  for  the  end  product 
to  be  formed.  Thus,  if  the  net  charge  transferred  during  the  electro¬ 
de  reaction  is  equal  to  z.  then  a  charge  equal  to  s'v,  will  he  trans¬ 
ferred  in  a  once-occurring  rds  (rale-determining  step).  For  small 
deviations  from  equilibrium,  at  any  step,  the  forward  and  reverse 
course  of  which  is  associated  with  an  exponential  factor  containing 
the  activation  energy,  an  equation  similar  to  Kq.  (16.24)  is  valid: 


If  the  stoichiometric  number  is  v„  liq.  (16.24)  should  he  rewritten 
in  the  form 

(Hi. 114) 

or,  after  solving  for  v,„ 

v,=  — i#T TT'~b~  ("of  (HS.llo) 

To  determine  the  stoichiometric  number  from  15q.  (10.11'))  it  is 
necessary  to  measure  ovcrpolcnlials  near  the  equilibrium  potential 
of  a  given  reaction.  As  pointed  out  by  Parsons  (1055),  the  sloichio¬ 
mclric  number  can  also  be  found  by  using  the  equation 

■*7  =  6°  (l b~~k)  (Hi.HO) 

where  b°  =  2.3  RTIF  and  b„  and  bc  are  the  slopes  of  Tafcl  straight 
lines  for  the  anodic  and  cathodic  directions  of  the  reaction. 


16.8.  TI1E  POSSIBILITY  OF  PARTICIPATION 
OF  SOLVATED  ELECTRONS 
IN  AN  ELECTROCHEMICAL  ACT 

Tho  equations  describing  the  electrochemical  overpotenlial  have 
been  derived  under  the  assumption  that  the  elementary  electroche¬ 
mical  act  involves  metal  electrons  e[.M|.  It  would  therefore  be  more 
correct  to  write  the  model  equation 
Ox  -!-  ze  =  H 

in  tho  form 

Ox  -r  set >,i  =  R  (16.117) 

Another  mochanism  is  also  possible  in  principle,  according  to 
which  the  first  step  is  the  formation  of  a  solvated  electron: 

ejM,  +  L  =  e,  (1C. 118) 
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rV,c'.io;’  ‘1  *  “®on«l«ry  frocc  l»ki,,e  ,.J.ce  with 
participation  of  solvated  electrons  e, : 

Ox  +  ze,  =  R  +  l  (16.119) 

The  possible  participation  of  solvated  electrons  in  electrochemical 
reactions  was  first  indicated  by  Antropov  in  I9G6  and  also  by  Walker 
and  Hills  and  kinnibrugh. 

The  existence  of  solvated  electrons  is  not  questioned  any  longer, 
llicy  arc  very  slablo  in  liquid  ammonia  but  much  less  stable  in 
amines,  alcohols,  and  in  aqueous  solutions.  Their  role  in  electrode 
kinetics  and  also  in  corrosion  phenomena  remains  still  obscure 
and  is  the  subject  of  discussion.  Some  questions  associated  with 
the  behaviour  of  solvated  electrons  in  electrochemical  processes  will 
be  dwelled  upon  further  in  connection  with  the  kinetics  of  concrete 
electrode  reactions. 


CHAPTER  17 

Some  Methods  of  Investigating 
Electrode  Kinetics 


17.1.  THE  POLARIZATION  CURVE  METHOD 

An  exposition,  even  a  brief  one,  of  all  methods  employed  at  present 
for  studying  the  kinetics  of  electrode  processes  is  outside  the  scope 
of  a  textbook  on  theoretical  electrochemistry.  This  is  rather  the 
concern  of  books  on  instrumental  electrochemistry  (the  render  is 
referred  to  the  literature  at  the  end  of  the  book).  Here  we  will  only- 
present  the  minimum  information  without  the  knowledge  of  which 
certain  problems  of  theoretical  electrochemistry  may  not  be  under¬ 
stood. 

The  basic  method  of  investigating  the  kinetics  of  electrochemical 
reactions  is  the  plotting  of  curves  relating  electrode  potential  to 
current  density.  Such  curves  are  usually  called  current-potential 
or  polarization  curves.  Analysis  of  the  shape  of  polarization  curves 
and  study  of  their  dependence  on  the  solution  composition,  tempera¬ 
ture  and  other  physicochemical  parameters  enables  one  to  obtain 
sufficiently  detailed  information  about  the  nature  of  a  particular 
electrode  process.  Polarization  curves  arc  most  frequently  plotted 
by  the  direct  compensation  method.  In  this  method,  a  constant  current 
is  applied  to  the  electrode  under  study  (the  so-called  working  or 
test  electrode),  and  the  stationary  or  steady-state  potential  is  measu¬ 
red  (more  precisely,  the  potential  difference  between  Ibc  test  and 
reference  electrodes).  In  these  measurements  (Fig.  17.1)  the  ohmic 
voltage  drop  at  the  contact  (ceoAm),  in  the  current-supplying  conduc¬ 
tor  (up  to  the  point  where  the  compensation  and  polarizing  circuits 
separate,  ie0i,m),  in  the  electrode  itself  (sCo/,*,), and  in  the  electro¬ 
lyte  layer  between  the  electrode  and  the  Luggin  capillary  tip  (if0,m) 
is  included  in  the  measured  potential. 

The  ohmic  voltage  drop  in  metallic  conductors  is  usually  small 
and  can  be  either  reduced  to  the  desired  value  (by  increasing  the 
cross  section  of  the  conductor,  reducing  its  length,  etc.)  nr  found 
by  direct  measurements  and  calculations  and  taken  into  account. 
The  voltage  drop  in  the  electrolyte  (due  to  the  resistance  of  the 
solution)  is  more  difficult  to  take  into  account  and  it  may  constitute 
a  noticeable  fraction  of  the  value  being  measured.  Kabanov  proposed 
formulas  which  can  be  used  to  calculate  the  approximate  magnitude 
of  the  ohmic  voltage  drop,  provided  the  geometry  of  the  electrode, 
the  method  of  setting  up  the  Luggin  capillary,  and  the  specific 
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conductivity  of  the  solution  arc  known.  Owing  to  the  finite  rote 
of  ion  transport  the  electrolyte  layer  in  the  immediate  vicinity  of  the 
electrode  lias  a  composition  different  from  that  of  the  original  solu¬ 
tion  Besides,  it  changes  with  current  density.  All  this  and  also 
the  uncertainty  of  the  specific  conductivity  value  makes  calculations 
difficult  It  is  therefore  recommended  that  the  distance  between 
the  Luggin  lip  and  the  lest  electrode  be  minimized,  thereby  reducing 
the  possible  ohmic  drop  in  the  solulion.lt  should  be  remembered, 
however,  that  part  of  the  electrode  surface  may  be  shielded  by  the 
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Fic.  17.1.  Schematic  representation  of  possible  ohmic  potential  drops  included 
ii,  the  electrode  potential  measured  by  the  direct  compensation  method 


Lupus n  capillary  lip.  The  current  density  on  the  portion  of  the 
electrode  surface  under  the  capillary  tip  may  be  lower  than  its 
me.;n  value  on  the  electrode,  and  this  will  distort  the  results  of 
measurement.  This  undesirable  effect  can  be  avoided  or,  at  least, 
reduced  to  a  minimum  by  using  special  types  of  Luggin  capillaries. 
Even  when  all  the  necessary  precautions  arc  taken,  the  ohmic  poten¬ 
tial  drop  will  still  be  included  in  the  value  measured  by  the  direct 
compensation  method  after  a  poorly  conducting  layer  consisting 
of  reaction  products  is  formed  on  the  electrode  surface. 

1 1  was  once  thought  that  the  deviation  of  tho  potential  under  an 
applied  current  was  always  caused  by  the  potential  drop  in  a  cer¬ 
tain  hypothetical  transition  layer.  The  desire  to  check  the  validity 
of  this  assumption  led  to  the  development  of  an  indirect  or  commuta¬ 
tor  method,  in  which  the  electrode  potential  is  measured  a  short 
time  after  the  interruption  of  the  polarizing  current.  The  results 
of  the  measurements  carried  out  by  Newberry  in  1914-16,  who  used 
the  commutator  method,  were  in  sharp  discord  with  those  obtained 
by  the  direct  compensation  method  under  similar  conditions.  The 
polarization  values  were  found  to  be  lower,  as  a  rule,  and  even  the 
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character  of  the  current-potential  dependence  was  different  someti¬ 
mes.  The  use  of  electronic  circuits  in  the  commutator  method  has 
made  it  possiblo  to  reduce  the  time  interval  between  the  interrup¬ 
tion  of  the  current  and  the  measurement  of  potential  and  to  carry 
out  measurements  at  different  times  after  the  interruption.  If  data 
obtained  at  different  times  arc  extrapolated  to  t  =  0.  as  was  done, 
for  example,  by  Glasstone  (1924)  and  Ilickling  (1941),  then  both 
methods  yield  consistent  results  within  the  experimental  error. 
It  has  thus  been  proved  that  both  the  direct  and  the  commutator 
method  can  be  used  to  plot  polarization  curves.  The  coincidence 
of  the  results  provided  by  the  two  methods  indicates  also  that  there 
is  not  any  special  intermediate  resistance  and  that  polarization 
phenomena  are  kinetic  in  nature. 

The  existence  of  an  ohmic  voltage  drop  which  causes,  like  any 
type  of  polarization,  a  deviation  of  the  electrode  potential  from 
the  equilibrium  or  stationary  (opon-circuit)  value,  led  to  the  intro¬ 
duction  of  the  concept  of  ohmic  or  resistance  polarization.  This  quan¬ 
tity  however  is  not  associated,  with  a  few  exceptions  (such  as  the 
change  of  the  composition  near  the  electrode  due  to  concentration 
polarization),  with  the  kinetics  of  electrode  processes  and  should 
not  therefore  be  regarded  as  a  special  type  of  overpaten  I  is). 

In  tracing  polarization  curves,  fluctuations  of  the  potential  with 
time  arc  observed,  which  occasionally  result  in  a  spontaneous  change 
of  the  applied  current.  Such  fluctuations  of  potential  and  cnn-eul 
aro  especially  noticeable  in  the  region  of  limiting  currents.  The¬ 
refore,  apart  from  ordinary  methods  of  obtaining  current-potential 
curves,  over  increasing  use  is  made  of  the  so-called  polcn fit' static 
and  galvanostatic  methods.  In  the  first  method,  the  potential  of  the 
test  electrode  is  adjusted  to  a  specified  value,  which  can  he  kept 
constant  for  a  long  time  by  means  of  a  special  electric  circuit.  The 
current  corresponding  to  the  given  potential  is  registered  up  to  the 
moment  when  the  constant  potential  is  set  up.  A  series  of  such 
measurements  yields  a  potenliostatic  i  vs.  e  curve.  In  the  galvanostatic 
method,  the  current  is  kept  constant  and  the  variation  of  the  poten¬ 
tial  is  moasured  as  a  function  of  lime  until  it  attains  a  constant 
value.  The  relation  between  i  and  e  obtained  is  called  the  ga  Ira  nosta¬ 
tic  curve.  The  combined  use  of  these  methods  enables  a  more  detailed 
study  of  the  behaviour  of  electrochemical  systems. 

17.2.  OTHER  METHODS  OF  INVESTIGATION 

When  a  current  is  applied  to  a  coll  and  also  when  it  is  reduced 
or  increased,  the  corresponding  electrochemical  changes  occur  not 
instantaneously  but  at  a  finite  rate.  A  study  of  the  process  of  establish¬ 
ment  of  the  potential  in  lime  (potential-time  curves)  on  application 
of  a  current  (chnrging  curves)  or  after  switching  off  the  current  fair- 
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roni-docay  curves)  may  provide  additional  information  on  the  kine¬ 
tics  of  electrode  reactions.  For  the  same  purpose  curves  arc  plotted 
which  show  the  variation  of  current  with  time  (/  versus  /)  at  different 
potentials.  Of  greater  importance  in  this  connection  are  methods 
using  current  pulses.  ... 

When  no  electrochemical  reaction  takes  place  at  the  electrode- 
electrolyte  interface,  the  whole  quantity  of  electricity  passed  is 
spent  on  charging  the  double  layer,  resulting  in  a  corresponding 
change  in  the  potential.  An  electrical  analogue  of  such  an  electrode, 
which  was  defined  earlier  as  ideally  polarizable,  is  a  parallel-plate 
condenser.  Because  of  the  electrochemical  reaction  not  all  the  quan¬ 
tity  of  electricity  is  expended  on  charging  the  double  layer;  part 
of  it  passes  through  the  elecirodo-elocirolyle  interface.  Here  a  circuit 
consisting  of  a  capacity  and  a  parallel-connected  resistance  may  he 
taken  as  an  electrical  analogue.  The  capacity  of  the  condenser  cor¬ 
responds  to  that  of  the  electric  double  layer,  and  the  resistance  (under 
certain  conditions)  may  he  regarded  as  the  inverse  of  the  rale  of  an 
electrochemical  reaction.  A  study  of  the  dependence  of  the  capacity 
of  the  double  layer  and  its  electrical  resistance  on  potential  with 
the  aid  of  suitable  alternating-current  circuits  is  another  effective 
method  of  investigating  the  kinetics  of  electrochemical  reactions. 
This  method  was  developed  by  Dolin,  Frumkin  and  Frshler  (Bl'iO). 
From  data  on  the  double-layer  capacity  inferences  can  be  drawn  as  to 
the  slate  of  the  electrode  surface  and  the  nature  of  the  adsorption 


of  various  substances  on  the  electrode. 

Si  ill  another  effective  method  was  developed  by  Lcvich  et  al. 
It  is  based  on  the  use  of  a  rolating-disc  electrode  and  enables  one 
to  il»lerinluc  the  role  of  transport,  discharge  and  chemical  transfor- 
niaiion  steps  in  the  overall  electrode  reaction. 

Frumkin  and  Nekrasov  proposed  a  combination  of  a  disc  electrode 
and  a  ring  electrode  enclosing  it.  The  electrodes  arc  mechanically 
connected,  forming  an  assembly,  which  is  rotated  about  its  axis. 
But  they  arc  isolated  electrically.  Owing  to  this  construction  the 
eleci  codes  can  be  polarized  independently  from  an  external  current 
source  so  that  one  electrode  becomes  the  anode  and  the  other  the 
cathode.  The  tracing  of  a  polarization  curve  for  the  ring  electrode 
permits  one  to  identify  qualitatively  the  reaction  products  formed 
011  1  he  disc  electrode.  This  method  has  made  it  possible,  for  example, 
to  investigate  the  reduction  of  oxygen  and  to  determine  the  amouul 
of  hvdrogcn  peroxide  formed  in  this  process. 

As  shown  by  the  equations  of  the  slow-discharge  theory,  the 
basic  parameters  determining  the  kinetics  of  an  electrochemical 
reaction  are  the  transfer  coefficient  a  and  the  exchange  current 
Determination  of  llicso  parameters  is  therefore  very  important. 
In  this  connection  mention  should  be  made  of  a  method  for  calculat¬ 
ing  a  and  /#  based  on  the  redox-kinetic  effect. 
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The  rcdox-kinelic  effect  (known  as  faradaic  rectification)  was 
discovered  by  Doss,  an  Indian  scienlisl,  in  1950  and  later  subjected 
to  a  dolailed  study  by  Doss  and  his  coworkers  and  also  bv  oilier 
scientists.  Ibis  effect  consists  in  the  following.  When  an  alternating 
current  is  applied  to  the  electrode,  the  latter's  potential  is  shifted 
by  a  certain  amount  one  way  or  the  other.  This  departure  of  the 
electrode  potential  is  called  the  redox-kinetic  potential  i|>.  The  rola- 
11011  between  the  rcdox-kinelic  potential i|>  and  the  kinetic  parameters 
a  and  I  can  be  dorived,  to  a  certain  approximation,  from  Kq.  (16.21) 
If  an  alternating  current  is  imposed  on  an  electrode  which  is  in  equi¬ 
librium  with  the  corresponding  ions  in  solution,  the  electrode  will 
be  polarized  calhodicnlly  during  the  cathodic  half-period;  the  rela¬ 
tion  between  q  and  7  (provided  that  the  rds  is  the  discharge  step) 
will  bo  expressed  through  Eq.  (16.30): 

nT  i  7 

11  aiF  1,1  to 

Similarly,  for  the  anodic  half-period  one  has  according  to  Ir'.q.  (16.35): 
When  the  potential  is  shifted  sufficiently  far  away  from  equilibrium, 

M  I  —  f5  I  =  l  <  I 

and  the  difference  |i)  |  —  |q  |  corresponds,  by  definition,  lo  the  redox- 
kinetic  potential,  i.c., 

♦-Inl-lil-  -- 5-  (4—rM  lir  (17.1) 


From  the  last  expression  it  follows  that  if  a  =  0.5,  then  T  =  0- 
If  a  is  diflercnl  from  0.5,  the  value  of  V  is  no  longer  equal  lo  zero, 
and  l ho  moro  a  departs  from  0.5,  the  higher  wilf  be  the  absolute 
value  of  the  rcdox-kinelic  potential.  If  the  value  of  «  is  determined 
by  another  method,  the  rcdox-kinelic  potential  can  be  used  for 
evaluating  the  exchange  current. 

The  faradaic  rectification  effect  lies  at  the  basis  of  one  of  the  modi¬ 
fication  of  the  polarographic  method  of  analvsis  (radiowave  pola- 
rography). 

The  kinetics  of  electrochemical  processes  is  studied  not  only  by 
eloclrical  methods.  For  example,  radioactive  isotopes  are  used  lo 
determine  exchange  currents  and  lo  investigate  the  adsorption  on 
electrodes.  A  number  of  methods  have  been  devised  and  applied 
in  studying  the  kinetics  of  particular  electrochemical  reactions. 
For  instance,  thin  metal  membranes  arc  used  lo  study  the  diffusion 
of  clcclrolylically  formed  hydrogen  into  the  bulk  of  the  oleclrode 
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and  10  establish  the  relation  between  this  process  and  tho  transfer 
of  the  potential  to  the  non-polnrizablc  side  of  the  membrone.  By 
studying  the  temperature  dependence  of  the  rale  of  electrochemical 
reactions  one  can  understand  better  the  nature  of  these  reactions. 
The  rale  constant  of  a  chemical  reaction,  i.e.,  the  reaction  rate 
at  unit  concentrations  of  reactants  is  related  to  temperature  by  the 
Arrhenius  equation: 

lnJfc-0-ngr  (17.2) 


where  it  =  energy  of  activation 

U  =  a  temperature-invariant  constant  depending  on  the 
reaction  type. 

The  temperature  coefficient  of  the  rale  constant 


din*  u 


~df  HT* 


(17.3) 


is  thus  determined  by  the  energy  of  activation. 

For  electrochemical  reactions  the  rate  constant  k  may  be  replaced 
by  an  equivalent  quantity— the  current  I  or  current  density  i. 
A  more  substitution  of  the  current  I  for  the  rate  constant  however 
does  Mot  yet  render  Eq.  (17.3)  applicable  to  electrochemical  reactions 
because  the  activation  energy  of  these  reactions  is  dependent  on  the 
electrode  potential  (Temkin,  1948).  With  changing  electrode  poten¬ 
tial  tiic  activation  energy  of  the  same  electrochemical  reaction 
at  given  concentrations  of  reacting  substances  may  vary  within 
wide  limits.  Therefore,  a  comparison  of  the  rates  of  on  electroche¬ 
mical  reaction  at  different  temperatures  makes  sense  only  when  the 
elec! rode  potential  remains  constant.  Thus,  for  electrochemical 
reactions  Eq.  <17.3)  should  be  rewritten  in  the  form: 


where  k*  is  the  energy  of  activation  at  a  given  potential  e.  Since 
the  condition  for  the  constancy  of  the  eleclrodo  potential  at  diffe¬ 
rent  temperatures  is  unfeasible,  measurements  are  carried  out  with 
the  overpolcntial  q  being  kept  constant: 


(17.5) 


Equation  (17.2)  rewritten  for  electrochemical  reactions  has  the  form 


In  in  =  B  - 


(17.6) 
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In  contrast  lo  the  activation  energy  rt,  at  constant  potential,  the 
activation  energy  i/n  at  constant  ovcrpolcnlial  is  called  the  effective 
activation  energy. 

The  applicability  of  liqs.  (17.5)  and  (17.0)  lo  electrochemical 
reactions  was  proved  by  Gorbachev  and  coworkers  (15150).  They 
showed  that  on  the  basis  of  the  activation  energy  m„  and  its  depen¬ 
dence  on  polarization  q  one  can  draw  inferences  as  to  the  nature 
of  polarization.  For  example,  if  the  activation  energy  is  close  to 
3  kcal.'mole  and  is  almost  independent  of  ovorpolcntial.  the  appea¬ 
rance  of  an  overpotential  should  most  probably  be  ascribed  to  the 
slow  occurrence  of  diffusion.  Conversely,  if  the  activation  cnergy 
is  high  (about  10  keal/molo  or  higher)  and  decreases  noticeably  with 
ovcrpolcnlial.  this  is  indicative  of  the  chemical  nature  of  the  over- 
potential.  The  Gorbachev  method  of  studying  kinelically  electro¬ 
chemical  processes,  which  is  based  on  the  determination  of  the 
activation  energy  and  its  dependence  on  various  factors,  is  termed 
the  temperature-kinetic  method.  This  method  finds  ever  increasing 
use  for  investigating  the  kinetics  of  the  oiectrodoposilion  and  electro- 
dissolution  of  metals. 


17.3.  PREPARATION  OF  SOLUTIONS 
AND  ELECTRODES  FOR  ELECTROCHEMICAL  STUDIES 
The  high  response  of  the  electrode  potential  during  the  passage 
of  a  current  lo  changes  in  the  solution  composition,  particularly 
to  the  presence  even  of  negligible  amounts  of  surface-active  sub¬ 
stances  and  catalytic  poisons  calls  for  special  care  in  preparing 
solutions  and  electrodes  for  studies  of  electrochemical  kinetics. 
This  circumstance  was  overlooked  in  early  works  and  many  old 
data  on  chemical  polarization  cannot  therefore  be  trusted. 

A  procedure  for  hydrogen  evolution  on  mercury  providing  reliable 
polarization  data  was  developed  by  Frumkin's  school  (15)37).  It 
involves  removal  of  gases  from  solutions,  preliminary  electrolysis 
of  the  latter  and  also  special  preparation  of  the  electrode  surface. 
The  purity  of  solutions  is  important  not  only  in  the  cathodic  evolu¬ 
tion  of  hydrogen  but  also  in  the  cloclrudcposition  of  metals,  l'nrity 
requirements  in  clcclrodeposilion  of  metals  which  ensure  obtaining 
reliable  data  were  recommended  by  Vagramyan.  A  special  procedure 
for  preparing  solutions  and  electrodes  was  employed  by  Antropov 
and  Mizgirova  in  studying  the  kinetics  of  the  electrochemical  reduc¬ 
tion  and  oxidation  of  inorganic  and  organic  substances.  Later 
Bockris  formulated  some  general  rules  for  making  solutions  ol 
required  purity. 


CHAPTER  18 
Polarography 


Kinelie  regularities  specific  for  clcctrochcmicfll  renc lions  con- 
stitutp  the  basis  of  one  of  the  most  perfect  and  universal  methods 
of  research  and  chemical  analysis  called  the  polarographic  method 
or  polarography.  The  name  polarography  reflects  its  close  relation 
to  polarization  phenomena  observed  in  electrolysis.  This  technique 
was  introduced  by  the  Czechoslovak  elect rochemist  Jaroslav  Heyrov- 
sky’>  in  1922.  Three  years  later  Heyrovsky  and  Schicata  designed 
an  apparatus,  known  as  th o  polarograph,  for  automatic  polarographic 
analysis. 

The  polarographic  method  proved  to  be  so  promising  and  interest¬ 
ing  that  it  left  bohind  older  electrochemical  methods  such  as  con¬ 
ductometry,  potcnliometry  and  elect roannlysis. 


18.1.  CLASSICAL  POLAROGRAPHY 

The  chemical  analysis  of  a  solution  in  polarography  is  carried  out 
with  the  aid  of  current-potential  curves.  These  curves  arc  traced 
by  using  a  special  cell  including  a  dropping-mercury  electrode  and 
any  practically  non-polarizablc  electrode,  most  frequently  mercury. 
The  latter  is  placed  at  the  bottom  of  the  cell;  it  has  a  large  surface 
area  as  compared  with  the  mercury  drop.  Since  the  current  Oowing 
through  the  polarographic  cell  is  small  (about  10"' A)  and  the  cell 
resistance  is  low,  the  ohmic  potential  drop  is  negligible.  The  current 
density  at  the  macrocleclrodc  is  also  small  owing  to  the  large  surface 
area  and  enuses  no  perceptible  change  in  the  electrode  potential.  At 
the  same  lime  the  surface  area  of  the  drop  docs  not  exceed  0.1  cm* 
and  therefore  the  current  density  here  is  hundreds  of  times  higher 
and  may  cause  its  potential  to  deviute  considerably  from  the  equi¬ 
librium  value.  In  fact,  the  buildup  (or  drop)  of  the  voltage  across 
the  polarographic  cell  with  current  should  be  wholly  ascribed  to  the 
change  in  the  potential  of  the  dropping-mercury  electrode. 

Tho  polarographic  setup  is  shown  schematically  in  Fig.  18.1. 
In  polarographic  experiments,  the  potential  applied  across  tho  cell 


*•  J.  Heyrovsky  was  awarded  the  Nobel  pritc  in  1059  for  this  contribution  to 
electrochemical  methods.— Tr. 
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is  varied  and  the  current  is  measured  as  a  function  of  this  potential, 
i.e.,  current-potential  curves  or  curves  of  current  versus  the  potential 
of  the  dropping-mercury  electrode  are  plotted.  The  potential  can  be 
varied  by  means  of  a  potentiometer  and  the  current  is  measured 
with  a  microammeter  (so-called  visual  polarography).  For  analytical 
purposes  it  is  more  convenient  to  use  automatic  polarography:  a  po¬ 
tential  varied  in  a  predetermined  manner  is  continuously  applied 
across  the  cell  and  the  corresponding  variations  in  the  current  are 


Fig.  18.1.  Polarograpliic  setup 


automatically  recorded  cither 
on  photographic  paper  by  a  light 
boam  from  a  mirror  galvanome¬ 
ter  or  on  ordinary  paper  by  me¬ 
ans  of  a  pen  recorder. 

If  the  solution  contains  only 
one  species  of  particles  capable 
of  undergoing  reduction  at  the 
mercury  electrode  at  a  certain 
potential,  the  resulting  curve 
will  have  the  shape  shown  in 
Fig.  18.2.  If  several  species  of 
particles  reducible  at  different 
potentials  are  present  in  the  so¬ 
lution,  a  curve  of  the  form  shown 
in  Fig.  18.3  is  obtained.  Such 


curves  arc  called  iwinrograms 


and  a  section  corresponding  to  the  reduction  of  a  definite  species 
is  known  as  tho  polarograpliic  wave  (or  step). 

Qualitative  polarograpliic  analysis  is  based  on  determination 
of  half-wave  potentials  (the  potentials  corresponding  to  inflection 
points  on  polarographic  waves,  where  the  current  is  half  the  limit¬ 
ing  current)  and  on  their  comparison  with  the  known  half-wave 
potentials  of  various  substances.  Quantitative  polarographic  analy¬ 
sis  is  based  on  the  measurement  of  wave  heights  corresponding  to 
diffusion  limiting  currents  of  reduction. 

The  polarographic  wove  equation  for  tho  reduction  of  the  ions 
of  a  metal  soluble  in  mercury  can  be  deduced  as  follows.  According 
to  Eq.  (7.57)  the  equilibrium  potential  of  an  amalgam  electrode 
is  determined  by  the  ratio  of  the  ionic  activity  of  a  metal  in  the 
solution  to  the  activity  of  its  atoms  in  the  amalgam: 


In  polarographic  measurements,  use  is  made  of  solutions  diluted 
with  respect  to  the  ions  being  determined  and  corresponding  dilute 
amalgams  arc  produced  at  the  cathode,  and  therefore  in  Eq.  (7.57) 
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the  activities  may  be  replaced  by  the  concentrations: 


(IS.t) 


An  amalgam  is  formed  when  the  metal  ions  arc  discharged  at  the 
surface  of  the  mercury  drop.  The  concentration  of  the  amalgam 
must  therefore  be  proportional  to  the  current: 


CM(iig)  =  k'l  (18.2) 

In  polarographic  analysis,  the  concentration  of  a  given  substance 
is  always  determined  in  a  solution  containing  an  excess  of  an  indi¬ 
fferent  substance,  which  is  termed  the  background  or  supporting 
electrolyte.  The  background  electrolyte  suppresses  the  migration 
of  the  ions  to  bo  determined,  these  ions  being  transported  to  the 
surface  of  the  mercury  drop  exclusively  by  diffusion.  Under  these 
conditions  the  limiting  current  Id  (the  maximum  diffusion  current) 
is  proportional  to  the  concentration  of  the  reducible  substance  in  the 
solution: 

la  =  (18.3) 


and  corresponds  to  complete  depletion  of  the  solution  in  ions  to  be 
determined  near  the  drop  surface,  i.e..  c =  0. 

At  any  current  /  lower  than  I,,  the  concentration  of  metal  ions 
is  different  from  zero  and  corresponds^  the  value  c.  which 

determines,  according  to  Eq.  (18.1),’ the  electrode  potential.  Under 
these  conditions  the  diffusion  current  is  equal  to 

I  =  k’(cnM,t  -  cM„) 

Using  Eq.  (18.3),  one  can  rewrite  the  lost  expression  in  the  following 
form 

I  =  la-  k’cn,. 

eM  «*-•£-</--/)  (18.4) 

Substituting  the  values  of  eM(H*>  and  cM„  from  Eqs.  (18.2)  and 
(18.4)  into  Eq.  (18.1),  one  has 

I" -15=7  <M-5> 

If 


Ch.  18.  Polarography 


then 


where  Ki,-.  is  the  half-wave  potential  determined  by  the  nature  of 
discharging  ions  but  not  by  their  concentration.  Upon  substituting 
the  value  of  the  half-wave  polcnlial  liq.  (18.5)  simplifies  to 
I1T  ,  I 

« -  TT  1,1  TT~T  ( 

Equation  (18.0).  derived  by  Jlcyrovsky  and  llkovie  in  1935. 
is  the  basic  equation  of  the  polarographic  wave.  Jt  is  applicable  not 
only  to  the  discharge  of  the  ions  of  metals  soluble  in  mercury  but 
also  lo  many  other  electrode  processes,  particularly  rcduclion- 

"  For  reactions  involving  noticeable  chemical  polarization  the  slope 
of  the  r  vs.  In  (///,<  —  /)  straight  line  is  usually  greater  than  the 
quantity  HTlzF.  This  can  bo  taken  care  of  by  introducing  a  factor 
l  a  into  Kq.  (18.(1),  it  being  assumed  that  0<a<  I. 

Equation  (18.(1)  shows  that  at  I  =  Id  the  electrode  potential 
tends  lo  an  infinitely  large  negative  value  and  under  these  conditions 
an  almost  horizontal  plateau  would  lie  expected  to  appear  on  the 
I  vs.  e  curve,  corresponding  lo  a  sharp  change  in  the  polcnlial  at 
a  small  variation  of  the  current  (sec  l'ig.  18.2).  In  reality,  the  poten¬ 
tial  is  displaced  to  a  value  al  which  the  next  electrode  process  is 
possible  and  a  second,  third,  etc.,  polarographic  wave  may  appear 
(see  Fig.  18.3).  The  quantity  Id.  governing  the  shape  of  a  polaro¬ 
graphic  wave  and  related  to  the  concentration  of  the  reducible 
substance  by  the  expression  (18.3).  is  the  so-called  mean  diffusion 
limiting  current.  When  a  dropping-mercury  electrode  is  used,  the 
diffusion  current  changes  periodically  because  the  surface  area 
of  the  drop  grows  continuously  during  its  formation  from  a  very 
small  value  (al  the  moment  immediately  following  the  release 
of  the  previous  drop)  up  lo  a  certain  maximum  value  (at  the  moment 
just  before  the  expanding  drop  falls  off).  This  change  of  the  instan¬ 
taneous  current  I'd  during  the  growth  of  a  mercury  drop  is  shown 
in  Fig.  18. d.  The  instantaneous  current  I'd  and  the  mean  current  I,i 
can  lie  calculated  by  the  llkovie  equations: 

I'd  =  706zcA'/w'/*t>/.  (18.7) 

and 

Id  =  micH'l'-mW*  (18.8) 

Equations  (18.7)  and  (18.8)  determine  the  instantaneous  current  I'd 
and  the  mean  current  Id  in  microamperes  if  the  quantities  contained 
in  them  are  expressed  in  the  following  units:  the  Faraday  number  F 
in  coulombs  (this  quantity  has  bcon  included  in  the  numerical 
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factors);  the  concentration  c  of  the  reducible  substance  or  ion 
expressed  in  mmolc/litre;  the  diffusion  coefficient  A  in  cm*-scc~'; 
the  rate  of  mercury  flow  m  in  mg-sec"1;  the  drop-time  or  the  lifetime 
of  a  single  drop,  t,  in  seconds. 

Equation  (18.8)  could  be  used  as  a  basis  for  calculating  the  con¬ 
centration  of  the  unknown  substance  from  the  limiting  current  Id 
on  the  polarogram  and  the  product  m’/n’A  previously  found  for 
the  capillary  if  the  diffusion  coefficients  A  were  known  with  suffi¬ 
cient  accuracy.  The  values  of  diffusion  coefficients  however  cannot 


t,  Zt,  3t,  t 


Fig.  18.4.  Variation  of  current  during  tho  formation,  growth  and  release  of 
a  mercury  drop: 


lie  considered  reliable;  besides,  they  depend  on  the  overall  composi¬ 
tion  of  the  solution  and  therefore  in  quantitative  analysis  resort  is 
made  to  special  procedures,  which  are  also  based  on  the  llkovic 
equation.  For  example,  according  to  one  of  the  methods  polarograins 
arc  taken  for  a  scries  of  solutions  containing  the  same  amount  of  the 
background  electrolyte  but  different  amounts  of  the  substance  to 
be  analysed.  The  calibration  c  vs.  Id  curve  obtained  from  these  data 
is  then  used  to  determine  the  concentration  c  from  the  measured 
current  Id.  In  another  variant,  a  polarogram  is  prepared  for  the 
lest  solution  and  Id  is  determined,  after  which  a  fresh  portion  of  the 
solution  containing  a  definite  amount  of  the  substance  to  lie  analysed 
is  introduced  into  the  cell  and  a  new  polarogram  is  taken.  1  lie  amount 
of  the  substance  in  the  original  sample  is  found  from  the  known 
volumo  of  the  solution  by  comparing  the  currents.  And,  finally, 
where  a  series  of  tests  of  the  same  substance  is  to  be  made,  standard 
solutions  containing  a  known  amount  of  the  substance  to  be  analy¬ 
sed  arc  used,  and  the  concentration  of  this  substance  in  tho  lest 
sample  is  found  by  comparing  the  limiting  currents  in  the  sample 
and  in  the  standard  solution. 
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The  poi orographic  method  is  particularly  convenient  for  determi¬ 
ning  the  content  of  metals  in  alloys,  for  analysis  of  minerals  and 
ores,  and  for  delecting  metal  impurities  in  various  preparations.  It  is 
also  used  for  quantitative  determination  of  many  organic  substances 
capable  of  undergoing  reduction  or  oxidation  and  of  oxygen  in 
technical  gases,  etc.  The  error  in  polarographic  analysis  of  various 
substances’ does  not  exceed  2-5  per  cent  if  their  content  in  the  sample 
ranges  from  10'-  to  lO'1  mole/lilrc.  In  some  cases  the  sensitivity 
of  the  polarographic  method  is  still  higher.  For  example,  platinum 
salts,  cysteine,  cystine  and  other  organic  compounds  containing 
— SII  and  — NH.groupscan  bedel eclcd  and  determined  quantitatively 
even  when  their  concentrations  arc  as  low  as  10~*  to  10"'  mole/lilrc. 
In  the  presence  of  platinum  the  hydrogen  wave  starts  at  more  posi¬ 
tive  potentials  and  its  height  increases  with  platinum  concentration 
in  the  solution.  These  effects  arc  probably  associated  with  the  fact 
that  the  evolution  of  hydrogen  proceeds  much  more  readily  on  pla¬ 
tinum  than  on  mercury.  'Hie  increased  sensitivity  of  the  method 
in  the  presence  of  compounds  containing  — Slf  and  — NH*  groups 
should  he  attributed  to  their  catalytic  effect  on  the  process  of  hydro¬ 
gen  evolution.  In  this  case  the  hydrogen  wave  originates  at  higher 
than  usual  positive  potentials  and  has  a  greater  height. 

The  effect  observed  in  the  presence  of  organic  substances  is  explai¬ 
ned  on  t  hi;  basis  of  the  Bronsled  theory,  assuming  an  equilibrium 
in  solutions  of  these  substances: 

B  +  H,0*  =  BH*  +  H*0  (18.9) 


where  B  i-  the  basic  and  BH*  its  conjugate  acidic  form  of  the  organic 
substance.  The  acid  BH*  is  discharged  at  the  mercury  drop  to  pro¬ 
duce  an  uncharged  complex  BH: 

BII*  +  e  =  BH  (18.10) 


which  then  decomposes  with  liberation  of  hydrogen  and  recovery 
of  the  original  substance: 

2BH  =  2B  4-  Hs  (18.11) 


All  these  reactions  proceed  at  a  higher  rale  than  the  direct  evolu¬ 
tion  of  hvdrogen.  . 

Polarograpliy  is  also  employed  to  investigate  various  physico¬ 
chemical  phenomena.  Polarograms  can  yield  information  about  the 
type  of  reducible  ions  in  solutions,  the  composition  and  stability 
of  complexes,  the  number  of  electrons  participating  in  the  reduction 
reaction;  they  are  used  to  study  the  kinetics  of  electrochemical 
transformations  and.  in  particular,  to  find  out  the  number  of  steps 
involved  in  electrochemical  reactions.  In  all  cases  where  reactions 
of  elcclrorcduclion  are  studied  it  is  advisable  to  use  a  dropping- 
mercury  electrode.  It  is  precisely  in  reduction  reactions  that  the 
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advantages  of  Ihe  DME  arc  revealed  to  the  full:  surface  purity 
owing  to  the  continuously  renewed  surface  of  the  mercury  drop; 
a  wide  range  of  negative  potentials  due  to  the  high  hydrogen  over- 
potential  at  the  mercury  cathode,  which  makes  it  possible  to  carry 
out  almost  any  reduction  reaction;  high  reproducibility  of  Ihe 
results  obtained,  etc.  At  the  same  time  mercury  is  not  quite  suited 
for  studying  oxidation  reactions  and  for  analysis  of  anions  because 
of  the  low  oxygen  ovcrpolcntial  and  the  possibility  of  its  oxidation. 
That  is  why.  apart  from  dropping-mercury  cathodes,  solid  microelccl- 
rodcs  arc  also  used  in  polnrography.  The  best  material  for  solid 
inicroolcctrodes  is  platinum,  which  possesses  high  chemical  stability, 
sufficiently  high  oxygen  ovcrpolcntial  and  good  mechanical  proper¬ 
ties.  Platinum  microclcctrodcs  find  use  not  only  in  the  study  of 
oxidation  processes  but  also  in  the  polnrographic  analysis  of  fused 
salts  (Dclimarsky).  Polnrographic  analysis  with  solid  mirroelectro- 
dcs  is  conducted  in  the  same  way  as  with  the  dropping-mercury 
electrode.  Stcndy-slatc  diffusion  is  achieved  in  this  case  by  using 
rotating  or  vibrating  electrodes,  by  stirring  the  solution,  etc.  The 
renewal  of  the  electrode  surface  and  removal  of  reaction  products 
from  it  is  accomplished  cither  mechanically  or  through  electroche¬ 
mical  dissolution.  Rut  even  when  all  these  measures  are  taken,  the 
accuracy  and  reproducibility  inherent  in  dropping-mercery  electro¬ 
des  cannot  be  achieved.  For  this  reason  polnrography  with  solid 

cathodes  has  limited  use  and  is  resorted  to  only  in  .  where  the 

«»e  of  dropping-mercury  electrodes  is  jmposMhli- 

Murh  attention  has  recently  been  paid  to  unialgom  pel  ongraphy 
in  which  dilute  amalgams  of  some  metals  are  used  insio.  mercury. 

It  has  a  number  of  advantages  over  true  polarogi.iph-  ,o  studios 
of  diffusion  and  complex-formation  and  hi  delermiiini.oi.-  -1  exchan¬ 
ge  currents.  The  procedure  of  amalgam  pnlnrosi.ipliy  ■  •..  Ides  the 
qualitative  identification  not  only  of  the  complex  p.<  dominating 
in  the  solution  hut  also  of  the  complex  directly  participating  in  the 
discharge  process  (St  rum  berg). 


18.2.  AMPEROMETR1C  TITRATIONS 


The  existence  of  a  simple  relationship  between  the  concentration 
of  a  substance  and  its  polarographic  current  was  used  for  developing 
a  sensitive  and  convenient  analytical  technique  called  Ihe  timpero- 
metric  titration  ■>.  In  this  method,  the  diffusion  limiting  current  serves 


”  The  term  ampere 
(1939).  This  name  is  < 
for  this  method  ore  i 
polar, 


'I elric  titrations  was  introduced  by  Kolthofl  and  coworkers 
soil  extensively  in  polnrographic  literature.  Ollier  terms 
so  known.  For  example.  Major  (1930)  coined  Ihe  term 

,  ■  - . .  incc  the  current  passing  through  the  polarized  electrode 

is  measured.  The  name  suggested  by  Lange  is  limiting  current  titrations  because 
the  essential  fact  here  is  that  the  polarizable  electrode  indicates  the  limiting 
current.— Tr. 
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as  an  indicator.  A  change  in  the  concentration  of  the  substance 
to  he  determined  (this  substance  is  transformed  in  the  course  of 
titration  into  a  form  incapable  of  being  polarographicnlly  reduced) 
is  immediately  reflected  in  the  value  of  the  limiting  current.  By 
measuring  the  current  (at  a  constant  potential  of  the  dropping- 
mercury  electrode  in  the  region  of  limiting  current)  after  each  addi¬ 
tion  of  the  litrant  and  plotting  the  limiting  current  as  a  function 
of  the  volume  of  reagent  added,  anipcroinetric  curves  are  obtained. 


<a>  lb)  (c) 


Fig.  18.5.  Amperomelric  titration  curves 

Some  !  epical  curves  are  shown  in  Fig.  18.5.  Curve  a  corresponds 
to  the  case  when  the  substance  to  be  determined  is  polarographically 
active  ami  the  rcagenl  used  in  titrations  gives  no  polarographic  wave. 
Curve  I,  is  obtained  when  both  the  substance  to  be  determined  and 
the  reagent  added  arc  capable  of  giving  a  polarographic  wave.  Curve  c 
refers  to  a  polarographicnlly  inactive  substance  titrated  by  a  solution 
of  a  reagent  giving  rise  to  a  diffusion  current.  Of  particular  interest 
is  curve  c.  which  shows  that  amperomelric  titrations  can  be  used 
to  determine  substances  that  do  not  lend  themselves  to  ordinary 
polarographic  methods.  Thus,  the  possibilities  of  amperomelric 
titrations  are  wider  from  the  analytical  point  of  view  as  compared 
with  true  polarography.  Moreover,  it  ensures  greater  accuracy  and 
permits  using  solid  microclcctrodes. 

18.3.  POLAROGRAPHIC  MAXIMA 

Polarogranis  are  often  more  intricate  than  those  shown  in  Fig.  18.3. 
If  no  special  precautions  are  taken,  sharply  defined  peaks  or 
humps,  called  polarographic  maxima,  may  appear  on  polarogrnms 
(Fig.  18.6).  Tho  appearance  of  maxima  interferes  with  analysis 
by  distorting  the  shape  of  the  wave  and  hampering  the  determina¬ 
tion  of  wave  heights. 

Hcyrovsky  ascribes  the  occurrence  of  maxima  to  adsorption 
phenomena.  He  noticed  that  there  are  usually  no  maxima  in  the 

26* 
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immediate  vicinity  of  the  zero-charge  potential  ami  suggested  that 
a  distinction  be  made  between  positive  and  negative  maxima,  depend¬ 
ing  on  whether  they  appear  on  the  rising  or  falling  portion  of  the 
elect rocapillary  curve. 

The  most  comprehensive  interpretation  of  the  nature  of  polaro- 
graphic  maxima  was  based  on  the  conceptions  formulated  by  Frum- 
kin.  Bruns,  lofa  and  their  colleagues  (1934-39).  According  to  these 
conceptions,  the  increase  of  the  diffusion-controlled  current  above 
its  normal  value  is  enused  by  additional  vigorous  stirring  of  the 


Fig.J8.Ci.  Polarographic  maxima  in  the  deposition  of  thallium  nickel,  and 
manganese 


solution  near  the  mercury  drop  surface.  Additional  agitation  of  the 
solution  is  in  turn  caused  by  internal  streaming  in  the  mercury  due 
to  nonuniform  polarization  and  the  associated  difference  in  the 
surface  tension  between  different  parts  of  the  mercury  surface. 
Streaming  in  the  solution  near  the  mercury  drop  was  continued  expe¬ 
rimentally  by  Slackclbcrg  and  Antweiler  (1938)  and  also  by  Kryukova 
and  Kabanov  (1938).  The  direction  of  streaming  is  different  for 
positive  and  negative  maxima.  Streaming  occurs  from  the  neck  (top) 
of  the  drop  in  the  case  of  positive  maxima  and  in  the  reverse  direction 
at  negative  maxima  (Fig.  18.7). 

The  origin  of  streaming  and  the  occurrence  of  polarographic 
maxima  can  be  explained  qualitatively  as  follows.  Owing  to  the 
screening  effect  of  the  capillary  the  neck  of  the  drop  is  less  strongly 
polarized  than  its  bottom.  Suppose  the  potential  difference  between 
the  neck  and  the  bottom  of  the  drop  is  Ae  (Fig.  18.8).  If  this  poten¬ 
tial  difference  appears  on  the  rising  portion  of  the  clcclrocapillary 
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curve  (which  implies  the  appearance  of  positive  maxima),  then  lo  il 
there  will  correspond  the  difference  in  surface  tension  A  a.  Since 
the  surface  tension  at  the  neck  of  the  drop  is  lower  than  at  the  bottom, 
the  mercury  will  stream  from  the  neck  lo  the  bottom  (Fig.  18.7a); 
the  adjacent  solution  layers  token  along  by  this  motion  flow  in  the 
same  direction.  Fresh  solution  is  thus  brought  lo  the  neck  of  the 
drop,  while  partially  exhausted  layers  of  solution  flow  to  the  bottom. 
This  process  still  further  increases  the  potential  difference  between 
the  neck  and  the  bottom  of  the  drop,  the  increase  being  the  greater, 
the  lower  the  concentration  of  the  solution  near  the  drop.  i.e..  the 
more  negative  its  mean  potential.  Therefore  the  value  of^Ae  does 
not  remain  constant  and  increases  somewhat:  Ae  <  Ae' <  Ae". 


Fig.  18.7.  Streaming  in  a  drop  and  in  the  adjacent  solution  layer: 
ai>|)oaronce  of  poeltlre  maxim*;  t>— appearance  of  iwfetlve  maxima 

Ho we\  or,  in  spile  of  the  increase  of  Ae  due  lo  the  shift  of  the  potential 
lo  the  negative  side,  the  quantity  Ao  (which  is  directly  responsible 
for  the  mol  ion)  decreases  and  becomes  vanishingly  small  on  approach¬ 
ing  the  elcctrocapillary  zero  and  the  current  drops  lo  its  normal  value 

^  When  dealing  with  negative  maxima,  the  electrode  potential 
being  on  the  falling  (negative)  portion  of  the  elcctrocapillary  curve, 
the  surface  tension  is  lower  at  the  bottom  of  the  drop  than  that  at 
the  neck,  which  is  less  negatively  charged.  The  surface  at  the  bottom 
therefore  tends  to  expand  and  that  at  the  neck  lo  contract,  this 
causing  the  mercury  to  move  in  the  direction  indicated  in  Fig.  18.70. 
In  this  case,  fresh  solution  is  brought  to  the  bottom  of  the  drop  and 
the  solution  near  the  neck  is  partially  exhausted.  As  a  result,  the 
polarization  becomes  less  nonuniform.  The  levelling  effect  becomes 
stronger  with  decreasing  concentration  of  the  solution  near  the  drop, 
i.e..  Ae  decreases  as  the  potential  is  displaced  to  the  negative  side, 
and  this  results  in  a  gradual  decay  of  the  negative  maximum  (see 
Fig.  18.81.  Another  cause  for  the  disappearance  of  the  ncgalivo 
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maximum  is  Ihe  increase  of  (he  charge  on  (ho  mcrcurv  surface  with 
increasing  distance  from  (he  cleclrocapillary  zero.  This  must  reduce 
Ihe  mobility  of  Ihe  surface  layers  of  mercury  and  hence  (he  intensity 
of  motion  of  the  solution. 


To  avoid  polarographic  maxima  and  obtain  normal  polarograms, 
surface-active  substances  arc  added  to  the  solution  under  study. 
The  most  effective  surface-active  substances  arc  those  of  the  molecu¬ 
lar  type  (e.g.  gelatine  and  various  dyes).  The  mechanism  of  their 
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action  can  bo  explained  with  the  aid  of  elcclrocnpiilary  curves 
(Fig.  18.9).  In  the  presence  of  such  surface-active  substances  the 
surface  tension  remains  practically  constant  over  a  wide  range  of 
potentials.  In  this  case  Ao  is  found  to  be  close  to  zero  and  cannot 
provide  an  intensive  tangential  motion  of  the  surface  layers  of  the 
mercury.  The  ability  of  a  particular  surface-active  substance  to 
suppress  polarographic  maxima  is  linearly  dependent  on  its  con¬ 
centration  in  the  solution.  These  results  were  used  to  develop  a  sen¬ 
sitive  method  of  quantitative  determination  of  surface-active 
substances,  thereby  extending  the  range  of 
applicability  of  polarography.  This  further 
enhanced  the  interest  in  the  study  of  pola¬ 
rographic  maxima. 

The  occurrence  of  tangential  motions  of 
a  liquid  cathode  at  nonuniform  polarization 
plays  an  important  role  not  only  in  pola 
rographic  practice  but  also  in  preparative 
and  industrial  electrochemistry.  This  pheno¬ 
menon  has  served  as  a  basis  for  designing 
original  laboratory  electrolytic  cells,  which 
intensify  the  process  of  elcctrosynthesis  and 
automatically  remove  the  products  from 
the  reaction  zone  (Slarostenko).  It  has  also 
been  shown  that  the  intensity  of  tangential 
motion-  may  sharply  increase  when  dilute 
amalgams  arc  formed  and  the  heterogeneity 
of  the  composition  of  the  liquid  electrode 
is  superposed  on  its  polarization  nonu- 
uiforniiiy  (Antropov).  This  intensified  ,  ,  . 

tangential  motion  affects  considerably  the  conditions  of  electroly¬ 
sis  of  chloride  or  alkali  solutions  with  amalgam  electrodes  (Chviruk). 

In  i he  absence  of  nonuniform  polarization  the  formation  of  a  mer¬ 
cury  drop  may  itself  give  rise  to  streaming  in  its  surface  layer 
(Fig.  IN.  10).  This  streaming  may  entrain  the  solution  layer  adjacent 
to  the  drop  and  increase  the  limiting  current.  The  increase  of  the 
current  observed  in  this  case  was  examined  by  Kryukova  (1940). 
who  suggested  that  this  current  increase  be  named  a  maximum  of  the 
second  kind.  In  contrast  to  maxima  of  the  first  kind,  maxima  of  the 
second  kind  occur  most  distinctly  in  the  region  of  potentials  adjacent 
to  the  eledrocapillarv  zero.  The  charge  in  this  region  is  small  anct 
docs  not  interfere  with  the  motion  of  the  mercury  surface  layers. 

The  existence  of  maxima  of  the  second  kind  has  been  utilized 
in  developing  the  polarographic  adsorption  method  of  analysis. 
These  maxima  ensure  a  better  reproducibility  of  results  and  higher 
sensitivity  of  the  method  than  maxima  of  the  first  kind.  For  example, 
the  presence  of  n-octyl  alcohol  in  the  solution  (up  to  6  X  10"*  mole/lit- 
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re)  does  nol  affect  the  height  of  maxima  of  the  first  kind  observed  in 
the  reduction  of  oxygen.  At  the  same  time  the  height  of  the  oxygen 
maximum  of  the  second  kind  decreases  by  half  if  the  solution  con¬ 
tains  only  3  X  10-*  mole/litre  of  this  alcohol. 

It  has  recently  been  found  that  adsorption  phenomena  can  be 
studied  quantitatively  not  only  by  using  polarograms  and  maxima 
appearing  on  them  but  simply  by  measuring  the  current  on  a  singlo 


expanding  drop.  The  shape  of  a  currenl-limo  curve  undergoes  a  noti¬ 
ceable  change  during  the  growth  of  a  drop  if  the  solution  contains 
a  surface-active  substance.  Besides,  the  amount  of  deviation  from 
the  normal  shape  of  the  curve  is  legitimately  associated  with  the 
concentration  of  such  a  substance  (Fig.  18.11). 


18.4.  FURTHER  DEVELOPMENT  OF  POLAROGRAPHY 
Polarography  is  developing  along  the  path  of  increasing  the  sen¬ 
sitivity  and  accuracy  of  the  method  and  extending  the  range  of  its 
potentialities.  One  of  the  variants  of  polarography  providing  increa¬ 
sed  sensitivity  is  the  differential  polarographic  method.  In  this 
method,  instead  of  current-potential  curves,  use  is  made  of  deriva¬ 
tive  curves  of  dllde  versus  e.  Such  differential  curves  can  he  obtained 
in  two  ways.  The  first  procedure  consists  in  using  two  identical  drop¬ 
ping-mercury  electrodes  in  the  same  solution  and  applying  to  one 
electrode  a  voltage  several  millivolts  lower  than  to  the  other.  In  the 
second  procedure,  one  deals,  as  usual,  with  a  single  capillary  but 
makes  use  of  special  differentiating  electronic  circuits.  A  comparison 
of  a  simple  polarogram  with  a  differential  one  is  shown  in  Fig.  18.12. 
Qualitative  and  quantitative  determinations  with  the  aid  of  diffe¬ 
rential  polarograms  arc  carried  out  by  measuring  potentials  and 
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peak  heights.  An  advantage  of  such  polarograms  is  the  possibility 
of  identifying  impurities  of  less  noble  metals  in  a  solution  containing 
an  excess  of  ions  of  more  noble  metals.  This  cannot  be  achieved 
by  means  of  true  polarography. 

New  possibilities  were  opened  up  in  polarography  when  electronic 
oscillographs  entered  the  scene.  These  devices  are  used  to  register 
changes  in  potential  and  current  with  time.  In  the  most  widespread 
technique  of  oscillographic  polarography.  alternating  voltage  is 
impressed  upon  the  cell  and  a  potential-time  curve  is  traced,  which 


Fie  IS.  12.  Comparing  the  curves  of  ordinary  (I)  and  differential  (-* 

polarography 

consists  of  two  portions— the  ascending,  cathodic  branch  and  the 
descending,  anodic  branch.  At  frequencies  of  the  order  of  oU  Hz 
the  curve  for  the  supporting  electrolyte  has  the  shape  of  a  sine-wave 
(Fig.  18.13a).  When  the  solution  contains  substances  clectrochemi- 
cally  active  on  the  dropping-mercury  electrode  the  ascending  and 
descending  branches  of  the  potential-time  curve  show  time-lags 
corresponding  respectively  to  reduction  and  oxidation  of  these 
substances.  If  these  processes  are  reversible,  time-lags  appear  at 
approximately  the  same  potential  (Fig.  18.13b);  when  they  are 
irreversible  the  reduction  and  oxidation  potentials  arc  found  to  be 
different  (Fig.  18.13c).  When  the  frequency  increases,  say  to  iu  riz, 
the  sa\vleeth  on  the  potential-time  curve  extend  into  lines,  forming 
an  oscillopolarographic  spectrum.  Each  line  in  this  spectrum 
corresponds  to  the  reduction  of  a  definite  substance  (the  anodic 
branch  of  the  sinusoid  is  usually  omitted  from  the  spectrum).  An 
oscillopolarographic  spectrum  thus  permits  determination  of  the 
qualitative  composition  of  a  solution.  For  quantitative  analyse 
it  is  necessary  to  use  derivative  oscillopolarographic  curves,  prole- 
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rably  de  'dt  versus  e  curves.  I  lie  shape  of  which  is  shown  in  Kig.  18. 14. 
Kadi  minimum  on  the  oscillopolarogram  corresponds  lo  the  half¬ 
wave  potential  of  a  definite  ionic  species,  and  its  height  is  propor- 
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(a)  (b>  (C) 


Fig.  18.13.  l’otcnlial-tiino  curves  in  oscillographic  polnrogrnpliy: 

•n  — curve  for  the  background  electrolyte:  l>— curve  obtained  In  the  presence  nr  a  .substance, 
the  reduction  and  oxidation  of  which  proceeds  reversibly;  c. -ditto  for  Irreversible  processes 

lional  to  the  ionic  composition.  The  sawlecllt  on  the  cathodic  por¬ 
tion  of  the  oscillopolarogram  symbolyze  lead  and  call  in  in  in;  indium 
gives  no  sawtooth  under  the  same  conditions.  The  anodic  portion  of  the 


•curve  shows  three  sawtooth,  the  last  one  corresponding  to  indium, 
oxidizable  at  a  higher  potential  than  cadmium.  Combining  cathodic 
anti  anodic  oscillopolarograms  widens  the  possibilities  of  this  method 
as  compared  with  classical  polarography. 
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CHAPTER  19 

The  Hydrogen  Evolution  Reaction 


19.1.  GENERAL  DESCRIPTION  OF  THE  PROCESS 
The  eleclrolylic  evolution  of  hydrogen  in  acid  and  alkalino  solu¬ 
tions  occurs  in  different  ways.  The  source  of  hydrogen  in  acid  solu¬ 
tions  is  hydroxoninm  ions  which  are  discharged  al  the  enthodo 
to  form  hydrogen  gas: 

211,0*  -i-  2e  =  Hi  211,0  (19.1) 

In  the  case  of  alkaline  solutions  it  is  assumed  that  electrons  arc 
directly  added  on  to  water  molecules  which  then  decompose  to  yield 
hydrogen  and  hydroxyl  ions: 

211-0  -!-  2e  =  Hi  -r  2011"  (19.2) 

It  is  l -.'ie veil  that  reaction  (19.2)  may  also  proceed  in  acid  solutions 
but  al  high  current  densities.  In  certain  cases  hydrogen  is  evolved 
in  acidic  mediums  directly  from  the  molecules  of  the  acid: 

2H.A  +  2e  =  II.  -i-  2A-  (19..!) 

This  case  is  realizable  when  hydrogen  is  evolved  at  a  mercury  cathode 
from  aqueous  solutions  of  carbonic  acid. 

Weak  organic  bases  B  arc  capable  of  catalyzing  the  cathodic  evo¬ 
lution  of  hydrogen  to  form,  together  with  hydrogen  ions,  positively 
charged  adsorbed  particles: 

B  -r  11,0*  =  BHi*  -i-  11-0  (19.4) 

These  particles  arc  discharged 

BH*,.  -f-  c  -  BH,,* 

and  the  unstable  complexes  formed  arc  then  decomposed  into  hydro¬ 
gen  and  the  initial  base: 

BHa„,  =  11  1-4-11, 


(19.1!) 
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rably  dz'dt  versus  e  curves,  llie  shape  of  which  is  shown  in  Fig.  18.14. 
Each  minimum  on  (he  oscillopolnrograin  corresponds  lo  the  half¬ 
wave  potential  of  a  definite  ionic  species,  and  its  height  is  propor- 
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Fig.  18.13.  Potcnlia]-timo  curves  in  oscillographic  polarograplty: 

■a  —  curve  for  Uic  background  electrolyte:  b— curve  obtained  In  the  presence  «l  i  substance. 


lional  lo  the  ionic  composition.  The  sawteeth  on  the  cathodic  por¬ 
tion  of  the  oscillopolarogram  symbol y/c  lead  and  cadmium;  indium 
gives  no  sawtooth  under  the  same  condi  I  ions.  The  anodic  portion  of  the 


•curve  shows  three  sawteeth.  the  last  one  corresponding  to  indium, 
oxidize  bio  at  a  higher  potential  Ilian  cadmium.  Combining  cathodic 
ami  anodic  oscillopolnrograms  widens  the  possibilities  of  this  method 
ns  compared  with  classical  polarograplty. 
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CHAPTER  19 

The  Hydrogen  Evolution  Reaction 


19.1.  GENERAL  DESCRIPTION  OF  THE  PROCESS 
The  electrolytic  evolution  of  hydrogen  in  acid  and  alkaline  solu¬ 
tions  occurs  in  diffcrcnl  ways.  The  source  of  hydrogen  in  acid  solu¬ 
tions  is  hydroxoniuin  ions  which  are  discharged  at  the  cathode 
to  form  hydrogen  gas: 

2H30+  +  2e  =  II,  +  211*0  (19.1) 

In  the  case  of  alkaline  solutions  it  is  assumed  that  electrons  arc 
directly  added  on  to  water  molecules  which  then  decompose  to  yield 
hydrogen  and  hydroxyl  ions: 

2H.0  -1-  2c  =  I-I*  -h  2011"  (19-2) 

It  is  believed  that  reaction  (19.2)  may  also  proceed  in  acid  solutions 
hut  :.i  high  current  densities.  In  certain  cases  hydrogen  is  evolved 
in  acidic  mediums  directly  from  the  molecules  of  the  acid: 

21  FA  +  2c  =  II.  r  2A-  (19.3) 

This  case  is  realizable  when  hydrogen  is  evolved  at  a  mercury  cathode 
from  aqueous  solutions  of  carbonic  acid. 

Weak  organic  bases  U  arc  capable  of  catalyzing  the  cathodic  evo¬ 
lution  of  hydrogen  to  form,  together  with  hydrogen  ions,  positively 
charged  adsorbed  particles: 

B  11,0*  =  BHJ*  -i-  II jO  (19.4) 

These  particles  arc  discharged 

BUS*  +  e  =  Bll11(fi 

and  the  unstable  complexes  formed  arc  then  decomposed  into  hydro¬ 
gen  and  the  initial  base: 

BH.c*  =Utj  H* 


(19.fi) 
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The  acceleration  of  Ihe  hydrogen-evolution  reaction  is  probably 
iissocialed  with  the  fact  that  the  activation  energy  in  the  case  of 
a  multislep  reaction  involving  consecutive  steps  (19.4)  to  (19.6) 
is  lower  than  in  the  direct  discharge  of  hydrogen  ions  according 
to  (19.1).  In  neutral  mediums,  e.g.  in  salt  solutions,  the  evolution 
of  hydrogen  may  proceed  according  to  both  schemes  (19.1)  and  (19.2). 
Which  mechanism  will  predominate  depends  on  the  solution  pH 
and  the  nature  of  the  salt.  Experimental  data  obtained  in  recent 
years  confirm  the  mechanism  of  “secondary  hydrogen  evolution", 
which  was  in  vogue  in  the  early  days  of  electrochemical  science  and 
was  later  rejected.  According  to  this  mechanism  the  primary  act 
is  the  discharge  of  ions  of  an  alkali  metal,  M*.  with  the  formation 
of  a  corresponding  metal  or  its  alloy  with  the  cathode  material: 

M*  +  *  =  IM1  (19.7) 

Hydrogen  is  evolved  at  the  subsequent  step  of  interaction  of  the 
alkali  metal  (its  alloy  or  amalgam)  with  the  solvent  particles: 

[M]  +  H20  =  ^-H2+M0H  (19.8) 

This  mechanism  of  hydrogen  evolution  is  most  probable  in  the 
electrolysis  of  alkaline  solutions  or  solutions  with  a  high  concentra¬ 
tion  of  an  alkali-metal  salt  and  on  cathodes  of  high  hydrogen  over- 
potential  (e.g.  mercury,  lead).  Experimental  facts  established  in 
investigations  of  the  electroreduction  of  organic  substances  (Antro¬ 
pov,  Smirnov)  point  to  the  incorporation  of  alkali  metals  into 
cathodes  made  of  lead  and  cadmium.  These  observations  are  suppor¬ 
ted  by  experimental  data  obtained  by  other  authors  (e.g.  1C  abanov). 
For  metals  of  low  hydrogen  overpolonlial  the  secondary  evolution 
of  hydrogen  is  considered  less  probable.  Still,  some  researchers 
(e.g.  Malsuda)  believe  that  for  the  formation  of  hydrogen  on  plati¬ 
num  cathodes  the  bulk  of  experimental  data  is  also  best  explained 
by  scheme  (19.7)-(19.8).  Reactions  (19.1),  (19.2)  and  (19.8)  written 
in  the  reverse  order  will  represent  the  sequence  of  the  anodic  disso¬ 
lution  of  hydrogen  gas  with  the  formation  of  water,  hydroxyl  ions 
or  acid  molecules. 

The  hydrogen-evolution  reaction  at  the  cathode  lakes  place  at 
a  potential  e  more  negative  than  the  reversible  potential  ch  corres¬ 
ponding  to  the  pH  of  a  given  solut  ion: 

eH  =  In  «„♦  =  —  6°pH  (19.9) 

In  most  cases  the  difference  between  the  electrode  potential  arising 
from  the  passage  of  a  current  on  hydrogen  evolution  and  the  poten¬ 
tial  of  the  equilibrium  hydrogen  electrode  under  the  same  conditions 


e  —  eH 
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is  identified  with  activation  polarization  since  concentration  pola¬ 
rization  is  small  here  ami  may  be  disregarded,  'flic  insignificant 
role  of  diffusion  limitations  in  (he  kinetics  of  the  cathodic  hydrogen 
evolution  in  acidic  solutions  will  become  clear  if  one  takes  into 
account  that  the  mobility  of  hydrogen  ions  is  considerably  high 
as  compared  with  all  other  ions.  When  hydrogen  is  evolved  from 
alkaline  solutions,  concentration  polarization  must  be  lower  owing 
to  the  very  high  concentration  of  discharging  particles  (water  mole¬ 
cules).  Hence,  the  quantity 

e  —  en  =  t|h  (19.10) 

which  is  known  as  the  hydrogen  ovcrpotcntial  (or  overvoltage), 
may  be  regarded  as  a  direct  measure  of  the  irreversibility  of  the 
electrochemical  hydrogen-evolution  process.  The  value  of  hydrogen 
ovcrpotcntial  and  its  dependence  on  various  factors  must  therefore 
be  closely  related  to  the  nature  of  the  cathodic  hydrogen- 
evolution  reaction. 

Study  of  hydrogen  ovcrpotcntial  enables  one  to  identify  the 
mechanism  of  hydrogen  evolution  and  is  therefore  of  great  interest 
from  the  theoretical  point  of  view.  Regularities  established  for  hydro¬ 
gen  overpotenlial  can  partly  be  extended  to  other  cases  of  electroche¬ 
mical  kinetics,  which  considerably  raises  the  theoretical  signifi¬ 
cance  of  works  on  hydrogen  overpotential.  Investigation  of  hydrogen 
ovenmlential  is  also  of  great  practical  importance  since  present- 
day  industrial  electrochemistry  is  primarily  the  electrochemistry 
of  aqueous  solutions  and  the  processes  of  electrolytic  decomposition 
of  water  can  be  superimposed  on  any  cathodic  or  anodic  reaction. 
The  magnitude  of  hydrogen  overpotenlial  constitutes  a  consider¬ 
able  fraction  of  the  voltage  in  cells  for  electrolysis  of  water  and 
chloride  solutions.  Knowledge  of  its  nature  makes  it  possible  to 
lower  hydrogen  overpotential  and  hence  to  reduce  the  consumption 
of  electric  power,  thereby  improving  the  economic  efficiency  of 
these  processes.  In  other  cases  (elcclrodeposition  of  metals,  cathodic 
reduction  of  inorganic  and  organic  substances,  operation  of  chemical 
sources  of  current)  knowledge  of  the  nature  of  hydrogen  overpotential 
allows  one  to  tackle  the  reverse  problem— the  search  for  rational 
ways  of  increasing  it.  All  this  explains  why  the  study  of  the  catho¬ 
dic  hydrogen-evolution  reaction  and  of  the  nature  of  hydrogen  over- 
potential  has  always  attracted  the  attention  of  electrochemisls. 

19.2.  DEPENDENCE  OP  HYDROGEN  OVERPOTENTIAL 

ON  CURRENT  DENSITY  AND  ELECTRODE  MATERIAL 

The  dependence  of  overpotential  on  current  density  observed 
in  the  evolution  of  hydrogen  from  solutions  of  mineral  acids  and 
bases  and  also  from  aqueous  solutions  of  salts  incapable  of  dissocia- 
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ting  into  surface-active  ions  may  be  described  by  Fig.  16.2  (see 
page  381)  or  by  Fig.  19.1.  In  the  region  of  small  deviations  from 
the  equilibrium  potential  the  relation  between  overpotcnlial  and 
current  density  is  linear: 

il  =  Iti  (19.11) 

As  the  potential  moves  farther  away  from  the  equilibrium  value 
(with  increasing  current  density)  the  linear  relation  changes  into 
a  semi  logarithmic  one: 

il  =a  +  b  log  i  (19.12) 

For  some  metals,  c.g.  mercury,  this  semilogarilhmic  relation 
with  constant  values  of  a  and  b  holds  up  to  the  highest  current  den¬ 


sities  so  far  attained  (sec  Fig.  16.2).  For  other  metals,  e.g.  lead  and 
platinum,  in  a  certain  region  of  current  densities  a  now  scmilo- 
garithmic  straight  line  appears,  with  a  changed  and  b  being  the 
same  (lead)  or  different  (platinum)  (see  Fig.  19.1). 

It  can  be  seen  from  Table  19.1  that  the  value  of  a  varies  widely 
from  metal  to  metal:  from  0.1V  for  platinum  to  l.bV  for  lead.  Apart 
from  the  electrode  material,  the  value  of  a  is  also  affected  by  the 
stale  of  the  electrode  surface.  The  constant  a  falls  when  the  electrode 
surface  becomes  loosened  and  free  of  oxide  lilms.  The  value  of  b 
varies  within  narrower  limits  — from  0.03  to  0.12  and  only  in  rare 
cases  (for  technical  and  oxidized  metals)  does  it  exceed  0.12.  Low 
values  of  b  arc  observed  for  metals  of  the  lowest  overpotcnlial  (with 
a  minimum  value  of  a),  c.g.  platinum  and  palladium.  For  many 
metals,  including  all  metals  of  high  ovcrpolentinl,  the  value  of  b 
is  about  0.12. 
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TABLE  19.1 


Measurements  carried  oul  in  recent  years  with  single  crystals  of 
various  metals  (copper,  bismuth,  chromium,  cadmium,  nickel,  tin 
and  lead)  have  shown  that  the  hydrogen  overpolcnlial  largely  de¬ 
pend-  on  the  symbol  of  the  single-crystal  face  on  which  hydrogen 
is  rathodically  evolved.  Therefore  hydrogen  ovcrpolenlials  found 
for  solid  cathodes  of  polycryslallinc  structure  represent  average 
values.  They  may  vary  depending  on  the  percentage  of  exposure 
of  different  crystal  faces. 

Many  attempts  have  been  made  to  establish  a  relationship  between 
the  hydrogen  overpolcnlial  on  a  given  metal  and  sonic  other  of  it* 
physical  properties:  catalytic  activity  with  respect  to  recombination 
of  free  hydrogen  atoms,  melting  or  evaporation  heal,  electronic 
work  function,  minimum  interatomic  distance  in  crystal  lattice, 
compressibility,  etc.  For  example,  an  inference  has  been  drawn  in 
these  studies  that  the  higher  is  the  melting  point  of  a  metal  the 
lower  will  be  its  hydrogen  overpolcnlial;  this  observation  however 
cannot  be  accepted  even  as  an  approximate  rule.  Bonhocflcr  (1924) 
found  that  the  higher  the  catalytic  activity  of  a  metal  for  recombina¬ 
tion  of  hydrogen  atoms,  the  lower  is  the  hydrogen  overpotential 
on  it.  i.e.,  in  a  scries  of  metals  these  properties  increase  in  opposite 
directions: 

catalytic  activity  -► 

Pb,  Sn,  Zn.  On,  Ag.  Fc,  Ni.  W,  Pd,  Pt 

-♦-hydrogen  overpotential 
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Kobozev  (1947)  and  also  Bockris  (1951)  found  a  relationship  between 
electronic  work  function  and  hydrogen  overpolential.  Comparing 
the  hydrogen  overpolential  with  the  minimum  interatomic  distance 
in  metals,  Khomulov  (1950)  established  that  the  lowest  overpolential 
is  observed  on  metals  with  an  interatomic  distance  of  about  2.7  A; 
the  overpotential  rises  regularly  as  (his  distance  increases  or  decrea¬ 
ses.  In  his  later  works  Khoinutov  noted  that  the  interatomic  distance 
at  which  the  overpolential  is  minimal  is  close  to  the  diameter  of  the 
water  molecule  and  proposed  a  iuodclislic  method  for  calculating 
the  coefficient  b  in  Tafel’s  equation.  According  to  Lorenz  (1950) 
the  following  relation  exists  between  the  constant  a  and  the  electro¬ 
nic  compressibility  x. 


a  =  2- 


Vxrt0« 


(19.13) 


19.3.  EFFECT  OF  SOLUTION  NATURE 
AND  COMPOSITION  ON  IIYDROGEN  OVERPOTENTIAL 


The  greatest  number  of  investigations  of  hydrogen  uv< 
have  been  carried  out  with  aqueous  solutions.  Howevei.  '■ 
(aud,  with  lower  accuracy,  for  some  other  metals)  there 
been  obtained  data  in  nonaqueous  acid  solutions.  Tin; 
overpolential  on  mercury  during  hydrogen  evolution  fn 
lion  of  hydrogen  chloride  in  ethyl  and  methyl  alcohol 
than  for  aqueous  solutions.  Data  obtained  for  mixed 
rather  uncertain.  The  nature  of  the  solvent  is  less  imj 


crpotenlial 
or  mercury 
i  have  <dso 
■  hydrogen 


metals  of  low  overpolential.  The  relation  between  the  hydrogen 
overpolential  and  the  solvent  nature  has  not  yet  been  accurately 
established,  though  some  published  data  indicate  that  for  copper 
and  nickel  the  values  of  hydrogen  overpolential  are  slightly  higher 


in  alcohol  solutions  than  in  aqueous  ones. 

The  effect  of  the  solution  pH  on  hydrogen  overpolential  has  been 
studied  most  thoroughly  for  mercury  cathodes.  It  has  been  found 
(hat  in  solutions  of  pure  acids  at  concentrations  up  to  0.1  g-eq/lit re 
the  hydrogen  overpolential  is  not  a  function  of  pH.  At  higher  con¬ 
centrations  the  overpolential  becomes  dependent  on  pH.  decreasing 
with  increasing  acid  content,  the  ratio  Aq/ApH  being  about  (50  mV. 
If  solutions  contain  an  excess  of  extraneous  (indifferent)  electrolyte, 
apart  from  the  acid,  the  variation  of  overpolential  with  pH  is  also 
observed  at  acid  concentrations  lower  than  0.1  g-eq/lit  re.  In  alkaline 
solutions,  at  an  alkali  concentration  of  0.1  g-cq/litro  and  higher, 
the  hydrogen  overpolential  decreases  with  increasing  concentration. 
In  the  presence  of  an  excess  of  extraneous  ions  this  variation  of  over- 
potential  with  pH  is  also  observed  for  dilute  alkaline  solutions. 
The  dependence  of  hydrogen  overpotential  on  pH  at  mercury  in 
solutions  containing  a  constant  excess  of  extraneous  ions  is  shown 


Z  4  6  8  to  12  14  pH 

Fig.  Delation  botwoon  the  ovorpotontial  in  hydrogen  ovolution  on  a  roer- 
.  ury  cathode  and  the  solution  pH  at  diOercnt  current  densities: 

I—  I  x  10-*  A/cm";  II — I  x  I0-*  A/em‘ 

contrn.-t  lo  mercury,  however,  in  this  case  the  overpotential  varies 
only  slightly  with  pH  and  does  not  obey  a  simple  linear  law.  The 
hydrogen  overpolcnlial  on  lead  and  on  platinum  is  almost  inde¬ 
pendent  of  the  solution  pH. 

Hydrogen  overpolcnlial  is  highly  sensitive  to  the  presence  of 
foreign  substances  in  the  electrolyte.  The  addition  of  salts  to  dilute 
acid  solutions  increases  the  hydrogon  ovorpotential  on  mercury: 
for  example,  a  tenfold  increase  of  the  concentration  of  a  uni-univa¬ 
lent  electrolyte  (at  constant  pH)  increases  i)  approximately  by 
55-58  inV.  The  initial  addition  of  an  electrolyte  with  a  polyvalent 
cation  exerts  a  stronger  effect  than  an  equal  addition  of  a  uni-univa¬ 
lent  salt.  Substances  with  surface-active  anions  have  the  strongest 
influence  on  the  hydrogen  ovorpotential  on  mercury  in  the 
rogion  of  small  current  densities,  reducing  it  by  tenths  of  a  volt. 
Conversely,  surface-active  cations  increase  the  hydrogen  overpo¬ 
tential  on  mercury  in  a  wide  range  of  current  density.  Surface- 
active  molecular  substances  either  increase  or  decrease  the  value 
of  q  on  morcury  depending  on  their  nature.  The  effect  of  these  sub¬ 
stances  becomes  woakor  with  increasing  current  density  and  comple- 
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19.5.  POSSIBLE  STEPS  AND  PATHS 
FOR  THE  CATHODIC  HYDROGEN  EVOLUTION  REACTION 
Reactions  (19.1),  (19.2)  and  (19.3)  represent  the  overall  cathodic 
hydrogen-evolution  process  under  different  electrolysis  conditions. 
Thi9  process  involves  a  series  of  conscciilivo  steps  and  may  lake 
different  paths  depending  on  the  conditions  chosen.  Tho  first  step— 
the  transport  to  the  electrode  surface  of  particles  from  which  hydro¬ 
gen  is  cathodically  evolved— proceeds  almost  unhindered  here.  The 
next  step  is  the  discharge  of  hydrogen  ions  (or  water  molecules) 
with  the  formation  of  adsorbed  hydrogen  atoms: 

|f30*  -r  c  =  HU  +  II .0  (19.14) 

Hs0  +  e  =  Ha(/i  +  OH-  (19.15) 

Irrespective  of  whether  the  discharge  occurs  from  an  acidic  or 
alkaline  medium,  it  will  produce  adsorbed  hydrogen  atoms  •>. 
For  steady-state  electrolysis  conditions  to  be  attained  ii  is  necessary 
that  the  surface  concentration  of  hydrogen  atoms  lie  kept  constant, 
i.e.,  that  they  be  continuously  removed  from  the  calimde  surface. 
Hydrogen  atoms  can  be  removed  in  three  ways:  by  minty  tic  recom¬ 
bination,  electrochemical  desorption  or  emission.  In  :!.r  catalytic 
mechanism  hydrogen  atoms  arc  recombined  into  molecule?  and 
simultaneously  desorbed: 

Ha*  +  IU  =  H*  (19.10) 

the  electrode  metal  serving  as  the  catalyst.  Kobozev  assumed  that, 
apart  from  ordinary  molecules,  there  may  appear  in  electrolysis 
products  vibrationally  excited  hydrogen  molecules  HJ  owing  to  the 
specificity  of  an  electrochemical  process,  in  which  adsorbed  hydrogen 


l>  The  author  ol  this  book  has  suggested  a  mechanism  for  the  electrolytic 
evolution  of  hydrogen  from  alkaline  solutions,  whicli  docs  not  involve  the  'for¬ 
mation  of  adsorbed  hydrogen.  According  to  this  mechanism,  two  associates  con¬ 
sisting  of  two  water  molecules  (IIsO)2  each,  to  which  two  electrons  add  on  succe¬ 
ssively,  are  discharged: 

(H»0)i  +  *  =(HtO)j;  (II20)r  +  e=  (fl20)}-;  (H20)J-  =  H»+  20H- 
This  reaction  is  analogous  to  the  recombination  of  two  hydrated  electrons  e„.: 

+  4,  =  H2  +  20H- 

A  hydrogen  evolution  reaction  in  which  hydrated  electrons  ca„  are  involved  and 
oo  hydrogen  adatoms  are  formed  is  also  possible  in  principle  in  tho  case  of  acid 
solutions,  especially  on  cathodes  of  high  overpotential  and  small  heal  of  adsor¬ 
ption  of  hydrogen  atoms:  it  may  proceed,  for  example,  according  to  the  follo¬ 
wing  scheme: 

+  HjO*  =  H  +  HjO 
H+  HjO*  =  HJ-H20 
H+.H.0  +  e„,  -  H2  +  H20 
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atoms  are  forced  by  the  electrical  current  lo  land  on  any  points 
of  the  cathode  (including  sites  with  a  small  hoal  of  adsorption): 

Hi,.  +  HJi.  =  H;  (19.17) 

Iu  electrochemical  desorption,  the  hydrogen  atoms  are  removed 
from  the  electrode  surface  as  a  result  of  the  discharge  of  hydrogen 
atoms  (or  water  molecules)  on  the  already  adsorbed  atoms  according 
lo  the  equations 

HaO*  f  I  fad.  +  e  =  H.  +  H*0  (19.18) 

II20  +  H0<l,  +  e  ~  II2  -h  OH-  (19.19) 

In  the  emission  mechanism,  adsorbed  hydrogen  atoms  evaporate 
from  the  electrode  surface  as  free  atoms: 


H.4.  =  H  (19.20) 

which  then  recombine  into  hydrogen  molecules. 

The  niolcculur  hydrogen  formed  from  the  adsorbed  atomic  hydro¬ 
gen  must  be  removed  from  the  electrode-electrolyte  interface  into 
the  ga-  pliaso. 

Thu-,  the  cathodic  hydrogen-evolution  process  may  be  represen¬ 
ted  by  the  following  scheme: 
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Any  one  of  these  four  steps  may  he  rale  determining  and  respon¬ 
sible  for  the  appearance  of  hydrogen  ovcrpolcntial.  In  the  present 
case  the  hindrances  associated  with  the  transport  of  substances 
(step  I)  are  not  essential.  There  is  evidence,  however,  that  at  high 
current  densities  in  acid  solutions  the  discharge  step  should  be  des¬ 
cribed  by  Eq.  (19.2)  rather  than  by  Kq.  (19.9)  owing  to  the  slow 
rate  of  the  transport  of  H30*  ions. 

fn  the  electrochemical  hydrogen-evolution  reaction  the  removal 
of  adsorbed  hydrogen  atoms  can  be  effected  in  several  ways.  If 
this  step  (step  III  in  the  above  scheme)  is  slow,  then  the  rale  of  the 
overall  process  must  be  determined  by  the  rale  of  the  most  effective 
of  the  above-indicated  three  desorption  mechanisms.  Slow  recombi¬ 
nation,  for  example,  implies  that  the  catalytic  formation  of  hydro¬ 
gen  molecules  is  more  strongly  hindered  than  the  discharge  or  trans¬ 
port  step  and  at  the  same  lime  proceeds  much  faster  than  electro¬ 
chemical  desorption  or  emission  of  hydrogen  atoms.  At  close  values 
of  the  rale  constants  of  parallel  steps  the  removal  of  hydrogen  may 
occur  in  several  ways  simultaneously 
Let  tho  slow  step  be  denoted  by  A  and  the  most  effective  step, 
the  removal  of  adsorbed  atomic  hydrogen,  by  B;  then  tho  most  pro¬ 
bable  combinations  of  these  two  steps  can  be  represented  as  shown 
in  Table  19.2. 

Possible  Combinations  of  the  Slow  (A)  and  Fast  (It)  ,'lcps 
of  the  Cathodic  Evolution  of  Hydrogen 


Mechanism 


Volmcr-Tnfc) 

Volmcr-Hcyrovsky 

Tafel-Horuiti 

Heyrovsky-Horuiti 

Diffusion 


The  Volmcr-Tafcl  mechanism  corresponds  to  the  case  where  the 
discharge  step  runs  slow  and  the  removal  of  hydrogen  at  oms  is  accomp¬ 
lished  by  recombination.  According  to  the  Volmcr-Hcyrovsky 
mechanism,  the  discharge  is  the  slow  step  (rds)  again,  but  the  hydro¬ 
gen  atoms  are  removed  by  electrochemical  desorption.  In  the  Tafel- 
Horuiti  mechanism  the  recombination  of  hydrogen  atoms  determines 


11  The  problem  of  hydrogen  removal  from  the  cathode  surface,  which  is  of 
great  importance  for  the  understanding  of  the  nature  of  the  hydrogen  evolution 
reaction  was  the  subject  of  dispute  between  Kobozev's  and  Frumkin’s  schools 
(1940-56). 
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i lie  rale  of  Iho  overall  reaclion  and  al  the  same  timo  removes  the 
hydrogen  atoms  formed  in  the  discharge  step,  which  proceeds  without 
hindrances.  The  Heyrovsky-Horuili  mechanism  is  based  on  tbo 
assumption  that  the  overall  rale  is  determined  by  the  electrochemi¬ 
cal-desorption  step,  which  is  also  the  most  effective  way  for  remo¬ 
ving  the  adsorbed  hydrogen.  In  the  diffusion  mechanism  all  the 
stops  run  faster  than  the  removal  of  the  molecular  hydrogen  dis¬ 
solved  in  the  electrolyte  layer  adjacent  to  the  electrode  surface. 
Apart  from  the  mechanisms  listed  in  Table  19.2,  other  kinetic 
variants  of  the  occurrence  of  the  cathodic  hydrogen-evolution  reac¬ 
tion  are  also  possible.  For  example,  it  may  happen  that  the  rate 
constants  of  two  or  more  steps  differ  little  from  one  another.  When 
the  conditions  under  which  the  reaction  lakes  place  change,  one 
mechanism  may  be  replaced  by  another.  When  the  conditions  on  one 
and  Iho  same  electrode  remain  constant,  there  may  appear  sites 
on  it  where  hydrogen  evolution  will  take  place  in  different  ways 
because  of  Iho  inhomogcncity  of  the  electrode  surface. 

The  possibility  of  one  kinetic  mechanism  being  replaced  by  another 
was  considered  by  Hammett  (1933)  and  in  a  more  general  way  by 
l.oshk.nov  and  Esin  (1938),  and  also  by  other  authors. 

The  actual  mechanism  of  the  cathodic  hydrogen-evolution  reac¬ 
tion  or.  a  given  metal  can  be  established  on  the  basis  of  comprehen¬ 
sive  experimental  investigations  and  comparison  of  the  results 
obtained  with  the  inferences  following  from  the  theories  of  different 
types  of  ovcrpotcnlial. 

19.5.1.  ELECTROCHEMICAL  OVER  POTENTIAL 
IN  THE  HYDROGEN  EVOLUTION  REACTION 
Electrochemical  Reaction  on  the  Free  Metal  Surface.  If  out  of  the 
two  possible  variants  of  the  discharge  of  hydroxouium  ions  or  water 
molecules— on  a  free  cathode  surface  and  on  the  already  adsorbed 
hydrogen  atoms— the  first  is  realized,  then  it  may  be  described 
by  kinetic  equations  (16.80)  and  (16.81).  Assuming  that  cn,o  =  const 
and  On  =*  /  (f)  and  is  very  small  (0H  «  1).  these  equations  may  be 
rewrit  ton  thus: 

i  =  f_  T=  ^(a-DTyRr^^e-cf'/nr.tOneU-")  f«/ht)  (19.21) 
for  acidic  solutions  and 

/  =  7  -7-  Fe^'«T(Ac„toC-a»’'/«r— *co„-0h«(I  “>  Fe",T)  (19.22) 

for  alkaline  solutions.  When  e  =  e,  and  i  =  0,  thon  i  =  i  =  i° 
and  therefore  one  can  write  in  place  of  Eqs.  (19.21)  and  (19.22): 
i  =  7—7=  i*cltela-i)Fl/RT^-aFrt/«T_ell-aWn/HT)  (19.23) 
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and 

/  =  T—  r=  i2ueaf'C/nr(e-aFn/nT_(,(i-a)Fn/fir) 

respectively. 

The  quantity  i°acid  is  given  by  the  expression 

&w  =  F~kca,0*~aFt',RT  =  FkeHea-a)Pt'l,lT 

or  since 


and 

il  follows  that 


Her  =  e}i  +  -p-  In  -^1- 
©11  »  ch.  e?|  =  const 


(•19.24) 


«XcM  =  Fk'c\l£'&  =  Fk‘ clkoi'c?!  (19.25) 

Under  the  same  conditions  the  quantity  /»,„  is  determined  by  the 
expression 

ialk  =  s((n(kCoiI-cf|  (19.26) 

since 

ClIjO*  -Con-  =  Kw 

At  a  considerable  cathodic  overpolenlial  Eos  (1!)  '  ■  and  (19.24) 
simplify  to 

i'«m  =  /  =  .liSewWij&CHcW'im/Kie-aFa/nv  (19.27) 

and 

talk  =  T=  si  <o/iiroit-r?iea/'*/nre  -«en/i»T  (19.28) 

Taking  logarithms  of  Eq.  (19.27)  and  solving  it  for  q,  one  gels  the 
following  expression 

n = -57 ln  In  cHj0* — 

-~r’.—~F\oi.,u  (19-29) 

or,  after  changing  to  common  logarithms  and  substituting  the  con¬ 

stant  a  for  tho  first  term, 

1  —  0  +  2.3  -E±=ilogClIl0.-_L^l.;_2.3  -21-10 8i..„  (19-30) 

From  Eq.  (19.30)  il  follows  that  in  concentrated  acid  solutions 
or  in  acid  solutions  of  any  concentration  but  containing  an  excess 
of  extraneous  ions  the  overpolenlial  at  a  given  current  will  diminish 
at  room  temperature  by  (1  -  <*)/«  0.06V  for  a  tenfold  increase 
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of  the  hydrogen-ion  concentration  (i.o.,  a  unit  decrease  of  nil). 
Indeed,  under  the  conditions  chosen  the  £  potential  must  be  verv 
small  and  constant.  A  change  in  the  concentration  of  an  acid  (hydro¬ 
gen  ions)  will  affect  the  overpolenlial  only  through  Die  second  term 
of  Eq.  (19. 30).  Conversely,  in  dilute  acid  solutions  a  change  in  the 
acid  concentration  will  not  only  determine  cH,o*  hut  also  affect 
the  value  of  the  £  potential.  From  the  Stern  theory  it  follows  that 
the  value  of  £  must  vary  in  the  given  caso  with  the  acid  concentration 
equal  to  the  hydrogen-ion  concentration  according  to  the  equation 

£  =  const +-££- In  e„,M  (19.31) 

Substituting  this  value  of  £  into  Eq.  (19.30)  leads  to  the  equation 

q  =  a  2 . 3  ^J-  1  log  cu ao»  —  2.3  -^J  log  cHjo*  — 

(19.32, 

from  which  it  follows  that  the  hydrogen  overpolenlial  in  dilute 
acid  solutions  is  independent  of  the  acid  concentration. 

From  Eq.  (19.28)  it  follows  that  in  alkaline  solutions  the  following 
equation  holds  for  the  hydrogen  overpotential: 

rjr  l*1  +  —Jr  In  con-  +  £  — jjr  In  i„ ,*  (19.33) 

or 

■;  ■•L2-3^1ogcc,„-  +  ;-2.3|I-log[.,l  (19.34, 

Thus,  in  concentrated  alkaline  solutions  or  in  alkaline  solutions 
of  any  concentration  but  containing  an  excess  of  indifferent  electro¬ 
lyte,  where  the  £  potential  may  be  taken  as  constant  and  close  to 
zero,  the  overpotential  at  a  constant  current  density  and  room  tem¬ 
perature  will  fall  by  0.06V  for  a  10-fold  increase  of  the  concentration 
of  hydroxyl  ions  (or  a  unit  increase  of  pH).  In  dilute  alkaline  solu¬ 
tions  containing  no  indifferent  electrolyte  the  £  potential  will  be 
a  function  of  the  concentration  of  the  alkali  (OH*  ions): 

£  =  const  +  2J-  In  c0H-  (10-35) 

Substituting  this  value  of  £  into  Eq.  (19.34)  yields  the  equation 
»  -  a  +  2.3  St  i„g  cm.  +  2.3-5L  log  e011-  -  2.3  »  log  - 

-  o  +  2  X  2 .3  -£(■  logoo„—  2.3  logl.n  (19.36) 
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from  which  it  follows  lhat  in  this  case  the  (enfold  increase  of  roll_ 
b  18 0*12 V  *DCrease  P^)  decreases  the  hydrogen  ovcrpotcnlial 

Since  the  £  potential  is  a  function  of  the  nature  and  concentration 
of  dissolved  substances,  the  electrochemical  hydrogen  ovcrpotcnlial 
must  depend  on  the  solution  composition.  The  £  potential  and  hence 
T  must  be  most  strongly  affected  by  polyvalent  ions  and  surface- 
active  substances.  An  analysis  of  Eqs.  (19.29)  and  (19.33)  with 
account  taken  of  the  characteristics  of  the  £  potential  leads  to  the 
conclusion  that  the  introduction  of  extraneous  cations  must  increase, 
and  that  of  extraneous  anions  decrease  the  electrochemical  overpo- 
lenlial  in  the  cathodic  hydrogen-evolution  reaction 

From  Eqs.  (19.29)  and  (19.33)  it  also  follows  that  the  overpoten- 
tial  must  diminish  under  the  influence  of  all  factors  that  increase 
the  exchange  current.  The  most  important  factors  are  (he  nature 
of  the  electrode  metal  and  of  the  solvent.  The  offer!  of  these  factors 
on  the  electrochemical  overpotcnlial  can  be  qualila'i  ely  estimated 
in  a  rather  convenient  way  bj\lhe  potential-curve  -,.:-ihod  proposed 
by  Horuili  and  Polanyi  in  193o>-ljsing  this  meth..  :,  these  authors 
described  the  cathodic  hydrogen-evbkjtion  react  i o ■ .  and  deduced 
a  qualitatively  correct  relationship  behracn  (he  electrochemical 
overpotential  and  the  current  density.  \Ve5hsil  sider  here,  as 
an  example,  only  the  evolution  of  hydrogen  frotv  acid  solutions. 
The  electrochemical  act  corresponds  in  this  case  transition 

of  the  proton  from  the  hydrated-ion  stale  to  the  stale  ofSyhydrogcn 
atom  adsorbed  on  the  metal.  In  the  course  of  this  process  inhsenergy 
undergoes  a  change  along  the  profile  shown  on  the  potential  diajjtain 
in  Fig.  19.5.  The  left  solid  curve  ADD  shows  the  variation  of  Utia. 
free  energy  of  the  hydrated  proton  as  a  function  of  the  distance  bet¬ 
ween  the  proton  and  the  water  molecule.  In  going  from  left  to  right 
in  the  direction  of  the  electrode  surface,  i.e.,  in  the  direction  of  the 
discharge,  the  potential  energy  will  increase  (as  a  result  of  the  work 
done  to  stretch  the  H20 — H*  bond,  i.e.,  to  partially  dehydrate  the 
hydrogen  ion).  The  right  solid  potential  curve  corresponds  to  the 
increase  (or  decrease)  of  the  free  energy  of  the  II— M  system  as 
a  function  of  the  distance  between  the  adsorbed  hydrogen  atom  and 
the  metal  surface.  When  going  in  the  same  direction  (from  the 
point  of  intersection  of  the  curves)  the  potential  energy  falls  under 
the  influence  of  attractive  forces  arising  between  the  metal  surface 
and  the  hydrogen  atom.  The  minimum  of  the  right  curve  corresponds 
to  the  equilibrium  position  of  the  adsorbed  hydrogen  atom,  i.e.. 
to  the  M — H  bond.  Thus,  the  variation  of  the  potential  energy  of 
a  hydrogen  ion  during  the  discharge  process  is  described  by  the 
potential-curve  portion  ABC.  The  change  of  the  energy  along  the 
path  CBA  corresponds  to  the  reverse  process— the  ionization  of  an 
adsorbed  hydrogen  atom  with  the  formation  of  a  hydrated  hydrogen 


Ch.  19.  The  Hydrogen  Evolution  Hractit 


427 


ion.  If  .in  electron  wore  not  added  at  point  R  during  discharge  (or 
lost  during  ionization),  I  hen  the  left  and  right  curves  would  extend 
to  levels  D  and  F,  respectively.  The  D  level  characlerizes  the  poten¬ 
tial  energy  of  the  system  H  +  +  H»0  consisting  of  a  free  gaseous 
proton  and  liquid  water.  The  distance  between  levels  D  and  .t 
gives  the  total  real  hydration  energy  of  a  hydrogen  ion,  — AGn*. 
The  F  level  corresponds  to  the  potential  energy  of  the  system  H  -r  M 


Fig.  19.5.  Effect  of  the  heal  of  adsorption  of  hydrogen  on  a  metal  on  the  froe- 
energy  change  in  the  discharge  stop  HsO*  -j-  <  =  lforf,  -f-  HtO 

consisting  of  free  gaseous  hydrogen  atoms  and  a  solid  metal.  The 
distanco'lseiween  F  and  C  gives  the  energy  of  adsorption  of  atomic 
hydrogen  ontbe-^leclrode  metal,  — AGh-  From  Fig.  19.5  it  follows 
that  the  aclivalionfciwegy  of  the  discharge  step  is  lower  than  the 
total  dehydration  energy/Sistihirly,  the  activation  energy  of  ioni¬ 
zation  is  lower  than  the  energy''etNdesorption  of  a  hydrogen  atom 
from  the  metal  surface.  For  instanro>Uie activation  energy  of  the 
discharge  of  hydrogen  ions  on  mercury  at  wJiH^overpotenlial  is  about 
20  kcnl/g-ion,  while  the  hydration  energy  of  n^tkraen  ions  is  dose 
to  250  kcnl/g-ion.  Nevertheless,  according  to  the  m^lol  the  activa¬ 
tion  energy  of  discharge  and  hence  the  hydrogen  iH^rpolential 
must  depend  on  the  solvation  energy  of  hydrogen  ions  alhf^n  the 
energy  (or  heal)  of  adsorption  of  hydrogen  atoms').  If  one  routines 


■>  lu  fact,  tho  solvation  energy  determines  the  standard  potential;  its  rela* 
lion  to  tho  hydrogen  ovorpolential  is  indirect  and  more  complicated. 
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himself  to  aqueous  solutions,  for  which  (lie  position  of  the  left  curve 
remains  practically  unchanged,  then  the  point  of  its  intersection 
with  the  right  potential  curve  will  be  tho  lower,  the  greater  is  the 
heat  of  adsorption.  In  going  from  a  metal  with  an  adsorption  heal 
— AGh  to  a  metal  with  an  adsorption  heat  — AG|1  (the  right  dashed 
curve)  the  activation  energy  diminishes  by  an  amount  u  —  u'. 
which  is  a  certain  fraction  of  the  increment  of  the  adsorption  energy 
— (AGk  —  AGh)  of  hydrogen.  For  this  reason  the  electrochemical 


hydrogen  ovcrpolcnlial  must  regularly  fall  with  increasing  adsorp¬ 
tion  capacity  of  the  electrode  metal  with  respect  to  hydrogen  atoms. 
Un  the  other  hand,  when  hydrogen  evolves  on  a  given  metal  the 
electrochemical  overpotenlial  must  depend  on  the  energy  slate 
of  an  ion  in  solution,  therefore  the  overpotential  should  lie  expected 
o  vary  a  so  from  solvent  to  solvent.  It  can  be  seen  from  Fig.  19.6 
that  the  hydrogen  overpotenlial  increases  in  going  from  a  solvent 
in  which  the  energy  of  solvation  of  the  proton  is  lower  to  a  solvent 
willi  a  higher  solvation  energy. 

Electrochemical  Reaction  on  a  Metal  Surface  Occupied  by  Adsor¬ 
bed  Hydrogen  Atoms.  In  this  case  hydrogen  evolution  proceeds 
according  to  schemes  (19.2)  and  (19.3): 

HsO*  +  HaJ,  +  e  =  H2  +  HjO 
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ind 

II20  +  Hb-,  +  e  =  H,  +  OJI- 

and  its  kinetics  is  described  by  Kqs.  (19. /i)  end  (I9..r>).  As  follow* 
from  the  reaction  equations,  simultaneously  with  the  charge  Irans- 
fer  step  the  adsorbed  hydrogen  atoms  are  token  off  from  the  electrode 
surface  and  removed  in  the  form  of  molecules.  It  is  for  this  reason 
that  this  type  of  electrochemical  hydrogen  ovcrpotcnlial  is  often 
called  electrochemical  desorption. 

The  concept  of  the  electrochemical  desorption  ns  a  step  determining 
the  rale  of  the  overall  cathodic  hydrogen-evolution  reaction  was 
first  formulated  by  Hcyrovsky  in  1925.  According  to  Hcyrovsky. 
the  electrolytic  evolution  of  hydrogen  consists  of  three  stops: 

1.  II*  +  e  =  H 

2.  H  +e  =  H- 

3.  H*  +  H-  =  H2 

The  first  two  steps  proceed  without  difficulties,  while  the  third 
step,  eler.i rochemicnl  desorption,  runs  slow.  Using  Hcyrovsky 's 
views  and  assuming  (hat  the  concentration  of  hydrogen  ions  near 
the  electrode  surface  is  related  to  their  bulk  concentration  by  the 
Langmuir  adsorption  isotherm,  Gerasimenko  and  Shlendik  (1930) 
derived  the  following  relation  for  the  cathodic  potential 

g  =  const  —  In  i  +  In  — (19.37) 

where  A  and  B  are  the  constants  in  the  Langmuir  isotherm.  Though 
the  ITeyroysky-Herasymenko-Slcndyk  theory  contains  a  number 
of  assumptions  which  cannot  be  considered  valid  at  present,  it  is 
nevertheless  of  considerable  interest.  It  can  be  regarded  as  the  first 
attempt  to  take  into  account  the  adsorption  of  hydrogen  ions  and 
the  effect  of  the  solution  composition  (pH  and  extraneous  electroly¬ 
tes)  on  the  hydrogen  overpotential.  For  example,  from  this  theory 
it  follows  that  in  acid  solutions  containing  a  constant  excess  of  an 
extraneous  salt  the  overpotential  should  be  expected  to  increase  by 
f  1 1  upon  10-fold  dilution  of  the  acid.  The  same  conclusion 

follows  from  the  modern  theory  of  slow  discharge. 

Later,  the  Ileyrovsky  theory  was  substantially  developed  by 
Horuili  and  his  colleagues  (1936).  According  to  lloruili,  the  electro¬ 
chemical  desorption  of  hydrogen  in  the  elocl rolysis  of  acid  solutions 
proceeds  as  follows.  Tho  first  step  Is  the  discharge  and  the  formation 
°r  n  hydrogen  atom  adsorbed  by  a  molal  H — M : 

H30*  +  e  +  M  =  H-M  +  H20 


(19.38) 
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The  adsorbed  hydrogen  atom  interacts  with  a 
ion  to  form  an  intermediate  complex: 


H-M  +  H*-H20  =  H20( 


i  adsorbed  hydroxonimn 


'IP 


XM 


(19.39) 


In  this  complex  the  particles  II  and  IP  are  arranged  symmetrically 
relative  to  the  axis  of  the  bond  between  the  water  molecule  and  the 
metal  (H*0  -  M).  forming  a  molecular  ion  M*.  which  is  bound 
to  both  the  metal  surface  and  the  water  molecule:  The  bonding  with 
the  metal  is  provided  by  a  valency  electron  and  that  with  the  water 
molecule  by  the  net  positive  charge  of  the  ion.  An  intermediate 
complex  may  also  appear  when  there  is  no  discharge  act  and  no  adsor¬ 
bed  hydrogen  atom  is  formed.  For  this  to  occur  it  is  necessary  that 
one  of  the  two  neighbouring  adsorbed  hydrogen  ions  accept  an 
electron.  Ihus,  according  to  Horuiti,  electrochemical  dcsorptio 
docs  not  necessarily  proceed  via  the  discharge  -f  ’  ' 
ion  on  the  metal  surface  already  partly  covered  will, 
the  next  step  is  the  discharge  of  the  intermed 


H20( 


i  hydroxonium 
h  hydrogen  atoms, 
mplex: 


)M — e  =  H2  +  H20  -i  M 


(19.40) 


H}f 


“2(odj)  +  e  =  H*  (19.41) 

since  the  intermediate  complex  corresponds  to  an  adsorbed  molecular 
ydrogen  ion.  At  this  last  stage,  the  addition  of  an  electron  is  accom¬ 
panied  by  the  rupture  of  the  bonds  in  the  complex  and  by  the  forma- 
ion  of  a  hydrogen  molecule,  which  is  desorbed  and  removed  from 
the  electrode-electrolyte  interface.  The  bond  rupture  in  the  inter¬ 
mediate  complex  and  the  strengthening  of  the  bonds  between  the 
hydrogen  atoms  is  associated  with  a  radical  intramolecular  rearran¬ 
gement  and  requires  considerable  activation  energy.  Therefore 
this  step  may  be  regarded  as  slow  and  determining  the  rate  of  the 
°'®ral1  hydrogen-evolution  process. 

Hie  Horuiti  theory  lakes  into  account  the  degree  of  surface  coverage 
wan  hydrogen  atoms  and  ion-molecules  and  also  the  character  of 
interaction  bolwccn  adsorbed  particles.  In  the  simplest  case  the 
equations  derived  by  Horuiti  transform  into  Tafel’s  formula. 

19.5.2.  TIIE  CHEMICAL  (REACTION)  OVERPOTENTIAL 
IN  HYDROGEN  EVOLUTION 

Ihe  assumption  that  the  hydrogen  ovorpolcntial  is  determined 
by  the  rate  of  the  reaction 

H«*  +  HOJt  =  II, 

i  o,’  is  caused  by  the  slow  recombination  of  hydrogen  atoms  into 
molecules  (catalytic  desorption)  was  first  suggested  by  Tafcl  in  1905 
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and  formed  tlio  basis  of  llio  first  quantitative  treatment  of  electrode 
kinetics. 

If  the  recombination  is  the  slow  step,  then  for  the  hydrogen  evolu¬ 
tion  reaction  to  proceed  at  a  specified  rate  on  the  metal  surface  an 
excess  of  hydrogen  atoms  is  needed  compared  with  equilibrium 
conditions.  At  equilibrium,  i.c.,  at  the  reversible  value  of  the  hydro¬ 
gen  electrode  potential,  all  steps  of  the  electrode  reaction  are  in 
detailed  equilibrium: 

<H) 

u 

II3O  “  H,0 id,  zl  Hods 

n 

(Hi) 


For  example,  to  a  definite  partial  pressure  of  molecular  hydrogen. 
Ph,,  there  corresponds  the  equilibrium  surface  concentration  of 
hydrogen  atoms,  The  usual  equation  for  the  reversible  hydro¬ 
gen  electrode 


Ph? 


may  therefore  be  replaced  with  the  following  equation 


e  =  e'»  +  -^-ln4Si-  (19.42) 

F  cH(r) 

which  contains  in  place  of  pm-  The  rale  of  the  recombination 
of  adsorbed  atoms,  i,  under  equilibrium  conditions  is  equal  to  that 
of  the  reverse  reaction— the  adsorption  of  hydrogen  molecules  from 
the  gas  phase  with  their  simultaneous  dissociation  into  atoms.  1. 
The  currents  /  and  i  in  this  case  are  equal  to  the  exchange  current 
with  respect  to  hydrogen  at  the  recombination-dissociation  step.  i?. 

Assuming  that  the  rate  of  recombination  corresponds  to  a  bimole- 
cular  reaction  and  the  rale  of  the  adsorption  of  hydrogen  molecules 
(with  the  simultaneous  dissociation  and  formation  of  adsorbed 
hydrogen  atoms)  is  proportional  to  their  bulk  concentration  ch3. 
one  can  write 

7  =  A-,c?I(r)  (19.43) 

and 

7=  **h,  (‘9-44) 


When  the  reaction  proceeds  in  the  cathodic  direction,  the  rate 
of  the  process  expressed  by  the  quantity  ic  equal,  by  definition,  to 

ie  =  \  —  i 
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may  be  written  in  the  form 


fc  -  i  -  rf  09 .45) 

if  it  is  assumed  that  the  rale  of  tho  reverse  reaction  does  not  change 
since  the  concentration  of  molecular  hydrogen  in  the  gas  phase 
remains  constant.  As  follows  from  Eq.  (19.4:5)  the  final  value  of 
ie,  i.c.,  the  excess  of  i  over  i  or  if,  can  he  obtained  if  the  surface  con¬ 
centration  of  hydrogen  atoms  during  the  cathodic  process  is  higher 
than  that  corresponding  to  equilibrium: 

CH(i)  >  cH(r) 

where  chco  is  the  surface  concentration  of  atomic 
rent  density  i.  This  new  value  of  the  concent i 
hydrogen  atoms  does  not  correspond  to  the  prossi 
cular  hydrogen,  which  remains  constant.  Con 
recombination  disturbs  the  equilibrium  botwiri 
the  gaseous  hydrogen.  At  the  same  time  the  tin 
binalion  postulates  the  retainment  of  equilibrium 
hydrogen  atoms  and  hydrogen  ions.  It  is  tin- v 
Ncrnst's  formula  (19.42)  for  the  reversible  hydro' 
applicable  to  the  cathodic  evolution  of  hydro:;- 
the  deviation  from  the  equilibrium  slate  is  no.  i 
hydrogen  electrode  potential  under  an  external  m 
ten  as 


hydrogen  at  a  cur- 
ill  ion  of  adsorbed 
re  of  gaseous  molc- 
equently,  the  slow 
the  adsorbed  and 
ory  of  slow  recom- 
i  between  adsorbed 
lore  thought  that 
on  electrode  is  also 
n,  especially  when 
<o  great.  Thus,  the 
irrent  may  be  wril- 


«i  =  e'°  +  — 


-In  -r 


(19.46) 

recombination  can 


and  the  hydrogen  overpotenlial  due  to  tho  s 
be  described  by  the  equation 

(10.47) 

'  CH(I)  ''  *H(r) 

Equation  (19.47)  was  derived  earlier  as  a  special  case  of  the  chemi¬ 
cal  overpotential  caused  by  the  slow  occurrence  of  the  purely  chemi¬ 
cal  step  following  the  discharge  act  (sec  p.  330). 

Equation  (19.43)  for  the  rate  of  recombination,  with  account  taken 
of  Eq.  (19.44),  yields  the  following  expression  for  the  hydrogen  over- 
potential  within  the  framework  of  the  slow-rccombination  theory: 

(10.48) 
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Eq.  (19.48)  reduces  lo  Tafel’s  formula: 

q  =>  a  +  b  log  t 

where 

b- -2.3-5- 

At  small  deviations  from  the  equilibrium  state  when  ic  only  sligh¬ 
tly  oxcecds  the  exchange  current  i°,  tho  expression 

may  be  taken,  after  it  is  expanded  into  a  series,  as  approximately 
equal  lo  ic/ij.  In  this  case  one  can  write  in  place  of  Eq.  (19.48): 

IT  If  <,9jS9> 

where  Hr  is  the  polarization  resistance  at  the  recombination  step. 

The  theory  of  slow  recombination  as  presented  above  should  be 
regarded  as  a  first  approximation  to  reality.  This  approximation 
corresponds  to  the  idealized  case  where  the  cathode  surface  is  homo¬ 
geneous  wiih  respect  lo  energy  and  no  interaction  forces  operate 
between  adsorbed  hydrogen  atoms.  In  actual  conditions  of  hydrogen 
evolution  those  assumptions  may  not  be  justified,  in  which  case  the 
relation  between  potential  and  current  density  must  assume  a  diffe¬ 
rent  form. 

The  theory  of  slow  recombination  was  generalized  in  the  works 
of  Horuili  et  til.  (1936-38),  Kobozev  el  al.  (1937-46),  Temkin  (1941) 
and  other  authors.  According  to  these  authors,  taking  into  account 
the  surface  inhouiogcncity  and  the  interaction  forces  between  adsor¬ 
bed  atoms  leads  to  the  appearance  of  a  multiplier  1/p  in  the  logarith¬ 
mic  coefficient  of  Eq.  (19.48).  The  factor  p  may  be  regarded  as 
a  quantity  characterizing  the  adsorption  of  hydrogen  atoms  and 
reflecting  the  type  of  the  adsorption  isotherm.  In  the  simplest  case 
it  corresponds  to  the  exponent  in  Freundlich’s  adsorption  equation: 

c'  =  kpc ♦  (19.50) 

where  c'  and  c  =  surface  and  bulk  concentrations  of  a  given  species 
of  particles,  respectively 

kF  —  Freundlich  constant  equal  to  the  surface  concen¬ 
tration  at  a  bulk  concentration  of  c'  —  1 
P  =  exponent  which  depends  on  the  nature  of  the 
metal  and  of  adsorbed  particles  and  lies  between 
zero  aud  unity. 

Therefore,  for  metals  capablo  of  perceptibly  adsorbing  hydrogen  the 
expressions  for  Tafel  constants  within  the  framework  of  the  slow- 
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recombination  theory  should  be  written  as: 

a  =  2-3W,0g‘?  (19-51) 

6= -2.3-^-  (19.52) 

In  contrast  to  the  slow-recombinalion  theory  in  its  original  version, 
where  the  coefficient  b  at  a  specified  temperature  is  a  certain  constant 
equal  for  all  metals,  in  this  case  it  becomes  a  function  of  the  nature 
of  the  metal  and  may  assume  different  values,  depending  on  the 
value  of  0.  This  circumstance  however  docs  not  affect  the  form  of 
Eq.  (19.49),  which  remains  the  same  as  in  the  original  theory. 

According  to  the  slow-recombinalion  theory  the  ovcrpotcnlial 
is  independent  of  the  solution  pH  Iseo  Eq.  (19.48)1.  though  a  certain, 
very  slight  effect  of  pH  associated  with  the  dipolar  nature  of  the 
M— H  bond  can  be  detected. 


1#.6.  TUE  NATURE  OF  HYDROGEN  OVERPOTENTIA I. 

ON  DIFFERENT  METALS 

Certain  assumptions  as  to  the  most  probable  mechanism  of  hydro¬ 
gen  evolution  on  different  metals  can  be  made  on  the  basis  of  general 
conceptions  of  electrochemical  kinetics  concerning  this  particular 
electrode  reaction.  Tor  example,  it  has  been  assumed  that  with 
increasing  heat  of  adsorption  of  hydrogen  atoms  on  the  cathode  metal 
the  probability  of  a  slow  discharge  diminishes  and  that  of  a  slow 
recombination  increases.  This  is  associated  with  the  different  effect 
of  the  variation  of  the  adsorption  heat  of  hydrogen  atoms  on  the  rale 
of  discharge  and  of  recombination.  As  follows  from  the  potential 
curves  (sec  Kig.  19.5),  the  activation  energy  of  the  discharge  step 
diminishes  with  increasing  adsorption  heat.  Conversely,  the  activa¬ 
tion  energy  of  the  recombination  process  increases  as  the  bonding 
(the  quantitative  characteristic  of  which  is  the  heat  of  adsorption) 
between  the  metal  and  the  surface  hydrogen  atoms  becomes  stronger. 
At  the  same  time  the  increase  of  the  adsorption  heal  must  increase 
the  surface  concentration  of  hydrogen  atoms  and  hence  the  rate  of 
recombination,  i.c.,  produce  the  reverse  effect.  The  superposition 
of  the  two  opposite  effects  may  retard  or  accelerate  the  recombination 
step  with  increasing  adsorption  heat,  but  the  accelerating  effect 
must  always  be  weaker  than  in  the  case  of  the  discharge  step.  Though 
data  on  the  heat  of  adsorption  of  hydrogen  on  metals  arc  scarce  and 
contradictory,  it  can  nevertheless  be  asserted  that  the  heal  of  adsorp¬ 
tion  of  hydrogen  on  mercury,  zinc  and  cadmium  is  much  lower  than 
on  metals  of  the  platinum  and  iron  groups.  Thus,  the  conditions  on 
mercury,  for  example,  arc  more  favourable  for  a  slow  discharge  and 
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those  on  nickel  for  n  slow  recombination.  These  considerations  expres¬ 
sed  by  Antropov  in  1949  led  him  to  the  conclusion  that  there  are  t  wo 
extreme  groups  of  metals  with  different  hydrogen  ovcrpolcnlial 
mechanisms.  One  group  includes  metals  of  the  platinum  and  iron 
groups  possessing  high  adsorption  capacity  with  respect  to  hydrogen. 
The  recombination  step  on  these  metals  must  play  the  decisive  role 
in  the  kinetics  of  the  cathodic  hydrogen  evolution  reaction.  'Hie 
other  group  covers  mercury,  lead,  cadmium  and  other  metals  which 
are  almost  incapable  of  adsorbing  hydrogen.  For  these  metals  the 
rate  of  hydrogen  evolution  is  controlled  by  the  discharge  step. 
Similar  views  were  expounded  later  by  other  researchers,  c.g., 
Conway  and  Bockris. 

Plausible  assumptions  can  also  be  made  as  to  which  path  predo¬ 
minates  in  the  removal  of  adsorbed  hydrogen  atoms  by  using  data 
on  the  coverage  of  the  surface  with  adsorbed  hydrogen  atoms. 

The  rate  of  discharge  depends  on  the  hydrogen-atom  concentration 
to  the  first  power,  and  the  rate  of  recombination,  on  the  concentration 
to  the  second  power.  Therefore,  for  metals  which  adsorb  hydrogen 
weakly  the  removal  of  hydrogen  from  their  surface  must  be  predo¬ 
minantly  accomplished  by  electrochemical  desorption.  Conversely, 
for  metals  of  high  adsorption  capacity  with  respect  to  hydrogen  atoms 
the  most  effective  way  is  the  removal  of  these  atoms  by  catalytic 
recombination  (Frumkin). 

These  general  inferences  as  to  the  nature  of  ovcrpolcnlial  on  vari¬ 
ous  metals  are  confirmed  by  the  agreement  between  the  most  impor¬ 
tant  corollaries  of  the  hydrogcn-overpotenlial  theory  and  experimen¬ 
tal  data  on  the  kinetics  of  hydrogen  evolution.  For  instance,  none 
of  the  methods  has  succeeded  in  delecting  any  traces  of  adsorbed  ato¬ 
mic  hydrogen  on  the  mercury  surface  in  the  region  of  potentials  for 
the  cathodic  evolution  of  II j.  Hence  the  removal  of  hydrogen  is  not 
rate  limiting.  The  value  of  the  logarithmic  coefficient  b  for  mercury 
is  close  to  0.12.  Considering  that  the  coverage  of  the  mercury  cathode 
surface  with  adsorbed  atomic  hydrogen  is  negligibly  small  this  value 
of  b  cannot  be  obtained  from  the  si ow-recombi nation  theory.  Experi¬ 
mental  data  on  the  effect  of  the  solution  composition  and  pH  on 
overpotenlial  in  hydrogen  evolution  on  mercury  are  also  in  good 
agreement  with  the  assumption  of  a  slow  discharge  onto  free  sites 
on  the  cathode. 

The  conception  of  the  evolution  of  hydrogen  on  mercury  occurring 
by  the  Volmer-Heyrovsky  mechanism  (the  slow  discharge  followed 
by  the  electrochemical  desorption  of  hydrogen  atoms)  is  shared  at 
present  by  most  electrochcmisls.  It  should  be  noted,  however,  that 
according  to  Kobozev,  who  denied  the  possibility  of  a  slow  discharge, 
the  hydrogen  overpotenlial  on  mercury  is  caused  by  an  oxccss  energy 
of  free  hydrogen  atoms  escaping  from  its  surface.  The  emission  of  free 
hydrogen  atoms  is,  in  Kobozev’s  opinion,  the  most  effective  media- 
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nism  of  removal  of  hydrogen  atoms  from  the  surface  of  any  metal 
of  low  adsorption  capacity  with  respect  to  hydrogen.  Quantitative 
oalculations  carried  out  by  Frumkin  and  his  colleagues  do  not 
support  Kobozev’s  views.  Horuiti  believes  that  the  results  of  inve¬ 
stigations  of  the  electrolytic  separation  of  hydrogen  isotopes  on  mer¬ 
cury  are  in  best  agreement  with  the  assumption  that  hydrogen  evolu¬ 
tion  on  mercury  occurs  by  the  electrochemical  desorption  mechanism 
with  the  slow  acccption  of  an  electron  by  an  adsorbed  ion-mole¬ 
cule  HJ. 

An  inference  as  to  the  nature  of  the  cathodic  hydrogen  evolution 
reaction  on  other  metals  of  the  second  electrochemical  group— lead, 
zinc,  cadmium  and  thallium— can  be  made  with  lesser  certainty. 
The  majority  of  experimental  data  (low  surface  coverage  with  atomic 
hydrogen,  the  value  of  b  close  to  0.12,  the  effect  of  added  substances 
on  the  hydrogen  overpotential  and,  finally,  small  exchange  currents 
close  in  magnitude  to  exchange  currents  on  mercury)  point  to  the 
slow  discharge  step  followed  by  the  electrochemical  desorption  of 
hydrogen  atoms.  A  marked  increase  in  the  hydrogen  ovcrpolenlial 
upon  transition  from  a  positively  to  a  negatively  charged  surface 
is  observed  on  lead,  cadmium  and  thallium  and  is  associated  with 
the  rearrangement  of  the  double  layer,  which  results  in  the  desorption 
of  anions  and  disappearance  of  their  activation  effect  on  the  discharge 
of  positive  liydroxonium  ions  11,0*  (sec  Fig.  19.1).  If  li  e  rate  of 
hydrogen  evolution  were  controlled  not  by  discharge  bin  by  some 
other  step,  c.g.  recombination,  the  rearrangement  of  the  double- 
layer  structure  would  not  be  able  to  cause  such  a  change  in  the  hydro¬ 
gen  ovcrpolenlial.  Among  the  metals  of  the  first  electrochemical 
group  platinum  has  been  studied  most  thoroughly,  though,  because 
its  hydrogen  overpotential  is  highly  sensitive  to  impurities,  the 
reproducibility  of  the  data  obtained  is  not  high.  Undoubtedly,  in  the 
region  of  positive  potentials  (not  very  far  from  the  reversible  hydro¬ 
gen  electrode  potential)  the  platinum  surface  always  contains  adsorbed 
hydrogen;  this  has  been  established  by  capacity  measurements  and 
by  other  methods.  For  example,  the  amount  of  adsorbed  hydrogen 
can  bo  found  for  each  potential  value  with  the  aid  of  charging  curves, 
i.e.,  curves  showing  the  variation  of  the  electrode  potential  either 
with  the  quantity  of  electricity  passed  or  (at  a  constant  current) 
with  time.  In  such  coulomclric  determination  of  the  amount  of  hydro¬ 
gen  (or  any  other  cleclrochemically  active  substance)  it  is  necessary 
that  its  evolution  (or  dissolution)  proceed  with  a  current  efficiency 
of  100  per  cent.  All  possible  secondary  reactions— electrorcduclion 
or  evolution  of  oxygen,  cathodic  reduction  or  anodic  oxidation  of 
organic  substances  and  other  impurities— must  be  completely  exclud¬ 
ed.  This  can  be  achieved  by  two  methods.  In  one  of  (hem,  the  current 
applied  to  the  cell  is  so  high  that  it  considerably  exceeds  the  limiting 
currents  of  reduction  and  oxidation  of  impurities;  their  harmful 
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effect  therefore  does  not  reveal  itself.  The  electrode  is  charged  at 
a  high  rate  and  the  charging  curve  is  registered  automatically,  usu¬ 
ally  with  the  aid  of  an  oscillograph.  In  the  other  method  the  dele¬ 
terious  effect  of  impurities  is  eliminated  either  by  using  an  electrode 
of  large  surface  area  (Shlygin),  e.g.  platinized  platinum,  or  by  con¬ 
ducting  experiments  with  a  very  small  volume  of  the  solut  ion  (Brsh- 
ler). 

The  charging  curve  for  platinum  in  an  acid  solution  is  presented 
in  Fig.  19.7.  It  consists  of  sections  I,  2.  and  3  with  different  slopes. 


electrode  and  lies  in  the  region  of  most  negative  potentials,  corre¬ 
sponds  to  the  gradual  removal  of  the  hydrogen  adsorbed  by  the  elec¬ 
trode  surface.  Here  the  current  supplied  to  the  electrode  is  expended 
on  charging  the  double  layer  and  on  ionizing  adsorbed  hydrogen 
atoms.  The  electrical  capacity  measured  by  the  reciprocal  of  the 
slope  of  the  e  vs.  q  curve 

r _  * 

de/dg 

is  therefore  high.  Section  1  is  called  the  region  of  the  hydrogen  sheet. 
By  the  moment  section  2  is  reached  the  adsorbed  hydrogen  is  comple¬ 
tely  removed  from  the  electrode  surface  and  the  current  is  now  spent 
exclusively  on  charging  the  double  layer.  Owing  to  this  the  capacity 
falls  and  section  2— the  region  of  the  ionic  double  layer—  has  a  sleeper 
slope.  At  the  point  whore  section  3  originates  the  potential  attains 
a  value  at  which  the  formation  of  oxygen  becomes  possible.  This 
section  represents  the  region  of  tho  oxygen  sheet  and  here  the  current 
is  again  consumed  to  charge  the  double  layer  and  to  effect  the  electro- 
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client i cal  reaction,  which  increases  the  capacity  (the  slope  becomes 
less  sleep).  In  this  particular  case  the  electrochemical  reaction  is  the 
anodic  formation  of  oxygen.  The  amount  of  adsorbed  hydrogen 
(or  oxygen)  at  each  given  value  of  potential  can  be  calculated  with 
the  aid  of  charging  curves  from  the  quantity  of  electricity  required 
for  the  potential  to  be  shifted  from  the  transition  point  between 
sections  2  and  /  (or  2  and  3,  respectively)  to  the  value  chosen. 

In  the  region  of  potentials  lying  on  section  I  near  section  2.  when 
a  cathodic  current  pulse  is  imposed  the  hydrogen  ions  may  be  dischar¬ 
ged  to  form  adsorbed  hydrogen  atoms.  The  formation  of  molecular 
hydrogen  and  its  evolution  as  a  gas  is  excluded  since  the  potentials 
here  arc  more  positive  than  the  equilibrium  potential  of  the  hydrogen 


electrode  in  a  given  solution. 

When  experiments  arc  conducted  in  the  atmosphere  of  an  inert 
gas,  then  on  application  of  an  anodic  current  pulse  the  only  anodic 
process  will  be  the  ionization  of  adsorbed  hydrogen,  which  goes 
into  solution.  Thus,  this  region  of  potentials  corresponds  only  to  the 
discharge  (in  the  case  of  a  cathodic  pulse)  or  ionization  step  (on  appli¬ 
cation  of  an  anodic  pulse),  which  permits  investigating  the  kinetics 
of  just  one  step  without  the  complicating  effects  associated  with 
the  recombination  or  dissociation  of  hydrogen  molecules.  Ily  studying 
the  dependence  of  the  double-layer  capacity  and  the  ohuii--  resistance 
(equivalent  to  the  retardation  of  the  discharge  step)  on  the  frequency 
of  the  applied  current  in  this  region  of  potentials.  Delia  !:  .shier, 
and  Frumkin  succeeded  in  measuring  the  rale  of  the  discharge  step 

directly  for  the  first  li.no.  Parallel  |.°  arir.al urn  measure,,, . s  at 

small  deviations  from  Hie  equilibrium  potential  rvlicti  I  . . Cc|»le,i- 

tial  is  still  linearly  dependent  on  the  current  density  hue  . . .  ,1 

»,e  discharge  step  I’"*"1', ^i," kilh'tho  variation  oi  the  overall 

so  ttlion  Composition  »i« in »'“»  •  ,ot  Al  llle  . .  . . he  rale 

talc  ol  the  liydroge.,  tool ov,raU  rate  (27  limes  Uglier 
of  discharge  is  always  lug  'or '  „  sodium 

!"*  sidnhons  or  hydroelilor  n  ae^  sU|J  |iroccc,L,  „  ,,  „,e.  it 

hydroxide).  1  hough  the  •  0j  hydrogen  evolution  on  a  smooth 

docs  not  determine  the  over.i‘  (ho  uiniling  or  slow  step  (rds). 

platinum  electrode  and  is  ,c  measurement,  the  value  of  b  for 

According  to  the  most,  acc  •  jg  .||)o|||  0  0;1  whic]l  .,|so  ,Csiiries 
hydrogen  evolution  on  pin  .  purely  electrochemical  step  since  the 
against  the  slow  occurrence®  «  ^  cannol  cxce0(|  unity.  On  evolution 
value  of  the  transfer  cocfncjc  slojChiomclric  number  v  is  equal  to 
of  hydrogen  on  platinum  <  ,|lc  ||,Cory  of  slow  recombination, 

unity.  This  value  is  in  accoru  j  on  platinum  is  independent  of  pH 
That  the  hydrogen  ovcrpole' jroj,fflbility  of  the  slow  recombination, 
also  points  to  the  greater  !> 
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Finally,  for  platinum  a  limiting  current  of  nondiHiisional  origin 
is  observed,  which  is  possible  only  when  the  recombination  step 
is  slow. 

This  conclusion  seems  to  bo  in  contradiction  with  the  shape  of 
a  polarization  curve  obtained  for  hydrogen  evolution  from  acid 
solutions.  As  seen  from  Fig.  19.1,  the  e  vs.  log  t  curve  for  platinum 
consists  of  two  portions  with  different  values  of  the  constants  a  and  b. 
In  the  lower  portion  the  coefficient  b  is  equal  to  0.0-1,  and  in  the  upper 
one  it  is  about  0.12.  But,  in  contrast  to  the  similar  curve  for  lead, 
the  sharp  change  of  the  overpolenlial  cannot  be  ascribed  here  to  the 
recharging  of  the  surface  since  the  null  point  of  platinum  (iufi ,\-  - 
=  0.2  V)  is  more  positive  than  the  equilibrium  potential  of  the  hydro¬ 
gen  electrode.  It  is  supposed  that  in  the  region  of  the  lower  branch 
of  the  polarization  curve  the  source  of  hydrogen  is  hydroxonium 
ions,  the  discharge  of  which  occurs  more  readily  than  the  recombi¬ 
nation  of  hydrogen  atoms.  In  the  region  of  the  upper  branch  it  is 
water  molecules  that  are  discharged,  which  requires  a  larger  amount 
of  activation  energy,  and  in  this  case  the  discharge  step  runs  slow. 
Transition  from  the  lower  to  the  upper  branch  is  observed  when  the 
limiting  current  for  hydroxonium  ions  is  reached. 

Thus,  most  of  the  experimental  data  on  the  cathodic  evolution 
of  hydrogen  on  platinum  indicate  that  the  most  probable  cause 
for  the  appearance  of  an  overpolenlial  is  the  slow  recombination 
step.  At  the  same  lime  there  are  grounds  for  stating  that  when  pla¬ 
tinum  is  poisoned  (or  when  its  potential  deviates  considerably  from 
the  equilibrium  value),  the  mechanism  of  electrolytic  hydrogen 
evolution  may  change  and  the  discharge  or  electrochemical  desorp¬ 
tion  may  become  the  slow  step.  Considering  that  the  surface  of  a 
smooth  platinum  electrode  is  inhomogeneous  it  is  not  improbable 
that  the  hydrogen  evolution  reaction  proceeds  differently  on  its 
different  areas.  On  spongy  or  platinized  platinum,  because  of  its 
high  catalytic  activity  the  deviation  of  the  potential  observed  when 
the  current  is  switched  on  is  probably  caused  by  the  slow  removal 
of  molecular  hydrogen  from  the  solution  adjacent  to  the  electrode. 

Palladium  resembles  platinum  in  many  respects  in  its  behaviour 
during  the  electrochemical  evolution  of  hydrogen,  experimental  data 
on  exchange  currents  and  on  the  slope  of  Tafcl  lines  point  to  the 
slow  recombination  step  as  a  probable  cause  for  the  appearance  of 
the  hydrogen  overpolenlial.  That  the  slow  recombination  step 
on  palladium  electrodes  is  possible  was  proved  by  Kobozev  and 
Monblanova  (1935).  They  used  a  thin  palladium  membrane  one 
side  of  which,  the  polarization  side,  was  always  in  contact  with  the 
solution  and  could  be  polarized  by  an  external  current,  and  the  other, 
the  diffusion  side,  was  in  contact  with  the  gas  phase  or  solution 
(Fig.  19.8).  When  a  cathodic  current  is  applied  to  the  polarization 
side  of  the  membrane  and  the  potential  is  displaced  in  the  negative 


440 


Part  Six.  The  Kinetics  of  Some  Electrode  Processes 


direction,  hydrogen  evolves  first  only  on  the  polarization  side  and 
then  on  the  diffusion  side  as  well.  Simultaneously  tho  potential 
of  the  diffusion  side  also  becomes  more  negative.  Such  a  transfer 
of  hydrogen  and  of  tho  ovcrpotonlial  from  the  polarization  to  the 
diffusion  side  is  possible  only  in  those  cases  where  the  atomic 
hydrogen  formed  during  discharge  has  no  lime  to  leave  the  electrode 
surface.  Its  concentration  increases  as  compared  with  the  equili¬ 
brium  value  and  it  begins  to  permeate  into  the  palladium  electrode. 


reaching  the  diffusion  side 
of  the  membrane.  The  appea¬ 
rance  of  excess  hydrogen  on 
the  diffusion  side  shifts  its 
potential  in  the  negative  dire¬ 
ction.  which  also  testifies  to 
the  slow  recombination.  Accor¬ 
ding  to  Frumkin.  however, 
the  hydrogen  ovorpoleulial  on 
palladium  cannot  be  attribu¬ 
ted  to  Ibc  slow  recombination 
alone.  If  the  membrane  is 
polarized  to  a  constant  pote¬ 
ntial  by  a  small  current  and 
the  current  is  then  switched 
off.  different  potential-decay 
curves  will  be  obtained  for 
the  two  sides  of  the  membra¬ 
ne.  On  the  polarization  side, 
immediately  after  the  current 
is  switched  off  the  overpoten- 
a  luvumiuuu  tial  first  falls  abruptly  and 

then  decreases  much  slower. 
On  the  diffusion  side,  only 
the  second  section  appears,  i.e.,  after  the  current  is  switched  off 
the  potential  is  gradually  displaced  to  its  equilibrium  value  in 
a  given  solution.  The  rapid  fall  of  the  overpolential  is  ascribed  to 
the  slow  discharge,  and  the  gradual  fall  to  the  removal  of  excess 
hydrogen. 

Still  more  obscure  is  the  mechanism  of  hydrogen  evolution  on 
metals  of  the  iron  group.  It  has  been  found  that  under  the  conditions 
of  cathodic  polarization  an  excess  amount  of  adsorbed  hydrogen 
accumulates  on  the  surface  of  these  metals.  This  follows,  for  example, 
from  experiments  on  cleclrodiffusion  of  hydrogen  through  iron,  which 
have  yielded  almost  the  same  results  as  those  obtained  for  palladium. 
The  slope  of  Tafel  constant  b  for  metals  of  the  iron  group  is  close  to  0.12, 
which  is  indicative  of  the  slow  discharge  step.  Tho  same  value  howe¬ 
ver  can  also  be  obtained  from  tho  theory  of  slow  recombination  at  the 
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coverage  of  Ihe  surface  with  adsorbed  hydrogen  atoms  observed  on 
metals  of  the  iron  group.  For  hydrogen  evolution  on  nickel  it  has  been 
found  that  the  overpolenlial  depends  on  the  pH  value.  All  attempts 
to  explain  the  character  of  this  dependence  by  the  slow  occurrence 
of  the  discharge  or  the  recombination  step  have  failed.  The  higher 
probability  of  the  recombination  step  running  slow  is  borne  out  by 
data  on  the  hydrogen  isotopic  separation  factor  and  also  by  the  ten¬ 
dency  toward  the  appearance  of  a  nondiffusional  limiting  current 
in  nickel  electrodes.  Formelalsof  this  group  the  most  likely  assump¬ 
tion  is  that  several  steps— discharge,  recombination  and.  perhaps, 
electrochemical  desorption— proceed  at  almost  the  same  rale.  Depend¬ 
ing  on  the  conditions  any  one  of  these  steps  can  be  rale  determining, 
and  thus  the  hydrogen  evolution  reaction  will  be  forced  to  proceed 
by  one  of  the  mechanisms  considered  above.  Here,  as  with  metals 
of  the  platinum  group,  the  nature  of  the  hydrogen  overpolenlial 
may  be  different  on  different  sites  of  the  cathode. 


CHAPTER  20 
The  Kinetics  of  the  Oxygen 
Evolution  Reaction 


20.1.  GENERAL  DESCRIPTION  OF  THE  PROCESS 
The  oxygen  evolution  reaction  may  proceed  by  different  paths 
depending  on  the  composition  of  the  solution  subjected  to  electrolysis. 
In  the  electrolysis  of  alkaline  solutions  the  most  probable  source 
of  anodic  oxygen  is  hydroxyl  ions.  The  overall  reaction  in  the  anodic 
evolution  of  oxygen  in  alkaline  solutions  is  the  discharge  of  hydroxyl 
ions  according  to 

40II-  =  0,  +  211,0  P  4c  (20.1) 

In  acid  solutions,  in  which  the  concentration  of  Oil  ions  is  loo 
low  for  the  anodic  evolution  of  oxygen  to  proceed  at  the  required 
rate,  water  molecules  are  discharged 

211,0  =  0,  -p  411*  —  \e  (20.2) 

In  neutral  salt  solutions  oxygen  can  be  produced  by  the  discharge 
of  either  hydroxyl  ions  or  water  molecules.  Of  these  tv.o  reactions 
the  one  that  consumes  less  energy  under  given  conditions  will  predo¬ 
minate.  In  concentrated  solutions  of  oxygen-containing  acids  the 
oxygen  evolution  reaction  may  involve  anions  of  an  acid,  at  least  at 
high  current  densities.  The  existence  of  this  mechanism  was  proved 
by  Gcrovich  and  coworkers  (1957)  in  experiments  on  the  electrolysis 
of  concentrated  solutions  of  perchloric  and  sulphuric  acids  tagged 
with  the  heavy  oxygen  isotope  ,80.  At  high  current  densities  the 
oxygen  evolved  on  platinum  contains  this  isotope.  Since  the  isotopic 
exchange  of  oxygen  between  acid  anions  and  water  molecules  in  solu¬ 
tion  is  practically  impossible,  the  appearance  of  the  heavy  oxygen 
isotope  in  the  evolving  gas  should  wholly  be  ascribed  to  the  partici¬ 
pation  of  anions  in  the  anodic  formation  of  oxygen.  In  the  case  of 
sulphuric  acid,  oxygen  evolution  may  lake  place  by  the  direct  parti¬ 
cipation  of  anions.  Oxygen  evolves  here  as  a  result  of  the  discharge 
of  sulphate  ions.  c.g..  according  to  the  reaction 

2SOJ-  =  2SO-,  -f  0,  -f  4 e  (20.3) 

followed  by  the  recovery  of  SO;-  ions 

2S03  +  211,0  =  2SO;-  4-  411*  (20.4) 
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In  Ihe  case  of  perchloric  acid,  considering  dial  perchlorate  ions  are 
incapable  of  discharging,  other  factors  arc  responsible  for  the  appea¬ 
rance  of  the  isotope  ’®0  in  Ihe  gas  phase.  It  is  possible  that  hero  iso¬ 
topic  exchange  lakes  place  between  the  oxygen-lagged  adsorbed 
anions  and  the  surface  oxides  of  platinum,  these  oxides  decomposing 
to  evolve  oxygen  containing  the  heavy  isotope.  This  mechanism  is 
also  possible  in  the  electrolysis  of  sulphuric  acid  solutions.  In  either 
case,  however,  the  overall  anodic  oxygen  evolution  reaction  proceeds 
according  to  scheme  (20.2). 

Oxygen  is  always  evolved  at  potentials  more  positive  than  the 
potential  of  the  reversible  oxygen  electrode  under  given  conditions. 
Here  the  difference  between  the  electrode  potential  under  on  external 
current  and  the  equilibrium  potential  of  an  oxygen  electrode  is  iden¬ 
tified  with  activation  polarisation  and  is  called  the  oxygen  overpolen- 
tials 

qo*  =  e,  —  er  (20.5) 

Further  in  the  text  the  oxygen  ovcrpolcnlial  will  be  denoted  by  q, 
the  subscript  being  omitted. 

20.2.  EXPERIMENTAL  DATA  ON  OXYGEN 
OVERPOTENTIAL 

Theoretically  and  practically,  the  anodic  evolution  of  oxygen 
is  nearly  as  important  as  the  cathodic  hydrogen-evolution  reaction. 
The  two  reactions  constitute  the  process  of  electrolytic  decomposition 
of  water: 

211,0  =  2H.  +  O,  (20.6) 

The  oxygen  ovcrpolcnlial  represents  a  considerable  fraction  of  the 
total  overpolcntial  in  a  cell  for  electrolysis  of  water  and  aflccts  the 
consumption  of  electric  power  in  the  industrial  electrolytic  produc¬ 
tion  of  hydrogen  and  oxygen.  The  oxygen  evolution  reaction  plays 
an  important  role  in  practically  all  anodic  processes  in  the  electrolysis 
of  aqueous  solutions  and,  primarily,  in  electrolytic  reactions  of 
oxidation  of  inorganic  and  organic  substances.  The  mechanism  of  the 
oxygen  evolution  reaction  however  has  not  yet  been  fully  clarified. 

The  lack  of  reliable  data  on  oxygen  overpotential  is  due  to  the 
complexity  of  the  process  of  anodic  oxygen  evolution  and  by  Ihe 
inevitable  occurrence  of  side  and  secondary  reactions.  It  should 
first  be  recalled  that  it  is  extremely  difficult  to  set  up  a  reversible 
oxygen  electrode  under  experimental  conditions  and  hence  the  quan¬ 
tity  er  occurring  in  Eq.  (20.5)  is  not  determined  by  experiment. 
It  is  usually  calculated  theoretically.  For  gaseous  oxygeu  to  be  evol¬ 
ved  from  acidic  solutions  it  is  necessary  that  the  anode  potential 
be  more  positive  than  the  equilibrium  potential  of  the  oxygen  eloc- 
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l rode  (+1.23  V  nl  oh*  —  l  and  25°C)  by  the  value  of  oxygon  over- 
potential  corresponding  to  a  given  current  density.  But  even  before 
this  potential  is  reached  most  metals  become  thermodynamically 
unstable  and,  instead  of  the  oxygen  evolution  reaction,  there  occurs 
the  process  of  their  anodic  dissolution  or  oxidation.  The  kinetics  of 
oxygen  evolution  from  acid  mediums  can  therefore  be  studied  only 
by  using  metals  of  the  platinum  group  and  gold  (the  standard  poten¬ 
tials  of  which  aro  more  positive  than  the  potential  of  an  oxygen 
electrode)  and  also  some  other  metals  protected  against  dissolution 
in  acid  solutions  by  stable  surface  oxides.  In  alkaline  solutions,  in 
which  the  equilibrium  oxygen  potential  is  less  positive  (at  a0n-  =  I 
and  25°C  it  is  about  +  0.41  V),  metals  of  the  iron  group,  cadmium 
and  some  other  metals  are  also  used  as  the  anode.  It  has  been  found 
that  under  the  conditions  of  oxygen  evolution  the  surface  of  all 
metals,  including  platinum  and  gold,  is  oxidized  to  a  greater  or  les¬ 
ser  degree  and  therefore  oxygen  usually  evolves  not  on  the  metal 
itself  but  on  its  oxides. 

The  oxygen  ovcrpolential  has  been  found  to  vary  with  time  at 
a  given  current  density.  As  a  rule,  it  increases  with  time,  gradually 
for  some  metals  (iron,  platinum)  and  jumpwisc  for  others  (lead, 
copper).  The  overpotential  is  commonly  taken  to  mean  its  steady- 
stale  value.  It  evidently  corresponds  to  the  evolution  of  oxygen  at  the 
surface  of  an  oxide  stable  in  a  given  range  of  potentials.  Curves 
of  e  vs.  log  i  or  q  vs.  log  i  obtained  for  oxygen  evolution  often  show 
one  or  more  inflections  indicating  abrupt  changes  in  the  kinetics 
of  the  process.  Examples  of  such  curves  portaining  to  oxygen  evolu¬ 
tion  on  lead  and  nickel  anodes  arc  shown  in  Fig.  20.1.  On  I  hose  curves, 
just  as  in  the  case  of  curves  obtained  for  other  electrodes,  one  or  more 
sections  can  still  be  picked  out  where  the  ovcrpolential  is  linearly 
dependent  on  the  logarithm  of  the  current  density  and  obeys  Tafcl’s 
equation: 

q  =  a  +  b  log  t 

The  constants  a  and  b  depend  on  the  electrode  material,  tempera¬ 
ture,  the  solution  composition  and  current  density.  This  complicates 
the  comparison  of  metals  by  their  oxygen  ovcrpolential.  The  bulk 
of  experimental  data  indicates  that  in  the  region  of  mean  current 
densities  (of  the  order  of  10"*  A/cm*)  the  ovcrpolential  associated 
with  the  evolution  of  oxygen  from  alkaline  solutions  increases  in 
approximately  the  following  sequence: 

Co,  Fe,  Ni,  Cd,  Pb,  Pd,  Au,  Pt 

Tl»e  dependence  of  the  ovcrpolential  on  the  electrode  material  is  seen 
here  quite  distinctly.  For  example,  at  one  and  the  same  current 
density  equal  to  1  mA/cm*  the  oxygen  ovcrpolential  increases  by 
more  than  0.7  V  with  a  change  from  cobalt  anodes  to  platinum  ones. 
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Some  data  illustrating  the  dependence  of  the  oxygen  overpolential 
on  the  type  of  the  metal  arc  presented  in  Table  20.1. 


Fig.  20.1.  Polarization  curves  for  oxygon  evolution  on  nickel  (/)  and  lead  (2) 

The  relation  between  the  oxygen  overpolential  and  the  solution 
composition  and  temperature  has  been  systematically  studied  but 
TABLE  20.1 

The  Effect  of  Electrode  Material  and  Solution  Composition 
on  Oxygen  Overpotential 


...» 

Solution 

I.  *c 

Current  density. 
A/cm* 

- 

PI 

0. 005-0. 05 At  H,SO« 

25 

io-»-io-» 

ZI2RTIF 

0.95 

Pt 

0.\N  h.so4 

35 

lO-’-lO-2 

2  NT  IF 

1  .OS 

Pt 

0.1  N  NaOH 

25 

NT  IF 

0.1-1 -OAT  II-SO4 

25 

3X10-5-10-2 

'MART  IF 

0.99 

Au 

0.1. V  NaOH 

25 

RTF 

Pb 

3.3iV  H,SOj 

30 

2  RT'F 

1.10 

Pt,  PbO.  (a) 

A  AN  H.SO4 

31.8 

10-«-2xl0-» 

MART,/ 

Pt,  PbO,(B) 

A  AN  II2S04 

31.8 

7  x  10-5-2  x  10-5 

2  RTIF 

7.5A'  KOH 

25 

5  X  10-MO-* 

12  NT  IF 

Ni 

7  AN  KOH 

25 

10-3-5  X  10-2 

ZNT'F 

i.;io 

Ni 

7.5 N  KOH 

25 

5  X  10*2-3  X  10-* 

RTF 

1.08 

Fc 

pH  2  — 

3X10-M0-' 

V2RT  F 

0.1.0 
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for  a  limited  number  of  metals.  According  to  the  data  obtained  by 
Izgaryshev  and  coworkers  (1953)  the  increase  of  the  concentration 
of  sulphuric  acid  from  36  to  1759  g’lilrc  considerably  increases  the 
oxygen  ovcrpolential  on  platinum.  For  instance,  at  20°C  and  a  cur¬ 
rent  density  of  1  X  10':  A 'em’  the  overpolential  increases  by  more 
than  IV.  A  rise  in  temperature  lowers  the  overpotential  over  the 
entire  concentration  range  indicated.  Here  not  only  the  constant  a 
decreases  but  also  the  slope  6  of  the  Tafel  line.  According  to  the 
measurements  carried  out  by  Bowden  (1930).  who  used  dilute  solu¬ 
tions  of  sulphuric  acid,  the  rise  of  temperature  lowers  the  oxygen 
ovcrpolential  on  platinum  owing  to  the  decrease  of  a;  conversely, 
the  slope  of  scmilogarithmic  straight  lines  increases.  At  a  specified 
temperature  the  slope  is  a  function  of  the  acid  concentration,  increas¬ 
ing  parallel  with  it.  In  concentrated  solutions  of  sulphuric  acid  the 
slope  reaches  0.36.  The  oxygen  ovcrpolential  is  also  affected  by  the 
presence  in  solution  of  foreign  cations  and  fluorides,  the  addition 
of  which  increases  the  oxygen  ovorpotcnlial.  Conversely,  the  over- 
potential  at  a  gold  electrode  depends  neither  on  the  solution  pH 
nor  on  the  addition  of  extraneous  salts. 

At  potentials  close  to  the  zero-charge  potential  of  oxidized  lead 
the  oxygen  overpotential  remains  almost  constant  with  varying 
sulphuric  acid  concentration.  At  small  positive  ckr.rges  on  the  surface 
of  a  lead  anode  the  ovcrpolential  is  found  to  fall  slightly  with  increas¬ 
ing  acid  concentration;  when  the  positive  charge  increases,  the  oppo¬ 
site  effect  is  observed. 

The  behaviour  of  nickel  electrodes  during  oxygen  evolution  from 
alkaline  solutions  largely  depends  on  the  degree  of  their  oxidation. 
The  oxygen  ovcrpolential  measured  on  oxidized  nickel  electrodes 
is  given  by  the  equation 

q  =  «  -i-  b,  log  i  -  62  log  IOH  -I  (20.7) 

where  b,  and  b-  may  assume  values  of  0.027-0.088  and  O.O'iG-O.OSG. 
respectively,  depending  on  the  degree  of  oxidation. 

20.3.  THE  POSSIBLE  MECHANISM 
OF  TIIE  ANODIC  OXYGEN  EVOLUTION  REACTION 

Klucidalion  of  the  kinetic  mechanism  of  the  oxygen  evolution 
reaction  at  an  anode  is  a  formidable  task,  associated  not  only  with 
considerable  experimental  difficulties  but  also  with  the  great  number 
of  theoretically  possible  reaction  paths.  The  electrolytic  oxygen  evolu¬ 
tion  reaction  involves  not  two.  as  in  hydrogen  evolution,  hut  four 
electrons.'  no  matter  whether  it  takes  place  in  acidic,  neutral  or  alka¬ 
line  solutions.  This  leads  to  the  appearance  of  several  electrochemical 
steps,  each  of  which  can  determine  the  rate  of  the  overall  anodic 
process.  Besides,  in  oxygen  evolution  one  has  to  reckon  with  the 
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possibility  ol  the  recombination  and  electroclioinical-dosorplion 
stops  proceeding  at  a  slow  rate.  Finally,  since  tbo  evolution  of  oxygen 
usually  occurs  on  llic  surface  of  a  metal  the  degree  of  oxidation  of 
which  depends  on  Iho  potential  and  electrolysis  time,  the  formation 
and  decomposition  of  oxides  may  also  affect  the  kinetics  of  this 
process.  There  exists  an  opinion  first  expressed  by  Foerster  (1909). 
according  to  which  the  anodic  evolution  of  oxygen  in  all  cases  pro¬ 
ceeds  only  via  the  formation  of  intermediate  unstable  oxides.  The 
transformation  of  these  into  stable  oxides  (or  to  the  slate  of  the 
initial  metal  with  the  simultaneous  loss  of  oxygen  evolved  as  a  gas) 
controls  the  kinetics  of  the  overall  electrode  reaction.  Thus,  the 
appearance  of  an  oxygen  ovcrpolcnlials  is  due  to  a  number  of  factors 
and  may  be  associated  with  the  slow  rale  of  one  of  the  following  steps: 
discharge  of  hydroxyl  ions  or  water  molecules;  recombination 
of  oxygen  atoms;  electrochemical  desorption  of  hydroxyl  radicals 
Off:  formation  and  decomposition  of  unstable  intermediate  oxides 
of  (lie  electrode  metal. 

Various  kinetic  mechanisms  of  the  oxygen  evolution  reaction  have 
been  p rojiesod.  based  on  different  assumptions  as  to  the  probable 
nature  of  the  slowest  step  in  the  overall  process.  Some  of  these  reac¬ 
tion  mechanisms  arc  given  in  Table  20.2.  They  all  refer  to  the  case 
of  oxygen  evolution  from  alkaline  solutions  and  therefore  the  first 
slop  in  each  mechanism  is  the  discharge  of  hydroxyl  ions.  These 
ions  are  discharged  to  yield  hydroxyl  radicals  (mechanisms  I,  II  and 
IV)  or  a  surface  hydrated  oxide  of  the  anode  metal  (mechanism  Ill). 
'Table  20.2  does  not  cover  all  Iho  possible  paths  of  the  oxygen  evolu- 


Sumo  Possible  Mechanisms  of  Oxygen  Evolution  from 
Alkaline  Solutions 


I 

II 

1.  201J-  =  20H  -f-  2e 

2.  20/f -,'-2011-  =  20- +2H.0 

3.  20~  —  20  +  2t 

4.  20=0; 

1.  20H-  =  20II~2e 

2.  20H  4-  20H"  =  20"  -j-  2H-.0 

3.  20" -j- 2M0*  =  2M0X+ 1  +  2e 

4.  2M0*+ 1  =  2M0.t  4-0; 

III 

IV 

1.  40H--I-  Af  =  4MOH+4e 

2.  4MOII  =  2MO-f-2M-f2H.O 

3.  2M0  =  2M  +  0; 

1.  20H~  — 20H-j-2e 

2.  20H  20H“  =  2H.0j 

3.  2H.0j  =  0?-  +  2H.0 

4.  0s-  =  0.  -f-*2e 
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lion  reaction.  For  instance  the  first  slop  of  the  process  may  be  visua¬ 
lized  in  a  different  way  from  that  given  in  the  table.  It  may  be  assu¬ 
med,  for  example,  that  hydroxyl  ions  arc  discharged  to  yield  not 
hydroxyl  radicals  or  hydrated  oxides  but  atomic  oxygen  or  an  unstab¬ 
le  surface  oxide  according  to  the  equations 

20H-  =  0  +  H20  +  2«  (20.8) 

and 

20H-  +  MO,  =  MO,+|  +  H20  +  2e  (20.9) 

respectively. 

In  spite  of  its  incompleteness,  Table  20.2  correctly  reflects  the 
basic  conceptions  of  possible  steps  involved  in  the  electrolytic  oxygen 
evolution  reaction.  According  to  mechanism  I  molecular  oxygen 
results  from  the  recombination  of  its  oxygen  atoms  formed  in  the 
discharge  of  univalent  oxygen  ions  O’,  and  according  to  mechanism 
II,  from  the  decomposition  of  a  higher  unstable  oxide  MO,.'.!  formed 
from  a  lower  stable  oxide  MO,  after  the  ions  O’  are  discharged  on  it. 
Mechanism  III  excludes  the  participation  of  any  charged  particle1;, 
except  hydroxyl  ions,  in  the  electrode  reaction.  Here  the  oxygen 
evolution  reaction  involves  intermediate  steps— the  formation  and 
decomposition  of  oxide  hydrates  and  metal  oxides.  In  mechanism  IV 
the  direct  source  of  oxygen  is  its  ion-molecules  Of'  formed  from 
hydrated  ions  0*’*2H20  after  the  water  molecules  arc  lost.  These 
hydrated  oxygon  ions  may  be  regarded  as  negaliveiy  charged  molecu¬ 
les  of  hydrogen  peroxide  H20’  which  serve  as  an  intermediate  link 
in  the  anodic  oxygen  evolution  process. 

Any  step  in  each  of  these  mechanisms  may  run  slow  and  determine 
the  rale  of  the  overall  reaction.  To  make  a  choice  from  these  theore¬ 
tically  possible  cases  and  to  find  out  the  actual  cause  of  the  oxygen 
ovcrpolcntial  one  should  resort  to  criteria  following  from  the  general 
theory  of  electrode  kinetics.  One  such  criterion  may  be  the  slope 
of  scmilogarilhmic  straight  lines.  As  follows  from  Table  20.1.  the 
slope  6  in  oxygen  evolution  varies  within  wide  limits,  assuming  the 
following  values  depending  on  the  anode  material  and  solution  com¬ 
position: 

1/26®,  3/46® . 6®,  3/26®,  26®  and  36®  (h®=  2.303-^) 

If.  by  analogy  with  hydrogen  evolution,  one  assumes  that  the  trans¬ 
fer  coefficient  a  is  close  to  0.5,  then  the  slow  discharge  of  hydroxyl 
ions  (steps  1-1,  11-1,  III-l,  and  IV-1)  must  give  a  slope  equal  to 
26®.  The  slow  occurrence  of  any  other  step  will  result  in  a  smaller 
slope.  For  instance,  if  the  rale  of  the  overall  process  is  limited  by 
stop  IV-2,  the  slope  must  then  be  equal  to  6®.  and  if  steps  111*2 
and  III-3  arc  rate  determining,  we  have  '/2  6°  and  */4  6®.  respectively. 
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The  values  of  b  (see  Table  20.1  and  Fig.  20.1)  found  in  experimental 
studies  of  oxygen  evolution  from  acid  solutions  on  lend  anodes  and 
front  alkaline  solutions  on  nickel  coincide  with  the  value  b  —  2b" 
(0.12  at  room  temperature).  It  may  therefore  be  supposed  that  the 
kinetics  of  the  overall  process  is  determined  by  the  rale  of  purely 
electrochemical  steps:  the  discharge  of  water  molecules  in  acid  solu¬ 
tions  and  of  hydroxyl  ions  in  alkaline  solutions.  The  nature  of  the 
effect  of  the  solution  composition  on  oxygen  ovcrpotcnlial  in  the 
two  eases  considered  is  also  in  accord  with  Frumkin's  theory  of  slow 
discharge.  ,  .  .  .  .  .  . 

At  small  current  densities  the  evolution  of  oxygen  on  nickel  (see 
Fig.  20.1.  curve  1.  lower  section)  is  characterized  by  a  slope  corre¬ 
sponding  to  b  =  b°,  which  is  hardly  in  accord  with  the  assumption 
of  the  slow  discharge  of  hydroxyl  ions.  On  this  section  of  the  polari¬ 
zation  curve  the  kinetics  of  the  process  is  determined  by  steps  1-3. 
1 1 -3.  or  by  the  interaction  of  atomic  oxygen,  formed  according  to 
reaction  (20.8),  with  a  nickel  oxide: 

O  +  NijOj  =  Ni204  =  2NiO*  (20.10) 

In  the  case  of  oxygen  evolution  from  an  alkaline  solution  on  plati¬ 
num  or  gold  the  most  probable  rale-determining  step  must  be  step 
IV-2. 

It  should  however  be  borne  in  mind  that  all  these  inferences  are 
but  assumptions.  The  slope  b  cannot  be  taken  as  a  sufficient  criterion 
to  decide  in  favour  of  one  or  the  other  mechanism.  Moreover,  in  such 
a  complex  process  as  the  electrochemical  evolution  of  oxygen  there 
is  always  a  possibility  of  the  parallel  occurrence  of  several  steps 
with  similar  rate  constants.  For  instance,  experimental  data  on  oxy¬ 
gen  evolution  at  lead  agree  best  with  the  slow-dischnrge  theory,  but 
the  possibility  of  slow  recombination  of  oxygen  atoms  is  not  excluded. 
This  is  evidenced  by  the  current-density  variation  of  the  concentra¬ 
tion  of  atomic  oxygen  on  the  surface  of  the  lead  elecrode  and  also 
by  the  change  of  the  rate  of  diffusion  of  oxygon  atoms  through  lead 
dioxide.  Another  step,  which  runs  concomitantly  with  the  discharge 
of  hydroxyl  ions  and  oxygen  evolution,  is  the  formation  of  oxides, 
whose  composition  depends  on  the  current  density  and  electrode 
potential.  Thus,  a  theory  of  oxygen  ovcrpotcnlial  cannot  be  worked 
out  without  taking  into  account  the  oxidation  of  the  anode  surface. 
The  formation  of  oxides  on  the  anode  sharply  changes  the  kinetics 
of  oxygen  evolution  and  the  oxygen  overpotential.  The  latter  not 
only  varies  widely  in  going  from  a  pure  metal  surface  to  an  oxidized 
one  but  is  also  determined  by  the  nature  of  the  oxides  themselves. 
Thus,  from  the  data  of  Table  20.1  it  follows  that  when  one  changes 
from  the  p-  to  the  a-modification  of  lead  dioxide  the  Tafel  constant 
a  falls  by  more  than  0.4V  and  the  slope  b  decreases  from  2 b°  to  b  ; 
this  points  to  a  change  in  the  kinetics  of  the  reaction  mechanism. 
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Similar  results  have  been  obtained  in  studies  of  oxygen  evolution 
at  nickel;  it  was  found  that  the  overpotential  sharply  rises  when 
NuOj  is  converted  to  NijOt.  The  transition  from  the  lower  portion 
of  curve  1  in  Fig.  20.1  to  the  upper  one  should  be  attributed  to  the 
increase  of  the  content  of  the  higher  nickel  oxide  in  the  surface  layer. 
Thus,  the  overpotential  of  oxygen  and  the  kinetics  of  its  evolution 
may  vary  depending  on  the  chemical  composition  of  the  surface 


Fig.  20.2.  Probnblo  distribution  of  the  |)0Unti.it  drop  in  I  lie  electric  double 
layer  at  the  oxidized  metal-solution  interface: 
lil—gt  “  potential  drop  In  the  metal-oxide  layer;  «•—*£,  ■■  potemi.il  drop  between  the  oxide 
lurtace  and  the  bulk  ot  the  solution;  *M_ *L  =  total  potential  drop  of  the  metal-solution 
potential;  Ijj  and  ld  arc  the  thicknesses  of  the  Helmholtz  and  dlfhise  parts  of  the  double 
layer,  respectively 

oxide;  if  the  composition  is  constant  throughout  l he  process,  they 
may  vary  according  to  the  ratio  of  different  cryslnllochoinicnl  modi¬ 
fications  in  the  oxide.  This  also  affects  polarization  curves. 

The  appearance  of  an  oxide  on  the  metal  surface  alters  the  double- 
layer  structure.  In  this  case  the  double  layer  can  no  longer  he  repre¬ 
sented  by  the  simple  Stern  model,  which  was  used  in  developing 
the  theory  of  hydrogen  ovorpotcnlial.  According  to  Goltr  and  Lange 
(1958),  the  electric  double  layer  in  the  oxygen  evolution  reaction 
should  be  pictured  as  shown  in  Fig.  20.2.  To  the  potential  drop  in 
the  Helmholtz  and  diffuse  parts  of  the  double  layer,  included  in  the 
Stern  model,  is  added  the  potential  drop  in  the  oxide  layer.  The 
latter  term  is  often  disregarded  since  the  surface  metal  oxides,  on 
which  oxygen  evolution  is  studied,  possess  high  electronic  conduc¬ 
tance.  What  is  more  important  is  that  the  Helmholtz  region  of  the 
double  layer  begins  in  this  case  not  from  the  bare  surface  of  the  metal 
but  from  the  surface  of  its  oxide,  whose  properties  are  different  from 
those  of  the  metal.  In  particular,  the  oxidation  of  the  metal  shifts 
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the  charge-free  potential  of  the  electrode  surface  to  the  positive 
side.  For  example,  (he  null  point  of  pure  lead  is  —0.7  V  and  that 
of  lead  covered  with  its  dioxide  is  about  +1.8V.  The  appearance 
of  a  horizontal  section  on  curve  2  (Fig.  20.1)  is  probably  due  preci¬ 
sely  to  the  transition  through  the  null  point  of  Pb,  Pb02  and  to  the 
corresponding  change  in  (be  rate  of  discharge  of  water  molecules 
The  formation  of  platinum  oxides  and  the  related  change  of  its  nuli 
point  and  hence  of  the  charge  on  the  surface  may  he  regarded  as  one 
of  the  causes  for  the  appearance  of  inflections  on  polarization  curves 
corresponding  to  oxygen  evolution  on  platinum.  The  possibility 
of  the  anode  surface  being  recharged  during  the  formation S 
(or  during  fh,  change  of  .heir  CMpn.it, M 
account  when  examining  data  on  the  effect  of  the  solulinnnH 
also  of  extraneous  ions  and  surface-active  substances ?  ,P.H  *?d 
of  oxygen  evolution;  it  should  also  be  reckoned  uriiK  • 6  ^,ne,*cs 
the  anodic  oxidation  of  inorganic  and  organic  s.,hc  ,n  sl*dy*ng 
case  experimental  data  can  hardly  be  interpreted  in  '?lCCS'  1"  this 
as  was  done  in  studying  the  same  effects  on  D  l  ,  S8D1e  way 
by  assuming  lb*  MmeliJb  dS ?'  '  e-  “"'v 
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CHAPTER  21 

The  Kinetics  of  Electrochemical  Reduction 
and  Oxidation 


21.1.  GENERAL  DESCRIPTION  OF  REDOX  REACTIONS 

Electrochemical  reduction  and  oxidation  reactions  cover  a  wide 
range  of  processes,  from  the  simplest  ion-rcchargo  reaction  to  com¬ 
plex  transformations  forming  llie  basis  of  organic  elect rosynlhcsis. 
Electrochemical  reduction  and  oxidation  reactions  are  used  in  indu¬ 
strial  production  of  hydrogen  peroxide,  manganese  dioxide,  potas¬ 
sium  permanganate,  sodium  hydrosulphite,  p-aminophcnol,  adipo- 
nitrilc,  salicylaldehydc  and  a  number  of  other  compounds.  These 
processes  lie  at  the  basis  of  the  operation  of  most  chemical  sources 
of  current. 

Polarization  in  redox  reactions  may  be  defined  as  the  difference 
between  the  electrode  potential  in  the  presence  of  an  external  current 
and  its  equilibrium  value: 

»ln  =  n*i  —  Rer  (211) 

When  determining  the  redox  polarization  from  Eq.  (21.1)  the  fol¬ 
lowing  points  must  be  taken  into  account. 

In  reduction-oxidation  processes  the  diffusion  overpotenlial  is 
usually  high  and  often  constitutes  a  considerable,  and  sometimes 
even  the  major,  part  of  the  total  deviation  of  the  electrode  potential. 
As  the  role  of  concentration  overpotenlial  in  redox  processes  has 
already  been  discussed,  we  will  be  concerned  here  only  with  the  chemi¬ 
cal  and  electrochemical  ovcrpolcnlials.  It  is  assumed  that  the  diffu 
sion  overpotenlial  is  cither  taken  into  account  or  eliminated. 

For  most  reduction-oxidation  reactions  (particularly  those  with 
the  participation  of  complex  organic  substances)  the  equilibrium 
potential  is  not  directly  measurable.  Unlike  the  oxygen  electrode 
potential,  it  docs  not  always  lend  itself  to  calculation  cither.  There¬ 
fore.  to  characterize  the  kinetics  of  redox  reactions  the  value  of 
electrode  potential  set  up  by  an  external  current  is  often  used  instead 
of  the  polarization. 

Any  electrochemical  reduction  (or  oxidation)  process  taking  place 
in  aqueous  solution  is  accompanied  by  a  secondary  hydrogen  (or 
oxygen)  evolution  reaction.  The  distribution  of  current  between 
these  two  competing  reactions  depends  on  the  corresponding  poten¬ 
tial  at  a  given  current  density.  Therefore,  apart  from  the  magnitude 
of  polarization,  one  also  makes  use  of  the  so-called  depolarization 
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Aen  to  describe  a  redox  reaction.  This  quantity  is  defined  as  the 
difference  between  the  potential  of  the  corresponding  redox  process 
and  the  potential  of  hydrogen  (oxygen)  evolution  under  comparable 
conditions  and  at  the  same  current  density: 

Ah«ii  =  nei  —  net  ,21-2) 

ice  n  =  Rej  —  oei 

The  concept  of  depolarization  was  first  introduced  in  connection 
with  the  fact  that  elcctrorcduction  was  thought  to  be  unfeasible  in  the 
absence  of  active  hydrogen  just  as  electrolytic  oxidation  was  consi¬ 
dered  impossible  without  active  oxygen.  The  binding  of  these  active 
forms  of  hydrogen  and  oxygen  with  the  aid  of  a  suitable  substance 
would  inevitably  decrease,  the  absolute  value  of  potential  under 
such  conditions,  i.c.,  cause  depolarization.  Substances  capable  of 
binding  hydrogen  (or  oxygen)  were  termed  depolarizers.  This  concept 
of  the  nature  of  redox  reactions  is  now  obsolete  and  has  already  been 
abandoned  by  most  scientists,  and  the  term  “depolarization"  l.as  lost 
its  original  meaning.  Reduction  and  oxidation  reactions  are  known 
at  present,  which  proceed  at  potentials  higher  than  the  potentials  of 
hydrogen  or  oxygen  evolution,  i.c..  the  “depolarization"  may  be  not 
only  positive  but  negative.  The  following  reaction  may  serve  as  an 
example: 

2RCOO-  =  R  -  R  +  2COj  -f  2e 
Here  the  anodic  oxidation  of  anions  of  carbonic  acids  yields  dimeri¬ 
zation  products.  These  reactions  were  discovered  in  the  middle  of 
the  nineteenth  century  and  form  the  basis  of  Kolbc  synthesis.  They 
enable  complex  organic  molecules  of  desired  structure  to  be  produced 
by  electrolysis  of  solutions  containing  salts  of  corresponding  carbonic 
acids.  In  most  cases  the  Kolbc  synthesis  proceeds  at  potentials  more 
positive  than  the  oxygen-evolution  potential  at  a  given  electrode. 
Thus,  in  this  case  the  change  from  the  oxygen-evolution  reaction 
to  the  electrooxidalion  of  an  organic  substance  is  accompanied  not 
by  a  fall  but  an  increase  in  the  electrode  potential,  and  no  depolari¬ 
zation  effect  is  observed.  Nonetheless  comparison  of  the  potentials 
„ej  and  n«/  or  ne(  and  oc,  as  well  as  determination  of  the  depolari¬ 
zation  Acr  is  useful  in  redox-reaction  studies. 

Apart  from  the  steps  taking  place  at  the  electrode-electrolyte 
interface,  purely  electrochemical  transformations  occurring  in  the 
electrolyte  may  also  be  important  in  an  electrolytic  reduction  or 
oxidation  reaction.  Consequently,  the  volume  of  the  electrolyte 
must  also  be  regarded  as  a  parameter  to  be  taken  into  account. 
Therefore,  apart  from  the  current  density  i,  space  current  density  / 
is  also  used  to  characterize  (he  conditions  under  which  redox  reac¬ 
tions  occur;  the  space  current  density  is  the  current  referred  to  a  unit 
volume  (usually  one  litre)  of  the  solution. 
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21.2.  EXPERIMENTAL  DATA  ON  THE  KINETICS 
OP  ELECTROCHEMICAL  REDUCTION 
AND  OXIDATION  REACTIONS 

A  great  number  of  inorganic  and  organic  substances  have  been 
studied  to  determine  the  redox  polarization  under  different  electro¬ 
lysis  conditions.  Experiments  have  been  carried  out  to  study  the 
polarization  on  recharging  of  ions  of  iron,  manganese,  thallium, 
cerium,  vanadium,  tin,  gold,  platinum,  titanium,  tungsten,  and 
molybdenum,  and  complex  ions  of  iron  Fe(CN)J",  Fe(CN)J", 
manganese  Mn(CN)J",  Mn(CN)}'  and  AlnOJ",  MnO,  and  of  some 
other  metals.  Polarization  has  also  been  investigated  for  the  oxida¬ 
tion  and  reduction  of  quinones  and  hydroquinones,  nitro  compounds, 
ketones  and  aldehydes,  organic  unsaturaled  compounds,  etc. 


21.2.1.  POLARIZATION  AND  THE  PROPERTIES 
OF  REACTING  SUBSTANCES 

Electrode  polarization  in  reduction-oxidation  reactions  is  the  stron¬ 
ger,  the  greater  are  the  changes  in  the  structure  and  composition 
of  particles  occurring  during  a  reduction  or  oxidation  reaction.  For 
example,  in  the  following  ion-rccharge  processes: 

IV  +  e  =  Fo2’ 

Fo(CN)J-  +  e  =  Fo(CN’)}* 

MnO;  +  e  =  MnOJ" 

whore  the  changes  roducc  to  the  gain  or  loss  of  one  electron,  the 
activation  polarization  is  negligibly  small.  Its  value  under  compa¬ 
rable  conditions  will  be  higher  if  two  electrons  instead  of  one  parti¬ 
cipate  in  the  roacl ion,  c.g., 

W  +  2e  =  Tl* 

Sn4’  -f-  2c  =  Sn2’ 

If  (ho  composition  of  the  reacting  particles,  as  well  as  the  number 
of  charges,  changes  in  the  course  of  a  rodox  reaction,  the  activation 
polarization  continues  to  incrcuso.  Examples  are  the  reactions  of 
rcchargo  of  cerium  and  vanadium  ions: 

r.oO2*  -I-  211’  -I-  e  =  Co*’  +  H30 
VO,-  H-  /ill’  -h  e  =  VO2’  -I-  2U20 
end  the  olcclroroduclion  of  nitrobenzono 

r„lljN02  -I-  6M*  +  =  C.HNH.  +  211.0 
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and  of  acclonc 

CII3COCH3  +  2H*  +  2e  =  CH3CHOHCH3 
How  readily  the  active  group  of  an  organic  compound  (e.g.t  the 
carbonyl  or  nitro  group)  will  reduce  depends  on  the  nature  of  the 
substituents  introduced  into  the  initial  molecule.  Reduction  proceeds 
with  less  polarization  if  electronegative  substituents  of  the  hydroxyl 
or  chlorine  type  are  added.  Conversely,  the  reaction  occurs  with  dif¬ 
ficulty  if  electropositive  groups,  e.g.,  the  methyl  group,  are  intro¬ 
duced  (the  rule  of  electronegativity  formulated  by  Shikala  and 
Tachi,  1932).  _ 

The  course  of  the  reduction  is  aflccted  not  only  by  the  type  of  the 
substituent  but  also  by  its  position  in  the  molecule  to  be  reduced. 
For  instance,  the  reduction  potential  of  nitro  compounds  has  been 
found  to  shift  most  strongly  to  the  positive  side  on  addition  of  the 
same  substituents  at  the  ortho-position.  All  these  data  on  the  effect  of 
the  structure  on  the  reduction  process  refer  to  mercury  electrodes  and 
have  been  obtained  by  polarographic  methods.  When  a  mercury  drop¬ 
ping  electrode  is  used,  the  eleclroreduction  of  organic  substances 
proceeds  with  more  case  with  increasing  dipole  moments  of  these 
substances. 


21.2.2.  THE  EFFECT  OF  THE  ELECTRODE  MATERIAL 
AND  THE  ELECTRODE  POTENTIAL 
Ihe  nature  of  an  electrode  and  its  surface  area  play  an  important 
role  in  the  kinetics  of  electrochemical  reduction  and  oxidation  reac¬ 
tions;  their  effect  is  manifested  especially  distinctly  in  complex 
redox  reactions.  It  has  been  found,  for  oxample,  that  the  reduction 
of  nitric  acid  on  spongy  copper  yields  practically  only  ammonia 
and  when  amalgamated  lead  is  used  as  the  electrode  hydroxylamine 
is  predominantly  formed.  At  a  current  density  of  0.24  A/cm2  on  a  cop¬ 
per  cathode  98.5  per  cent  of  current  is  used  for  the  formation  of  ammo¬ 
nia  and  only  1.5  per  cent  is  spent  on  producing  hydroxylamine.  Con¬ 
versely,  when  amalgamated  lead  is  used,  the  current  yield  of  ammonia 
is  only  30  per  cent  and  that  of  hydroxylamine  amounts  to  70  per  cent. 

Another  example  illustrating  the  effect  of  the  electrode  material 
on  eleclroreduction  is  the  reduction  of  acetone.  This  reaction  produ¬ 
ces  two  principal  end  products— isopropyl  alcohol  CH3CHOHCH, 
and  pinacol 


CH,—  C— CIL 

I 

C.II,—  C—  CII3 

I 

OH 
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\\lien  a  solution  of  acetone  in  sulphuric  acid  is  subjected  to  electro¬ 
lysis,  the  reduction  process  occurs  at  a  potential  of  about  -0.8  V 
on  the  hydrogen  scale;  the  highest  current  yield  of  pinacol  is  obtained 
on  lead  and  zinc,  while  on  copper,  nickel  and  silver  the  current  is 
almost  completely  expended  on  producing  isopropyl  alcohol. 

The  effect  of  the  electrode  material  is  sometimes  ascribed  only 
to  the  hydrogen  overpotential  arising  at  it.  Indeed,  metals  of  high 
hydrogen  overpotential  often  promote  reduction.  Besides,  on  such 
electrodes  the  potentials  at  which  difficultly  reducible  substances 
can  be  reduced  arc  attained  more  easily.  In  a  general  case,  however, 
no  direct  connection  exists  between  the  hydrogen  ovcrpotcnlial 
on  the  electrode  material  (or  the  cathode  potential)  and  its  reducing 
action.  Moreover,  some  substances  have  been  found  to  reduce  more 
readily  on  cathodes  of  low  overpotential  than  on  those  of  high  over- 
potential,  where  they  are  altogether  unrcducible  sometimes.  Such 
selective  clectroroduclion  is  widespread  among  organic  substances 
(Antropov,  1951).  Examples  of  selective  reduction  are  given  in 
Table  21.1.  Isolated  unsaturated  bonds  in  organic  compounds  of  the 
aliphatic  series  and  double  bonds  in  the  benzene  ring  arc  predomi¬ 
nantly  reduced  on  cathodes  of  low  ovcrpotenlial— platinum  and 
nickel  (particularly  in  the  form  of  black  and  sponge).  At  the  same 
lime  these  bonds  arc  practically  never  hydrogenated  on  cal  liodos  having 
a  high  hydrogen  ovcrpotcnlial  such  as  mercury  or  lead.  Conversely, 
polar  groups— the  carbonyl  and  carboxyl  groups  are  reducible  at 
cathodes  of  high  hydrogen  overpolcntial  and  remain  intact  on  those 
having  a  low  overpolcntial.  Exceptions  are  nitro  and  nitroso  groups 
and  also  conjugate  double  and  triple  bonds;  Ihcv  can  be  reduced 
practically  on  any  cathode. 

The  change  of  the  electrode  potential  during  electrolysis  affects 
electroreduction.  While  being  shifted  to  the  negative  side,  the  cathode 
potential  attains  such  a  value  at  which  reduction  becomes  possible". 
Hilh  increasing  negative  value  of  the  potential  the  rate  of  reduction 
increases  until  it  reaches  a  certain  limiting  value.  At  sufficiently 
negative  potentials  the  reduction  rate  diminishes  and  the  correspond¬ 
ing  current  density  falls.  This  is  most  distinctly  manifested  in  the 
reduction  of  anions,  in  particular,  in  the  reduction  of  persulphate 
ions  (Fig.  21.1).  1  1 

The  decrease  of  the  reduction  rate  is  the  more  pronounced,  the  lower 
the  concentration  of  extraneous  ions;  the  current  begins  to  fall  near 
the  null  point  of  mercury.  When  electrodes  other  than  mercury  arc 
used  (platinum,  copper,  lead  or  cadmium),  the  i  vs.  e  curves  are 
of  the  same  shape,  the  fall  in  the  current  being  usually  observed 


"  The  reduction  of  a  number  of  substances  containing,  for  example,  a 
roup,  begins  even  at  a  potential  which  practically  does  not  differ  fro 


application  of  an  external  current. 


TAULK  21.1 

Selective  Reduction  of  Organic  Compounds  on  Different  Cathodes 
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at  a  potential  close  to  the  null  point  of  the  corresponding  metal. 
Die  existence  of  such  effects  has  also  been  proved  for  the  cloclrorcduc- 
tion  of  molecular  substances  and  large  rations. 


Fig.  21.1.  Curve  of  electrochemical  reduction  of  persulphate  ion  on  a  rotating 
amalgamated  electrode: 

IKiSaOal  —  10-*  g-c<|/litre;  the  speed  of  rotation  of  the  electrode  is  3.S  1  evolutions  per  second 


21.2.3.  THE  EFFECT  OF  THE  SOLUTION 
COMPOSITION 

At  a  given  electrode  potential  (he  rate  of  electrolytic  reduction 
or  oxidation  usually  increases  with  increasing  concentration  of 
discharging  particles.  This  can  be  seen,  for  example,  from  Fig.  21.2, 
which  presents  data  on  the  clcctroreduction  of  Irivnlcnl  manganese 
ions  to  bivalent  ions.  However  such  a  simple  relation  is  not  always 
observed.  Kinetic  equations  describing  electrolytic  reduction  and 
oxidation  reactions  may  contain  concentrations  of  initial  substances 
with  exponents  larger  than  unity,  equal  to  zero  or  to  a  fraction. 
One  such  example  was  given  on  page  384,  where  the  reduction  of 
dissolved  iodine  to  iodide  was  considered.  In  equations  describing 
the  kinetics  of  electroroduclion  of  organic  substances  the  volume 
concentrations  of  these  substances  are  usually  raised  to  a  fractional 
power. 

The  dependence  of  the  rate  of  electrochemical  redox  reactions  on 
the  solution  pH  is  influenced  by  (he  nature  of  the  reacting  substances 
involved  and  also  by  the  electrode  material.  At  a  constant  potential 
the  rate  of  oxygen  reduction  does  not  depend  on  the  pH  if  mercury, 
silver  or  gold  electrodes  are  used.  The  rate  of  the  same  reaction  pro- 
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co uriing  at  Pi  or  Pd  electrodes  increases  with  decreasing  pH  of  the 
solution.  In  the  olcclrorcduclion  of  organic  substances  (he  pH  of  (he 
solution  may  in  certain  cases  allccl  not  only  the  reaction  rate  but 
even  (he  nature  of  (he  end  products.  The  kinetics  of  redox  reactions 
are  also  influenced  by  the  presence  of  foreign  substances  of  the  ionic 
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Fig.  21.2.  Potential  vs.  current  density  curves  for  the  electroreduclion  of  Mn5* 
ions  on  a  platinum  electrode: 

I— 0.001  molo'litre  Mn*+:  2—0.01  molf/lltr*  Nn*+:  O— 0.001  mole/lltre  Mn**:  #— 0.01  mole/ 
litre  Mn*+ 

or  molecular  type  in  (he  solution.  It  has  been  found  (hat  (he  reduction 
of  anions  proceeds  at  a  faster  rate  in  the  presence  of  polyvalent 
cations.  Though  the  dependence  of  the  rate  of  redox  reactions  on  the 
nature  of  the  solvent  has  been  sludiod  insufficiently,  the  available 
data  testify  to  its  existence. 


21.5  THE  THEORY  OF  ELECTROCHEMICAL  REDUCTION 
AND  OXIDATION  REACTIONS 

In  a  general  case  the  electrochemical  reduction  or  oxidation  reac¬ 
tion  consists  of  the  following  steps: 

(1)  the  transport  of  reacting  particles  to  the  electrode-electrolyte 
interface: 
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(2)  1  ho  adsorption  of  the  particles  on  the  electrode  surface  (or 
their  contact  with  the  electrode  surface)  with  their  simultaneous  or 
preliminary  conversion  to  an  active  state; 

(3)  the  reduction  or  oxidation  act; 

(4)  the  desorption  of  the  resulting  particles  from  the  electrode 
surface  with  their  simultaneous  (or  subsequent)  transformation  into 
the  final  reaction  products; 

(0)  the  removal  of  the  reaction  products  from  the  electrode-electro¬ 
lyte  interface. 

The  most  important  step  is  the  reduction  or  oxidation  act,  which 
determines  the  specificity  of  redox  reactions. 


21.3.1.  POSSIBLE  PATHS  FOR  THE 
ELECTnOREDUCTION  REACTION 

The  occurrence  of  clectrorcduclion  reactions  is  associated,  in  our 
opinion,  with  the  mechanism  of  hydrogen  evolution  on  a  given  elec¬ 
trode.  Depending  on  the  type  of  the  electrode  metal  and  the  nature 
of  the  particles  to  be  reduced  the  reaction  rale  is  controlled  by  one 
of  the  following  steps: 

(1)  the  addition  of  electrons; 

(2)  the  addition  of  adsorbed  hydrogen  atoms; 

(3)  the  addition  of  hydrogen  ions  activated  in  the  discharge  step. 
Accordingly,  one  may  speak  of  three  different  reducing  agents: 

electrons,  hydrogen  atoms  and  hydrogen  ions. 

The  Rate-Determining  Electron  Addition  Step.  This  step  corre¬ 
sponds  to  the  slow-discharge  concept  and  is  probably  realizable 
on  any  electrode.  The  discharge  act  involving  the  addition  of  one 
or  two  electrons  often  represents  the  overall  electrochemical  reaction. 
Examples  arc  the  following  ion-rcchurgc  processes: 

Mn**  +  e  =  Mn*+ 

Fcs*  +  e  =  FeJt 
T1-*  +  2<?  =  Tl* 

M11O7  -r  e  =  MnO;- 

The  discharge  step  may  also  he  rate  determining  in  more  complex 
clectrorcduclion  processes.  For  example,  some  authors  believe  that 
the  reduction  of  quinonc  to  hydroquinonc  proceeds  stepwise: 

C«H4Oa  +  e  =  C,II40; 

CeH402-  +  H*  =  C0II4O,II 
CtII402II  +  e  =  CeH4CUI- 
C,H402II~  +  H*  =  C,II4(OII)2 
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villi  (lie  addition  of  one  electron  al  llic  firsl  and  third  stages  and  the 
intermediate  formation  of  semiquinones.  According  to  other  concep¬ 
tions,  this  process  occurs  as  follows 

C„II402  2e  =  C#IltOJ- 
C»U4OJ-  •  2 If  =  C,II4(OII)s 

involving  the  simultaneous  addition  of  two  electrons.  In  either 
case,  however,  the  addition  of  one  or  two  electrons  is  assumed  to  be 
the  rale-determining  step  (rds)  on  the  basis  of  kinetic  relationships. 
If  the  rate  of  electrolytic  reduction  (or  oxidation)  is  determined 
by  the  electron  acccplion  (or  donation)  step,  its  kinetics  can  be 
described  by  Iiqs.  (16.67)  and  (16.68): 

i  =1—7=  zFe («« -  ‘onutT  (kc0xe-atFemT  —  kc„e< 1 
i  _7_ 7=  i°e^: - :on/iT (gazrvnr — «( 1  -wf’i/RT) 

or.  at  a  sufficient  deviation  from  equilibrium,  by  Eqs.  (16.65)  and 
(16.66): 

i„  =  7=  zFkc0xe<a‘-ti>FVnTe-a’l'*">T 


To  elucidate  the  nature  of  particles  Ox  directly  subjected  to  reduc¬ 
tion  or  particles  R  taking  part  in  the  oxidation  act,  the  concentra¬ 
tions  of  which  are  included  in  kinetic  equations,  one  usually  utilizes 
data  on  the  order  of  electrochemical  reactions  determined  by  Kq. 
(16.110): 


or  by  the  equation 

<2"> 

An  interesting  example  of  the  uso  of  these  equations  to  identify 
the  mechanism  of  redox  reactions  is  provided  by  the  cathodic  reduc¬ 
tions  of  trivalcul  and  tclravalonl  manganese  ions: 


and 


Mn»+  +  e  =  Mn**  (21.5) 

Mn4*  e  =  Mn**  (21.6) 


Some  data  pertaining  to  the  first  of  these  reactions  are  presented 
in  Fig.  21.2.  Curves  1  and  2  in  Fig.  21.2  contain  Tnfel  lines,  for  which 
Eq.  (16.65)  is  valid: 

i  =  zFkCo^^-^VRTf-azFe/KT 


(21.7) 
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At  £  =  0  this  equation  may  be  written  in  the  form') 


(21.8) 


i  =  zfkcote-azPt/RT 

or,  after  taking  logarithms  and  solving  for  e, 

e  =  b  log  zFk  -f  b  log  c0x  —  b  log  i  (21.9) 

If  the  vulues  of  log  i  corresponding  to  two  concentrations  of  Mn3* 
ions,  which  differ  by  a  factor  of  10,  arc  determined  in  the  Tafcl 
region  at  e  =  const,  as  shown  in  Fig.  21.2,  thou  one  has 


/_£Jog_i_\  ^  /  A  log  1 

'dlo8cMn>*  '« Mn».r,P.t—  UlogeMr 


■1  (21.10) 


i.e.,  the  cathodic  electrochemical  order  of  reaction  (21.5)  with 
respect  to  Mn3*  ions  is  equal  to  unity.  At  the  same  time  the  change 
of  the  concentration  of  Mn2*  ions  at  a  constant  concentration  of 
Mn3*  does  not  affect  the  reaction  rate  at  a  given  potential,  i.e., 

vMn«*(e>  =  0  (21.11) 

Similar  calculations  based  on  data  of  polarization  measurements 
for  reaction  (21.6) 

Mn4*  +  e  =  Mna* 

have  shown  that 

(ti <!'■'*> 


At  the  same  lime  the  rate  of  reaction  (21.6)  increases  with  increasing 
concentration  of  Mn3*  ions.  Such  a  result,  though  parodoxical 
at  first  sight,  can  he  explained  by  assuming  that  reaction  (21.6) 
actually  consists  of  two  steps: 

Mn3*  +  e  =  Mn2* 

M112*  +  Mn4*  =  Mn3* 

The  reduciblo  particles  hero  are  the  Mn3*  ions  and  the  acception 
of  an  electron  by  these  ions  determines  the  kinetics  of  the  overall 
process;  the  subsequent  disproportionation  proceeds  at  a  faster 
rale  thnn  the  discharge  of  manganese  ions. 

The  Rate-Determining  Addition  of  Hydrogen  Atoms.  According 
to  another  mechanism  of  electrorcduction  its  rale  is  controlled 
by  the  addition  of  hydrogen  atoms  to  the  particles  to  be  reduced. 


i>  From  Eqs.  (21.8)  and  (21.9)  it  follows  that  when  reduction  occurs  by  the 
electronic  mechanism  tho  rate  of  the  cathodic  reaction  and  the  electrode  poten¬ 
tial  arc  independent  oi  the  solution  pH. 
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The  firsl  step  in  this  case  is  the  discharge  of  hydrogen  ions  with 
the  formation  of  adsorbed  hydrogen  atoms 

'HjO*  +  e  =  H„d,  +  H*0  (21.13) 

and  the  second  step  is  the  interaction  of  these  atoms  with  the  reducible 
substance: 

Had,  ~  Ox  =  OxH  (21.14) 

The  last  step  determines  the  rate  of  the  overall  process.  For  this 
step  to  occur  it  is  necessary,  first,  that  the  discharge  of  hydrogen 
ions  proceed  unhindered  (or  with  more  ease  than  the  discharge 
of  the  particles  to  be  reduced)  and.  second,  that  the  addition  of 
a  hydrogen  atom  to  a  particle  Ox  occur  more  readily  than  the  recom¬ 
bination  of  two  hydrogen  atoms.  These  conditions  are  best  fulfilled 
on  metals  of  the  platinum  and  iron  groups  and  also  on  other  metals, 
on  which  the  recombination  of  hydrogen  atoms  either  is  the  slow 
step  or  proceeds  at  a  slow  rale.  The  accumulation  of  hydrogen  atoms 
on  the  surface  of  these  metals  during  cathodic  polarization  promotes 
the  hydration  reaction.  Electrochemical  reduction  proceeding  by 
this  mechanism  is  similar  to  the  process  of  catalytic  hydration, 
the  only  difference  being  that  in  the  first  case  hydrogen  atoms  are 
supplied  by  the  current  and  in  the  second  by  dissociation  of  mole¬ 
cular  hydrogen  on  the  catalyst  surface.  In  accordance  with  the 
reaction  equation  (21.14),  one  can  write  the  following  expression 
for  the  reduction  current  density: 

i  =  k[c'0iCH  (21.13) 

At  a  considerable  coverage  of  the  electrode  surface  with  adsorbed 
hydrogen  it  is  necessary  to  take  into  account  the  difference  between 
its  surface  and  bulk  concentrations.  Assuming  that  Freundlich’s 
adsorption  equation 

ch  =  kfCn 

where  0  <  P  <  1.  applies  here,  one  can  write  in  place  of  Eq.  (21.15): 

i  -  hciA  (21.16) 

Substituting  the  concentration  of  hydrogen  atoms  from  the  last 
equation  into  Nornst’s  formula  for  the  hydrogen  electrode  gives 

e  =  const  +  In  cH+  +  In  c0x — In  i  (21 .17) 

The  application  of  the  thermodynamic  equation  of  the  electrode 
potential,  which  is  commonly  used  to  describe  the  equilibrium 
state,  is  justified  here  since  it  has  been  assumed  that  the  discharge 
step  proceeds  unhindered,  which  is  equivalent  to  the  assumption  that 
hydrogen  ions  are  still  in  equilibrium  with  hydrogen  atoms  when 
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(he  cathodic  current  is  flowing.  Front  Eq.  (21.17)  it  follows 
that  when  hydrogen  atoms  serve  as  a  hydrating  agent, 
the  dependence  of  both  the  irreversible  electrode  potential  and 
the  potential  of  the  reversible  hydrogen  electrode  on  the  concentra¬ 
tion  of  hydrogen  ions  obeys  the  same  law.  Metals  on  which  electro- 
reduction  can  be  effected  with  the  aid  of  adsorbed  hydrogen  atoms 
belong  to  the  first  electrochemical  group. 

The  Rate-Determining  Addition  of  Activated  Hydrogen  Atoms. 
The  third  possible  path  of  clcclroreduclion  is  observed  when  the 
rate  of  the  overall  process  is  governed  by  the  interaction  between 
the  hydrogen  ions  in  the  double  layer  and  the  particles  to  be  reduced: 

II,  0*  +  Ox  =  OxII+  +  H20  (21.18) 

and  when  the  electron  addition 

OxH*  +  e  =  OxII  (21.19) 

following  this  interaction  proceeds  unhindered.  The  mechanism 
of  clcclroreduclion  in  which  the  rate  of  the  process  is  determined 
by  the  preliminary  surface  protonation  of  the  reducible  substance 
is  most  probable  on  mercury,  lead,  zinc  and  other  metals  with 
a  high  overpolcnlial  caused  by  the  slow  discharge  of  hydrogen 
ions  (these  metals  belong  to  the  second  group).  When  hydrogen 
ions  lose,  during  discharge,  some  of  the  water  molecules  forming 
their  hydration  sheath,  they  become  more  active.  From  the  poten¬ 
tial  curves  corresponding  to  the  discharge  act  it  follows  that  the 
higher  the  overpolcnlial  on  a  given  metal  the  more  active  the  hydro¬ 
gen  ions  become  before  they  are  discharged  since  the  deviation 
of  the  potential  by  the  value  T)  is  equivalent  to  the  decrease  of  the 
bond  energy  between  the  hydrogen  ion  and  the  water  molecules 
by  the  product  i)F.  For  metals  of  the  first  group  this  mechanism 
is  hardly  probable  because  hydrated  ions  arc  practically  completely 
discharged  on  them  owing  to  the  considerable  heal  of  adsorption 
of  hydrogen  and  to  the  low  activation  energy  of  discharge.  The 
concentration  of  hydrogen  ions  in  the  immediate  vicinity  of  the 
electrode  surface  may  considerably  exceed  their  concentration  in  the 
bulk  of  the  solution. 

The  discharge  of  hydrogen  ions  with  the  formation  of  adsorbed 
hydrogen  atoms 

II, 0*  -f  M  +  «  =  M— II  +  II»0  (21.20) 

in  the  presence  of  reducible  particles  may  also  follow  a  two-step 
path  and  involve  the  formation  of  end  products  through  addition 
of  hydrogen  to  these  particles.  This  eleclroreduclion  process  will 
prevail  if  it  is  kinelically  more  advantageous,  for  example,  if  the 
energy  level  of  the  system  OxH  is  lower  than  that  of  the  system 
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Mf-I  (Fig.  21.3).  The  reducible  particle  will  here  play  Die  role  of 
a  "bridge"  facilitating  the  transfer  of  an  electron  from  the  electrode 
to  the  hydrogen  ion.  If  step  (21.18)  is  rale  limiting,  then,  using 


Fig.  21.3.  Discharge  of  hydrogca  ions  in  the  presence  of  a  reducible  organic 
substance 

the  si ow-di.' charge  theory,  one  can  write  (he  following  expression 
for  the  rate  of  surface  prolonation: 

t  =  *~aFe/BT  (21.21) 

Assuming  : lie  surface  concentration  of  hydrogen  ions  to  be  pro¬ 
portional  to  their  bulk  concentration,  one  gels 

e  const  +  In  cH+  +  4jr ln  co*  —  -§Jr  >"  >e  (21 .22) 

In  this  case  the  electrode  potential  must  vary  with  the  hydrogen- 
ion  concent  ration  according  to  a  law  different  from  the  one  which 
was  valid  for  the  equilibrium  hydrogen  electrode. 

The  concept  of  surface  prolonation  as  a  step  determining,  under 
certain  conditions,  the  rate  of  clcclroreduction,  the  probability 
of  the  occurrence  of  this  step  for  different  catholics  and  also  general 
equations  describing  its  rale  were  discussed  earlier  (Antropov. 
1950-.r>-/i).  Later  these  conceptions  were  substantially  developed  by 
other  researchers,  particularly  by  Mairanovsky.  who  considered 
a  probable  prolonation  mechanism  for  the  special  case  of  mercury 
cathodes.  He  made  a  distinction  between  surface  and  bulk  proto- 
nation,  took  into  account  the  possibility  of  the  change  of  the  proto¬ 
nation  rale  due  to  the  difference  between  the  hydrogen-ion  concentra- 
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lions  in  the  bulk  of  the  solution  and  at  Ihc  electrode  surface  and 
also  derived  some  additional  kinetic  equations. 

The  conception  of  the  possibility  of  clectrorcduclion  proceeding 
by  different  paths  with  (he  rds  involving  different  reducing  agents 
(the  choice  of  which  is  dictated  by  Ihc  nature  of  Ihc  slow  step  of 
hydrogen  evolution  on  a  given  metal)  permits  interpretation  of  a  large 
number  of  experimental  data.  In  particular,  this  concept  enables 
one  to  account  for  the  existence  of  selective  reduction  (sec  Table  21.1). 
The  reduction  of  organic  substances  at  platinum  and  nickel  cathodes 
is  evidently  accomplished  at  Ihc  expense  of  adsorbed  hydrogen 
atoms  which  add  on  to  nonpolar  bonds  (of  the  double  or  triple  type) 
between  carbon  atoms.  Reduction  at  mercury  and  lead  cathodes 
proceeds  at  the  expense  of  hydrogen  ions  which  add  on  more  readily 
to  negative  polar  groups  (c.g.,  carbonyl  or  carboxyl  groups). 

The  different  occurrence  of  clectrorcduclion  on  platinum  and 
mercury  has  been  confirmed  by  a  comparison  of  experimental 
results  with  the  theoretical  equations  (21.9).  (21.17)  and  (21.22). 
For  example,  the  cloclrorcduction  of  nitrobenzene  and  acetone 
on  mercury  proceeds  through  a  surface  prolonation  step.  On  platinum, 
nitrobenzene  is  reduced  in  the  presence  of  adsorbed  hvdrogcn  atoms, 
while  acetone  is  not  reduced  at  all. 

Analogous  results  have  been  obtained  in  studies  of  the  elcclro- 
rcduclion  of  oxygen.  This  reaction  plays  the  crucial  rote  in  processes 
of  metal  corrosion  and  in  the  operation  of  cells  with  air  depolari¬ 
zation.  It  has  received  much  attention  in  recent  years  in  connec¬ 
tion  with  the  problem  of  direct  conversion  of  chemical  onergv  into 
electrical  power  by  means  of  fuel  cells.  The  basic  kinetic  regularities 
of  oxygen  reduction  in  acidic  and  alkaline  mediums  liavo  already 
been  established  (Tomashov,  Krasilshchiknv,  lofa  llagotsky.  and 
others).  For  example,  it  has  been  found  that  Hi,  clectrorcduclion 
of  oxygen  on  mercury,  silver,  and  gold  can  be  describe!  by  the  follow¬ 
ing  equations 

e  =  const  -f  b  log  co,  —  b  log  f  (21.23) 

for  acidic  solutions  and 

e  =  const  +  b  log  Co-  —  b  log  c0H - b  log  i  (21.24) 

for  alkaline  solutions.  Equation  (21.23)  coincides  with  Eq.  (21.9) 
derived  for  the  slow  addition  of  one  electron  to  a  reacting  particle- 
in  this  particular  case,  to  an  oxygen  molecule 

02  +  «  =  0; 

Equation  (21.24)  also  corresponds  to  the  slow  addition  of  an  electron, 
this  time  not  to  an  oxygen  molecule  but  to  the  radical  II02  formed 
in  the  reduction  reaction.  The  end  product  of  the  reaction  is  hydrogen 


peroxide: 


HO*  +  e  =  HO; 

I-IO;  +  H*  =  H202 

When  plalinuin  or  palladium  cleclrodcs  are  used,  the  kinetics 
of  electrorediiclion  is  essentially  different.  Here,  experimental  data 
agree  with  the  equation 

e  =  const  +  b°  log  c«+  +  f>®  log  coj  —  *0S  '  (21.25) 

which  at  p  =  1  coincides  with  Eq.  (21.17)  derived  under  tho 
assumption  that  the  interaction  of  adsorbed  hydrogen  atoms  with 
reducible  particles  proceeds  at  a  slow  rale.  In  the  case  of  Pt  or 
Pd  electrodes  adsorbed  hydrogen  atoms  interact  with  oxygen  mole¬ 
cules: 

HjO*  +  e  =  H„rf,  +  H,0 
Ilads  +  0*  -  HO, 

Tlicn  the  radical  HO-  undergoes  transformations  leading  to  the 
formation  of  hvdrogcn  peroxide.  To  bring  Eq.  (21.17)  into  .agreement 
with  the  experimentally  found  relation  (21.25)  ono  must  assume 
that  p  =  1.  This  assumption  may  be  regarded  as  physically  quite 
justifiable.  The  equality  P  =  1  corresponds  to  the  direct  proportiona¬ 
lity  between  the  bulk  and  surface  hydrogen  concentrations,  which 
is  realizable  a  low  coverage  of  the  electrode  surface  with  adsorbed 
particles.  The  cathodic  reduction  of  oxygen  corresponds  to  this 
condition  because  the  electrode  potential  here  is  shifted  to  the 
positive  side  -rom  the  potential  of  the  reversible  hydrogen  electrode 
to  such  an  extent  that  the  surface  concentration  of  hydrogen  atoms 
must  be  very  low. 

The  elect  roved  net  ion  of  oxygen  proceeds  without  rupture  of  the 
bonds  in  the  initial  molecule  and  involves  the  formation  of  hydrogen 
peroxide  as  an  intermediate.  Conditions  can  be  realized,  however, 
under  which  the  electrochemical  reduction  of  oxygen  will  follow 
a  different  path  -via  the  decomposition  of  its  molecule  into  atoms 
without  formation  of  hydrogen  peroxide: 

Oi  =  20  ad, 

20ad.  +  4H+  +  4*  =  2H20 

The  electrolytic  oxidation  of  organic  substances  has  been  studied 
to  a  considerably  lesser  degree  than  the  reactions  of  cathodic  reduc¬ 
tion.  It  was  not  until  recently  that  this  field  of  electrochemical 
kinetics  had  come  into  focus  in  connection  with  the  utilization 
of  organic  substances  in  fuel  cells.  The  data  available  at  present 
indicate  that,  as  in  cleclrorcduction,  the  electrode  material  plays 
an  important  role  in  this  case,  too.  For  example,  the  electrolytic 
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oxidation  of  a  number  of  organic  substances,  in  particular  lower 
alcohols,  on  metals  of  the  first  electrochemical  group  (platinum, 
nickel)  proceeds  by  the  dissociative  mechanism  with  the  splitting-off 
of  hydrogen  (dehydrogenation)  and  radical  formation: 

RHm  =  RH(m  +  AHodf 

Both  the  radical  and  the  adsorbed  hydrogen  can  be  subjected  to 
further  transformations.  Conversely,  on  metals  of  the  second  group 
the  oxidation  of  the  same  substances  does  not  proceed  through 
the  preliminary  dehydrogenation  step. 

Other  Paths  for  Electrolytic  Reduction  and  Oxidation.  The  three 
versions  discussed  above  do  not  cover  all  possible  paths  for  redox 
reactions.  The  role  of  reducing  and  oxidizing  agents  can  also  he 
played  by  metallic  ions  present  in  solution.  I11  this  case  the  electrode 
process  reduces  to  the  oxidation  (or  reduction)  of  metallic  ions 
variable  valency,  which  then  reduce  (or  oxidize)  Die  organic  sub¬ 
stance.  The  electrolytic  oxidation  of  an  anthracene  suspension  may 
be  quoted  as  an  example.  When  this  suspension  is  subjected  to 
electrolysis,  the  anodic  current  is  almost  completely  consumed 
for  oxygen  evolution.  If,  however,  a  small  amount  of  a  cerium, 
chromium  or  manganese  salt  is  added  to  the  suspension,  then, 
apart  from  oxygen,  anlhraquinonc  is  also  formed  on  the  anode. 
The  reaction  evidently  proceeds  as  follows:  the  ions  of  a  metal, 
say,  cerium,  are  oxidized  at  the  anode: 

Ce3*  =  Cc4*  +  e 

and  then  react  with  anthracene,  which  is  thus  converted  into  anthra- 
quinone: 

6Ce4*  +  CUH10  +  2H20  =  CCc3*  +  C(ifist),  r  611* 

The  cerous  ions  formed  are  again  oxidized  to  eerie  ions  according 
to  the  first  equation.  Thus,  here  only  the  intermediate  reaction  — 
the  recovery  of  lelravalent  ceric  ions— occurs  as  an  electrochemical 
process  on  the  electrode  surface,  while  the  oxidation  of  anthracene 
takes  place  in  the  bulk  of  the  solution  and  is  a.  purely  chemical 
reaction  independent  of  the  electrode  potential.  The  transfer  of  the 
reaction  from  the  electrode  surface  into  the  bulk  of  the  solution 
can  be  effected  not  only  by  introducing  special  substances  but 
by  the  reactants  themselves— free  radicals,  and  other  active  particles 
capable  of  initiating  a  chain  reaction.  The  oxidation  reaction  may 
involve  the  formation  of  intermediates,  which  serve  as  an  auloca- 
talyst  (Khomutov). 

The  concept  of  the  electrochemical  reduction  and  oxidation 
reactions  will  be  substantially  changed  if  one  assumes  the  partici¬ 
pation  of  solvated  electrons  e,  in  these  reactions.  In  this  case  the 
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primary  act  of  reduction  is  the  formation  of  solvated  electrons 
near  the  cathode  _  _ 

«(mj  +  L  =  e. 

and  the  primary  act  of  oxidation,  the  splitting-off  of  an  electron 
from  the  oxidized  particle  and  its  solvation: 

R+L  =  R’+e. 

The  secondary  reduction  act  is  the  addition  of  the  solvated  electrons 
to  the  particles  to  he  reduced: 

Ox  -f  e,  =  Ox"  +  L 

and  the  secondary  oxidation  act  is  the  transfer  of  the  solvated  elec¬ 
trons  to  the  anode:  _  _ 

e,  =  «(MJ 

Further  transformation  of  particles  R*  and  Ox"  depends  on  their 
nature  and  on  the  conditions  of  the  corresponding  reactions. 

When  solvated  electrons  aro  involved,  redox  reactions  are  no 
longer  purely  heterogeneous  processes  taking  place  at  the  electrode- 
electrolyte  interface;  they  now  occur  at  a  certain  distance  from 
it,  in  the  bulk  of  the  solution. 

The  probability  of  such  reactions  taking  place  in  the  solution 
and  the  distance' from  the  electrode  surface  must  be  the  greatest 
in  solvents,  in  which  the  lifetime  of  solvated  electrons  is  maximal. 
Such  process'  -  are  of  great  interest  to  theoretical  electrochemistry. 

21.:-..:'.  THE  BOLE  OF  ADSOBPTION  PHENOMENA 
IN  ELECTROCHEMICAL  REDOX  REACTIONS 

The  adso'.aaion  of  reacting  particles  on  the  electrode  surface 
is  not  a  necc-ary  precondition  for  electrochemical  redox  reactions. 
However,  it  usually  plays  an  important  role,  and  neglect  of  this 
phenomenon  leaves  a  gap  in  the  theory  of  redox  reactions. 

It  is  thought  that  even  in  the  case  of  simple  redox  reactions  (ion 
recharge),  adsorption  phenomena  influence  the  kinetics  of  electrode 
processes.  Indeed,  during  electroreduct  ion  ions  of  higher  valency 
Mh  (we  will  call  them  primary  ions)  are  converted  into  ions  of  lower 
valency  M“  (secondary  ions),  which  are  not  subjected  to  further 
reduction  under  the  electrolysis  conditions  chosen.  Ions  M"  are 
formed  at  the  same  site  where  ions  MA  resided  previously.  If  the 
removal  of  the  M"  ions  from  the  electrode  surface  is  hampered,  the 
reduction  will  be  slowed  down  since  the  approach  of  reducible 
particles  to  the  surface  is  made  difficult  and  their  concentration 
on  the  electrode  surface  decreases.  In  order  to  quit  the  electrode 
surface  secondary  ions  have  to  overcome  a  certain  barrier  associated 


470  Part  Six.  The  Kinetics  of  Some  Electrode  Processes 

with  the  difference  in  tiieir  energy  levels  in  the  hulk  of  the  solu¬ 
tion  and  at  the  interface.  But  since  primary  ions  can  occupy  their 
site,  the  actual  energy  barrier  will  depend  on  the  probability  of  an 
energy  exchange  and  gain  during  adsorption  of  primary  ions,  i.c., 
in  the  long  run  on  the  potential  and  charge  of  the  electrode  and 
also  on  the  concentration  and  nature  of  the  ions.  If  the  positive 
charge  of  primary  (reducible)  ions  is  higher  than  that  of  secondary 
ions,  the  shift  of  the  potential  to  the  negative  side  must  be  more 
favourable  for  adsorption  of  primary  ions,  which  facilitates  the 
removal  of  the  reaction  products.  These  conditions  are  realizable, 
for  example,  when  iron  ions  Fe3'  and  Fe5*  and  thallium  ions  TP*, 
Tl*  are  recharged,  because  the  difficulties  associated  with  the  desorp¬ 
tion  of  Fe1*  or  TI*  ions  are  not  great  in  eleclrorcduclion.  Conversely, 
if  in  elcclroreduclion  the  positive  charge  of  primary  ions  is  lower 
than  that  of  secondary  ions,  then  the  difficulties  due  to  the  neces¬ 
sity  of  desorption  of  the  latter  must  be  considerable.  This  is  observed, 
for  example,  in  the  reduction  of  CcO2*  ions  to  Cea*.  The  greatest 
hindrances  should  be  expected  in  those  cases  where  primary  ions 
are  charged  negatively  and  secondary  ions  positively  (the  reduction 
of  a  metavanadale  ion  VOj  to  a  vanadyl  ion  V02i).  These  assump¬ 
tions  are  in  agreement  with  the  experimental  data  obtained  in  the 
recharge  of  iron,  cerium,  thallium,  vanadium  and  molybdenum 
ions. 

Adsorption  phenomena  assume  still  greater  importance  in  the 
case  of  electrolytic  reduction  and  oxidation  of  uremic  substances. 
Neglect  of  adsorption  would  make  it  impossible  to  account  for 
the  frequently  observed  seemingly  fractional  or-ti i  of  the  electro- 
reduction  reaction.  It  is  known  that  the  fractional  order  is  characte¬ 
ristic  of  heterogeneous  catalytic  processes  involvin';  adsorbed  partic¬ 
les.  The  fractional  reaction  order  reflects  the  difference  between 
the  bulk  and  surface  concentrations  of  these  particles.  1 1  is  interesting 
to  note  in  this  connection  that  the  exponent  of  llm  hulk  concentra¬ 
tion  of  acetone  is  found  to  be  the  same  both  in  the  kinetic  equation 
describing  the  process  of  its  eleclrorcduclion  on  a  mercury  cathode 
and  in  Frcundlich’s  equation  describing  the  adsorption  of  acetone 
on  mercury.  This  result,  coupled  with  the  data  obtained  in  studies 
of  the  effect  of  pH  on  the  kinetics  of  the  process,  has  led  to  the 
conclusion  that  the  eleclrorcduclion  of  acetone  on  mercury  in  acidic 
solutions  is  a  first-order  reaction  with  respect  to  both  acetone  and 
hydrogen  ions. 

The'occurrence  of  an  elcclrorcduction  reaction  via  the  adsorption 
step  is  more  probable  and  energetically  more  advantageous  even 
in  those  cases  when  the  surface  coverage  with  depolarizer  particles 
is  very  low. 

The  degree  of  adsorption  on  the  surface  of  on  electrode  depends 
on  its  potential  or,  more  exactly,  on  its  charge,  a  circumstance 
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hov  ,-i?v«l'r|ni!It  0i"  l*,c  kinetics  of  elcctroreduction 
processes  if  they  involve  adsorbed  particles.  To  find  out  the  role 
of  a  surface  charge  in  elcctrorcduction  it  should  be  recalled  how  the 
shape  of  elcctrocapillary  curves  is  affected  by  surface-active  sub¬ 
stances.  llie  highest  absorbability  „f  organic  molecular  substances 
is  observed  near  the  null  point  of  mercury  (sec  Fig.  10.2,  page  250). 
When  the  deviation  from  this  point  is  considerable,  organic  .substan¬ 
ces  arc  displaced  from  the  metal  surface  and  cease  to  affect  the 
shape  of  the  elcctrocapillary  curve.  Suppose  that  the  potential 
at  which  a  given  substance  is  capable  of  undergoing  reduction 
corresponds  to  a  certain  value  e„  marked  by  a  vertical  lino  in 
Fig.  10.2c.  At  this  potential  value  the  surface  concentration  of  the 
organic  substance  is  sufficiently  high,  which  is  evidenced  by  the 
value  of  the  surface- tension  decrement  A  a.  An  increase  in  the  catho¬ 
dic  potential,  i.c.,  a  rise  in  the  overpolcntial,  reduces  A  a  due  to 
the  drop  in  the  surface  concentration  of  the  organic  substance  which 
creates  it.  This  will  accordingly  decrease  the  rate  of  elcctroreduction. 
At  still  higher  negative  values  of  the  potential,  when  the  surface- 
tension  decrement  Ao  is  equal  to  zero,  the  surface  concentration 
of  the  organic  substance  becomes  so  small  that  no  depolarizer  mole¬ 
cules  arc  found  on  the  electrode  surface,  and  in  their  absence  electro- 
reduction  is  naturally  impossible.  Thus,  not  only  (ho  values  of  the 
cathodic  potential  and  the  hydrogen  ovcrpotcnlial  (the  deviation 
of  the  potential  from  the  equilibrium  value)  arc  important  for 
the  process  of  elcctrorcduction  but  also  the  potential  on  the  cor¬ 
relative  scale,  which  characterizes  the  magnitude  and  sign  of  the 
charge  on  tin*  metal  surface. 

Suppose  that  the  elcctrorcduction  of  a  substance  on  different 
metals  is  carried  out  at  one  and  the  same  value  of  the  cathodic  poten¬ 
tial,  say,  at  -0.8V  on  the  hydrogen  scale.  Mercury.  lead,  zinc  and 
silver  are  used  as  the  cathode.  All  these  metals  belong  to  the  first  elec¬ 
trochemical  group  and  hence  do  not  differ  in  the  nature  of  the  reducing 
agent.  lint  even  in  this  case  the  reaction  conditions  on  these  metals 
will  be  different  at  the  same  cathodic  potential.  This  is  attributed 


to  the  difference  in  their  charges  and  in  the  degree  of  adsorption  of 
the  reducible  substance.  The  null  points  (sec  Tabic  10.5,  page  278) 
of  these  metals  arc  as  follows:  —0.2V  for  mercury.  —0.7V  tor  lead. 
—0.5V  for  zinc,  and  —0.4V  for  silver.  At  the  same  cathodic  poten¬ 
tial  (— 0.SV)  the  potentials  of  these  electrodes  on  the  correlative 
(reduced)  scale  will  therefore  be  different.  They  will  be  equal  to 
_0.8-  (-0.2)  =  -0.6V  for  mercury.  -0.8-  (-0.7)  =  -0.1V  for 
lea(|.  —0.8  —  (—0.5)  =  —0.3V  for  zinc,  and  —0.8  —  (—0.4)  = 
=  —0.4V  for  silver.  As  follows  from  Fig.  21.4.  at  these  values  of 
the  cp  potential  the  most  favourable  conditions  for  elcctroreduction 
arc  attained  when  zinc  and.  especially  lead  cathodes  arc  used;  these 
conditions  are  much  less  favourable  on  mercury.  The  magnitude 
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nL  l  aCn  C"S,°f"  ,lecremcnl  fa»s  precisely  in  this  order, 
a",*0.'®?5  lhc  concentration  of  the  reducible  substance, 

elect r  or!>d  nM !' H  ?he  cond1ilions  on  il  ■»  still  less  favourable  for 
tiai  •  S‘niCC  at  ‘a®  P°,ential  chosen  (-0.8V)  its  <p  polcn- 

nit,  o  ,S  Tm  to  —0-8  —  (—0.2)  =  —  1.0V.  lies  bevond  the 
limits  of  percept, ble  adsorption  of  an  organic  substance').  In  the 


of 'organic  sub«tnnei>s  .cllarKc  of  the  electrode  surface  t 

_  «  ....  "■'*  m  uicir  electroreduction  at  a  cathodic 

1,1  'I  the  potential  on  ll.i 


,s  I  "e  surface 


.or  pi  ion 


ofli c ienev' 'Ts '  o'l'i  •  °f  a?olon®  an  aci‘l  medium  the  highest  current 
on  mercSry  trVC(l  T  lcnd  nnd  zi"c  cal  hod  os;  it  is  much  less 
surface  chnm>  ?q"al  ,0  zero  platinum.  The  magnitude  of  the 
eleclrorcducUon  i •  ",n"cncc  "0|  only  on  the  efliciency  of  an 
of  the  cl  S  ?C‘ c":  in  cases  il  also  determines  lhc  nature 
may  yield  two  „P:?*S.'  ^or  oxample,  the  electroreduction  of 
Considering  th- 1  .'|CI|>.a  p,,d  Products:  isopropyl  alcohol  and 
•he  lirst  si ...»  1  .  lsn  hrsl-order  reaction  with  respect  to 

I  can  bo  represented  as  follows: 


:etonc 

nacol. 


u  *3  —  C  —  Cl  tj  -j-  I  I  =  CI  I,  -  C  -  Cl  I, 

platinum  w?H  bo  a"riSamo  electrode  potential  the  electroreduction  conditions  ou 
ageut.  °mcrcnt  also  because  of  the  different  nature  of  the  reducing 
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The  free  radicals  formed  can  be  either  reduced  to  yield  isopropyl 
alcohol: 

OH  Oil 

I  I 

CH,  _  C — CH,  +  H  =  CI  I,  -  C  -  Cl  I, 


or  recombined  to  produce  pinacol: 

CH,  CII,  CII,  CH, 

II  II 

HO  — C—  4-  —  C  — OH  =  HO  — C— C— OH 

II  II 

CH,  CH,  CH,  CH, 

Since  the  rate  of  the  formation  of  isopropyl  alcohol  depends  on  the 
surface  concentration  of  radicals  to  the  first  power  and  that  of  pina¬ 
col.  to  the  second,  a  measurable  yield  of  pinacol  can  be  obtained 
only  when  Hip  surface  concentration  of  free  radicals  is  sufficiently 
high  under  eiven  elect rorcduclion  conditions.  This  requirement 
must  be  bes!  fulfilled  for  lead  cathodes,  on  which  the  current  yield 
of  pinacol  is  the  highest  in  fact. 

On  the  basi.-s  of  the  foregoing  one  can  draw  the  following  conclu¬ 
sions. 

1.  The  rourse  of  electrochemical  redox  reactions  depends  not 
only  on  the  ralliodic  potential  (the  overpolcntial)  but  also  on  the 
charge  of  th..  metal  surface,  which  is  determined,  to  a  first  approxi¬ 
mation.  by  ii»e  value  of  the  <p  potential  (the  deviation  of  the 
electrode  potential  under  given  conditions  from  the  null  point  of  the 
electrode  mciai).  Merc  the  overpolcntial  serves  as  a  measure  of  the 
reducing  or  oxidizing  action  of  the  electrode  under  given  conditions, 
and  the  9  potential  determines  the  surface  concentration  of  depola¬ 
rizer. 

2.  The  equality  of  the  potentials  of  different  electrodes  docs  not 
yet  provide  identical  conditions  for  a  redox  reaction  since  the  null 
points  of  metals  arc  different.  Depending  on  the  null  point  of  the 
electrode  metal  used,  the  same  value  of  the  potential  may  corre¬ 
spond  to  different  surface  charges  and  hence  to  different  conditions 
of  depolarizer  adsorption. 

3.  The  values  of  the  e  and  9  potentials  combined  determine  not  only 
the  effectiveness  but  also  the  direction  of  the  electrochemical  redox 
reaction  and  also  the  most  probable  nature  of  its  end  products.  Tho 
closeness  of  the  reduction  (or  oxidation)  potential  to  the  null  point 
of  the  electrode  usually  promotes  the  formation  of  bimolecular  reac¬ 
tion  products. 
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ft.  An  increase  in  llic  cathodic  potential  changes  the  surface 
charge  and  hence  the  conditions  of  adsoplion  on  the  cathode.  Depend¬ 
ing  on  the  nature  of  the  depolarizer  chosen,  this  either  accelerates 
or  retards  the  electrochemical  redox  reaction.  At  considerable  devia¬ 
tions  from  the  null  point  (which  implies  a  high  value  of  the  <p  poten¬ 
tial)  the  surface  concentration  of  the  depolarizer  becomes  negligibly 
small  and  the  olcclrorcduclion  may  slop.  Therefore,  apart  from 
the  diffusion  limiting  current  density,  there  must  also  exist  an 
adsorption  limiting  current  density. 

These  considerations  expressed  by  Antropov  in  1954  are  associated 
neither  with  the  assumption  as  to  nature  of  the  slow  step  nor  with 
any  special  assumption  concerning  the  nature  of  the  forces  respon¬ 
sible  for  the  change  of  the  depolarizer  adsorbability  with  potential. 
They  are  based  only  on  the  results  of  purely  experimental  studies 
of  clcctrocapillary  phenomena  and  also  on  the  concept  of  the  cor¬ 
relative  potential  scale. 

The  effect  of  the  charge  of  the  electrode  on  adsorption  and  lienee 
on  the  kinetics  of  clcclrorcduction  can  also  be  expressed  quantita¬ 
tively,  using  the  concept  of  the  correlative  scale  and  introducing 
tlie  q)-potential  function  into  the  kinetic  equation: 


i  =  k,cine~ 


llie  form  of  the  function  /  (<p)  is  governed  by  the  law  of  variation 
of  the  surface  concentration  of  reducible  particles  with  deviation 
of  the  potential  from  the  null  point.  For  organic  molecular  sub¬ 
stances,  the  approximate  expressions  of  this  la-  re  Frumkin’s 
eq , inlions  [Eqs.  (10  39)  ,„d  (10.^,..,.  respectively,. 
It  IS  these  equations  that  were  used  by  Anlronov  in  iq-tS-V)  in 
writing  Eq  (21.26)  in  expanded  form.  «!.»)  “ of Con¬ 

siderable  interest  since  it  is  the  first  kinetic  form,. I ,  Ji./ot, 
from  II, o  electrode  polonli.il  on  the  convem/ennl  ,'v,|™  So 
contains  also  the  electrode  potential  on  tlm  ,  g.  ,a.  ,* 

is  a  function  of  the  null  point  of  a  metal  ?  S 

and  Bockris  and  Poller  (1952)  proposed  imfc  *  ’,  K  ,  (19f‘9 

different  formulas  reflecting  the  role  of  the  nut '!  soiI«e"r,*at 
of  electrode  processes.  Recently  this  problem  1  °U'  1,1  .l  ,e  J<ino,1Cj1 
the  attention  of  clcctrochcmists  (Mairanov«t-«  aga,ln  al,rac,e<‘ 
Delahay.  and  others)  and  was  claboralo?l  r,  /,  1  codoradze,  .Molincr, 

The  effect  of  the  charge  on  adsorption  miiQi  101 '  .  ..  ,  . 

when  organic  molecular  substances  p-,,.1 :  sl  revea*  itself  not  only 
reactions.  The  desorption  of  anions  occurs  ?V>a,.e  *n  e*cc,rocl,cmjca* 
to  the  negative  side  from  the  null  point  of  smaller  deviations 
tion  of  unionized  particles  (see  Fig.  iq  o'  a  n,c,al  than  the  desorp- 
thal  when  anions  are  discharged,  the  dec  *>nge  ^50).  This  suggests 
reduction  must  be  more  pronounced  and  reasc  *n  the  rale  of  cleclro- 
tlian  in  the  eleclroreduction  of  organic.  Can.  *)c  effected  more  easily 
b  n,c  molecules. 
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This  decay  of  Ihc  current  was  delected  by  Kryukova  (104!))  in  the 
oleclrorcduclion  of  persulphate  ions.  Kryukova  ascribed  this  effect 
to  the  change  of  the  surface  concentration  of  persulphate  ions  under 
the  influence  of  the  electric  field  in  the  double  layer.  This  current 
decay  may  he  regarded  as  the  first  experimental  proof  of  theoretical 
predictions  made  by  Antropov  on  Ibe  basis  of  clcclrocapillory 
measurements.  It  should  be  stressed  at  the  same  lime  that  the 
phenomenon  observed  by  Kryukova  and  known  as  the  Kryukova 
effect  is  not  restricted  to  the  current  fall.  After  the  current  drops 
to  a  certain  minimum  value,  it  mounts  up  again  (see  Fig.  21.1), 
i.c.,  the  process  of  cleclroreduclion  is  resumed.  The  latter  point 
does  not  follow  directly  from  clcctrocapillary  data. 

The  Kryukova  effect  theory  suggested  by  Frumkin  is  based  on 
the  assumption  that  the  rale  of  the  cleclroreduclion  of  an  anion 
is  determined  by  the  discharge  step.  If  the  reverse  reaction  is  ignored, 
one  can  write  the  following  equation  for  the  discharge  current 
density: 

!-HcU«L p  {-*(,„raf}  (21.27) 

where  c'ux  is  the  surface  concentration  of  anions  and  (e  —  £)  is  the 
potential  drop  in  the  Helmholtz  region  of  the  double  layer.  Using 
the  Stern  equation  to  relate  the  bulk  (coi)  and  surface  (c‘0t)  con¬ 
centrations  of  anions  and  substituting  the  value  of  the  latter  into 
Eq.  (21.27),  one  obtains 

where  z  is  (be  valency  of  the  anion.  Equation  (21.28)  contains  two 
potential-variant  factors.  One  of  them,  exp  {—a FelttT),  increases 
continuously  as  the  value  of  e  is  shifted  to  the  negative  side  and 
the  other,  exp  {{a-\-z)  F\/RT),  falls  with  decreasing  degree  of 
diffusion  in  the  double  layer.  The  greatest  change  of  the  £  potential 
is  observed  near  the  null  point  and  therefore  its  effect  is  found  to  he 
predominant  here,  which  results  in  a  current  fall.  With  further  in¬ 
crease  of  Ihc  cathodic  polarization  the  £  potential  changes  more 
gradually  and  the  second  factor  becomes  decisive,  which  results  in 
a  current  rise.  Frumkin's  theory  thus  accounts  for  the  current 
fall  and  rise  on  the  polarization  curve.  This  theory  is  also  in  accord 
with  experimental  findings  concerning  (he  effect  of  extraneous 
(indifferent)  ions  on  the  cleclroreduclion  of  anions.  Frumkin's 
theory  however  fails  to  explain  the  changes  in  the  shape  of  reduc¬ 
tion  polarization  curves  observed  when  going  from  one  type  of 
reducible  anions  to  another. 

We  have  so  far  considered  the  role  of  adsorption  only  in  the  electro¬ 
lytic  reduction  (or  oxidation)  reaction  proper.  Adsorption  must 
also  affect  the  kinetics  of  competing  reactions,  i.e.,  the  kinetics 
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of  hydrogen  or  oxygen  evolution.  The  presence  of  adsorbed  substan¬ 
ces  on  the  electrode  surface  may  either  increase  or  decrease  the 
hydrogen  or  oxygen  overpolential.  This  in  turn  will  alter  the  con¬ 
ditions  of  reduction  or  oxidation  reactions.  These  conceptions  are 
in  conformity  with  the  experimental  fact  that  the  electrochemical 
reduction  or  oxidation  of  many  substances  often  proceeds  with 
a  considerable  current  efficiency  at  potentials  markedly  higher 
than  those  at  which  (for  the  same  current  density)  hydrogen  or 
oxygen  is  evolved  from  solutions  containing  no  depolarizer.  For 
example,  the  Kolbe  synthesis  is  feasible  just  because  organic  sub¬ 
stances  adsorbed  on  a  platinum  electrode  poison  it.  thereby  hindering 
oxygen  evolution  and  shifting  the  potential  to  a  value  at  which 
anions  of  carbonic  acids  can  begin  to  oxidize  (Antropov,  1!I4G). 
At  first  glance  the  adsorption  of  organic  substances  at  such  posi¬ 
tive  potentials  seems  to  be  impossible.  It  is  necessary  however  to 
take  into  account  that  the  oxidation  of  the  electrode  surface  results 
in  an  increase  in  the  electronic  work  function  and  hence  in  a  shift 
of  the  uncharged-surface  potential  to  the  positive  side.  In  isolated 
coses  the  value  of  £  changes  by  one  volt  or  more.  Therefore,  when 
the  potential  of  a  given  metal  is  shifted  from  the  most  negative 
to  the  most  positive  values,  it  may  happen  that  not  one  but  two  or 
more  maxima  of  the  adsorption  of  organic  substances  appear  near 
the  corresponding  uncharged-surface  potentials. 


CHAPTER  22 
Electrodeposition  of  Metals 
from  Solutions 


22.1.  GENERAL  DESCRIPTION  OF  TI1E  PROCESS 
The  elect roclieniical  deposition  of  metals  from  aqueous  solutions 
of  their  compounds  lies  at  the  basis  of  hydro-  and  electrometallurgical 
processes,  i.o..  extraction  of  inclals  from  their  ores  ( electrowinning ) 
and  their  purification  (electrorefining)  by  electrolysis.  Among  the 
metals  produced  and  refined  by  hydro-  and  electrometallurgical 
processes  are  copper,  nickel,  zinc,  cadmium,  tin,  lead,  silver,  gold, 
manganese,  etc.  Technically  pure  metals  can  he  produced  and  metals 
recovered  profitably  from  low-grade  ores  by  hydro- and  electrometal¬ 
lurgy.  The  electrochemical  deposition  of  metals  is  used  to  protect 
the  basis  metal  from  corrosion  by  coaling  it  with  more  stable  metals 
or  alloys  and  also  to  imparl  a  pleasing,  decorative  appearance  to 
articles  (electroplating).  Another  use  of  metal  eleclrodeposilion 
is  for  producing  replicas  and  reproducing  works  of  art,  for  the 
manufacture  uf  strips,  seamless  tubes,  printed  circuits,  etc.  (electro- 
forming  am'  ■Icctrotyping).  The  possibility  of  using  electrolysis  with 
metal  deposition  to  satisfy  practical  demands  was  first  indicated 
in  1837-38  hy  the  Russian  Academician  Yakobi.  who  can  be  rightly 
called  the  ..von lor  and  founder  of  electroplating  and  related  pro¬ 
cesses. 

Metals  arc  generally  elect  roly  tically  deposited  from  solutions 
of  their  simple  salts— sulphates,  chlorides  or  nitrates.  The  overall 
cathodic  reaction  in  this  case  is  the  discharge  of  hydrated  metallic 
ions  with  their  subsequent  incorporation  into  the  crystal  lattice 
of  a  calhodically  formed  deposit: 

M*+.*H20  -f  ze  =  (MI  -I-  xIIjO  (22.1) 

The  cathodic  deposition  of  metals  from  solutions  of  their  complex 
ions  with  a  net  positive  (or  negative)  charge  also  finds  wide  use. 
especially  in  electroplating.  For  solutions  containing  complex  ions 
the  overall  reaction  of  cathodic  metal  deposition  may  be  written 
as  follows: 

MAS"*  +  ze  =  (Ml  -f  xA-  (22.2) 

where  z  is  the  valency  of  the  metal  in  the  complex  MAJ-*. 

The  electrochemical  deposition  of  metals  from  aqueous  solutions 
always  occurs  at  a  more  electronegative  potential  than  the  equili- 
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brium  potential  of  the  corresponding  metal  under  given  conditions. 
The  difference  in  potential  between  an  electrode  at  equilibrium 
and  an  electrode  subjected  to  an  external  current  (i.c.,  in  the  cathodic 
deposition  of  metals)  corresponds  to  the  electrode  polarization 
Ae  =  MEj  —  Mer  (22.3) 

That  part  of  the  total  polarization  which  is  not  associated  with 
the  slow  transport  process  is  often  called  the  metal  overpolenlial. 
The  magnitude  of  overpotential  is  here  also  related  to  the  nature 
of  the  electrode  process. 

As  in  other  electrode  reactions,  in  the  electrochemical  deposition 
of  metals  the  polarization  is  dependent  on  current  density,  increasing 
with  it.  In  this  case,  however,  the  form  of  this  dependence  is  often 


Fig.  22.1.  Various  growths  of  a  cathodic  depo>i>: 


more  complicated.  Even  for  the  deposition  of  the  same  metal,  the 
results  of  polarization  measurements  may  take  the  form  (depending 
on  the  range  of  current  densities  used,  solution  composition  and 
temperature)  of  straight  lines  in  one  of  the  following  coordinate 
systems: 

il-i,  q— log/,  i--logi, -i-_ log/ 

Experimental  investigation  of  the  kinetics  of  the  cathodic  depo¬ 
sition  of  metals  is  a  complicated  task,  because  of  the  specific  features 
of  this  process.  The  cathode  surface  docs  not  remain  intact  during 
electrolysis,  it  changes  all  the  time  as  the  metal  is  being  deposited. 
The  growth  of  a  deposit  is  essentially  dependent  on  the  nature  of  the 
metal  and  electrolysis  conditions.  Some  metals,  e.g.  silver  and 
thallium,  arc  characterized  by  the  formation  of  very  thin  needle-like 
crystals  called  whiskers  and  dendrites.  By  watching  the  growth 
of  a  needle-like  crystal  one  can  sec  that  its  cross-section  is  changed 
os  the  applied  current  is  varied.  Often  (sec  Fig.  22.1a)  the  needle- 
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like  crystal  becomes  thicker  with  increasing  current  and,  conversely, 
its  thickness  diminishes  as  the  current  falls  (Samartsev.  Gorbunova. 
Vagramyan).  The  surface,  on  which  metal  deposition  occurs,  adapts 
itself,  as  it  were,  to  the  current  in  such  a  manner  that  the  current 
density  and.  hence,  the  linear  rate  of  growth  of  the  crystal  remains 
approximately  the  same.  Not  infrequently  lamellar  growth  of  a  depo¬ 
sit  is  observed,  in  which  case  the  crystalline  packet  moves  at  a 
definite  rate  along  the  cathode  surface  (Fig.  22.1b).  The  metal  is 


Fig-122.2.  Micrograph  of  the  spiral  growth  of  a  silver  deposit  (after  Kaischcw) 


deposited  not  on  the  entire  surface  but  only  on  the  slope  of  the 
packet,  which  is  thus  the  actual  advancing  crystal  front.  By  studying 
the  conditions  under  which  a  deposit  is  formed  on  a  single  crystal 
of  silver  it  was  found  that  the  crystal  grows  regularly  along  one 
or  several  spirals.  Figure  22.2  shows  a  typical  micropicture  of  the 
spiral  growth  of  silver. 

The  specificity  of  the  growth  of  electrolytic  metal  deposits  makes 
it  difficult  to  measure  the  current  density  or,  in  other  words,  the 
rate  of  an  electrochemical  process.  Here  one  should  distinguish  between 
the  apparent  current  density,  i.c.,  the  current  per  unit  of  geometrical 
(visible)  surface  area  of  the  electrode,  and  the  true  current  density, 
which  is  equal  to  the  ratio  of  the  current  to  the  active  surface  area, 
i.e.,  to  the  actual  growth  surface  of  the  deposit.  During  the  forma¬ 
tion  of  a  cathodic  deposit  the  true  current  density  may  vary  with 
the  apparent  current  density  remaining  constant. 
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Study  of  the  kinetics  of  electrodeposition  of  metals  is  also  associa¬ 
ted  with  difficulties  due  to  the  time  variation  of  the  cathode  poten¬ 
tial.  The  variation  of  the  potential  and  of  electrode  polarization 
is  caused  not  only  by  the  change  of  the  active  surface  area  and  of  true 
current  density  but  by  other  factors  as  well.  The  lime  variation 
of  the  potential  is  especially  pronounced  during  the  deposition 
of  metals  on  electrodes  of  other  metals  when  electrolysis  gives  rise 
to  a  new  metallic  phase,  for  example,  during  the  deposition  of  cad¬ 
mium,  copper,  silver,  mercury,  and  a  number  of  other  metals  on 
a  platinum  cathode.  This  phenomenon 
was  first  delected  by  Lcltlnnc  in  1910. 
The  overpotculial  is  found  to  vary  with 
lime  also  during  the  deposition  of  a  me¬ 
tal  at  a  cathode  of  the  same  metal. 
Figure  22.3  is  a  typical  polarization- 
lime  curve  obtained  in  the  deposition 
of  silver  at  a  silver  cathode  (Samarl- 
sev,  Evslropicv). 

In  the  usual  procedure  of  tracing  po¬ 
larization  curves  the  potentials  are 
measured  after  a  certain  lapse  of  lime 
from  the  moment  when  a  new  value  of 
current  is  applied.  Tlies  •  time  intervals 
are  different  in  experiments  carried  out 
by  different  authors.  As  follows  from  the 
lime  variation  of  the  pole: Hal  (Fig.  22.3). 
widely  differing  values  >u  polarization 
arc  obtained  at  the  same  current  den¬ 
sity,  which  makes  the  data  of  different  authors  incomparable. 

The  nature  of  a  deposit  and  the  conditions  of  its  formation  in  lime 
at  a  constant  current  (or  at  a  constant  potential)  depend  not  only 
on  the  type  of  the  metal  but  also,  to  a  large  degree,  on  the  solution 
composition  and  the  impurities  present  in  solution.  The  presence  of 
surface-active  substances  and  also  of  various  oxidizing  substances 
(c.g.  dissolved  oxygen)  affects  the  kinetics  of  metal  electrodeposition. 
The  degree  of  purity  of  the  solution  and  the  nature  of  the  impurities 
may  affect  the  crystal  growth,  the  number  of  crystallization  centres 
arising  in  unit  time  on  a  unit  surface  area  of  the  cathode,  the 
polarization  at  a  given  current  density,  its  variation  with  time, 
etc. 

In  those  cases  where  the  cathodic  yield  of  a  metal  is  lower  than 
unity  (electronegative  metals,  high  current  densities)  complications 
arise,  which  are  associated  with  the  variation  (usually,  the  increase) 
of  the  pH  in  the  catholyte  owing  to  hydrogen  evolution.  The  alkali¬ 
zation  of  the  solution  near  the  cathode  favours  the  hydrolysis  of  the 
metal's  salts  with  the  formation  of  its  basic  salts  and  hydroxides, 


Fig.  22.3.  Variation  of  over- 
potcntinl  with  (imo  frequ¬ 
ently  observed  in  the  cat¬ 
hodic  deposition  of  a  metal 
(after  Samartscv  and  Evstro- 
pyov) 
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which  can  affect,  the  course  of  cleclrodeposilion  and  be  incorporated 
into  Ihc  calhodic  deposit. 

In  spite  of  serious  difficulties  encountered  in  experiments  and  in 
theoretical  interpretation  of  the  results  obtained  due  to  the  specific 
features  of  metal  deposition  processes,  a  large  body  of  factual 
material  has  been  accumulated  and  definite  conceptions  have  emerged 
concerning  the  nature  of  these  processes.  Sufficiently  reliable  data 
can  now  be  obtained  owing  to  the  improved  experimental  technique 
(new  methods  of  investigation,  which  make  it  possible  to  avoid 
complications  associated  with  the  peculiarities  of  crystal  lattice 
buildup  and  lime  variation  of  potential);  the  development  of  proce¬ 
dures  for  measuring  the  growth  surface  and.  accordingly,  the  true 
current  density;  thorough  purification  of  solutions,  etc. 

22.2.  TIIE  EFFECT  OK  VARIOUS  FACTORS 
ON  CATHODIC  DEPOSITION  OF  METALS 

22.2.1.  THE  ROLE  OF  THE  METAL  NATURE 
In  Ihc  electrolysis  of  solutions  of  simple  salts  the  nature  of  calhodic 
deposits  and  the  magnitude  of  electrode  polarization  are  primarily 
determined  by  the  type  of  the  metal  being  deposited  (Table  22.1). 


TABLE  22.1 

Classification  of  Metals  According  to  Overpotential 
in  Deposition  from  Solutions  of  Their  Simple  Salts 


Mrlal 

. . . 

He.  Ag.  ti.  pi.. 

Hi.  Cu.  Z.l 

Overpolcnlial.  V 

. . .  i 

«X  IO-« 

a  x  In-' 

Exchange  current.  A/cin* 

iixIO-i  to  II x  It)-® 

Mxlt'-'toiixtn-s 

n  x  Hr » to 

Mean  linear  dimensions 
of  grains,  cm 

~  l0’3 

III-3  to  I0-* 

.<liri 

All  the  metals  listed  in  Table  22.1  arc  divided  into  three  groups. 
One  group  includes  metals  deposited  front  aqueous  solutions  cither 
without  ovcrpotcnliai  (mercury)  or  at  an  ovcrpolcnlial  not  exceed¬ 
ing  several  millivolts  at  ordinary  current  densities  (silver,  thallium, 
lead,  cad  m  in  in,  and  tin).  The  lime  variation  of  potential,  the  intri¬ 
cate  growth  of  Ihc  calhodic  deposit  and  other  characteristic  features 
of  the  calhodic  deposition  of  metals  are  manifested  most  distinctly 
for  this  group  of  metals  (except  mercury).  At  industrial  current 
densities  these  metals  form  rough  deposits  with  coarse  grains  reach¬ 
ing  several  lens  of  microns  across.  Exchange  currents  are  very  high 
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for  metals  of  this  group.  For  example,  the  exchange  current  between 
metallic  mercury  and  a  solution  of  mercury  nitrate  reaches 
4  X  l'1  A/cm4,  that  between  silver  and  a  solution  of  silver  nitrate 
reaches  1  X  10’4  A/cm4,  and  that  between  cadmium  and  a  solution 
of  cadmium  sulphate,  10'3  A/cm4. 

Bismuth,  copper  and  zinc  form  the  intermediate  group.  In  the 
case  of  these  metals  the  overpotential  is  of  the  order  of  several 
tens  of  millivolts,  thinner  deposits  arc  formed  (the  mean  grain 
size  does  not  exceed  10  p)  and  the  exchange  currents  arc  smaller 
than  those  for  the  metals  of  the  first  group.  For  example,  the  exchange 
current  between  copper  and  a  solution  of  copper  sulphate  is  close 
to  10'5  A/cm4. 

The  highest  metal  ovcrpolenlial  is  exhibited  by  metals  of  the 
iron  group  where  it  reaches  several  tenths  of  a  volt.  These  metals 
are  deposited  on  the  cathode  in  the  form  of  dense  fine-grained  forma¬ 
tions.  Exchange  currents  are  small:  10'*  and  10"°  A/cm4  for  iron 
and  nickel,  respectively,  in  solutions  of  their  sulphates. 

The  data  presented  in  Table  22.1  refer  to  ordinary  electrolysis 
conditions  under  which  a  metal  is  deposited  on  a  |>oly crystalline 
substrate  and  forms  deposits  having  also  a  polycryslaiiine  structure. 
The  surface  of  such  deposits  is  formed  by  faces  of  different  crystallo¬ 
graphic  indices.  Which  faces  will  predominate  on  the.  deposit  sur¬ 
face  depends  on  the  conditions  of  clcctrodcposiliun.  !l  is  therefore 
important  to  find  out  whether  the  metal  ovcrpolenlial  depends 
on  which  faco  the  metal  is  deposited  on.  The  existence  of  this  depen¬ 
dence  has  been  confirmed  by  experiments  with  single  crystals  of 
a  number  of  metals  with  different  faces  oriented  towards  the 
solution.  From  Table  22.2  (after  Piontclli)  it  follows  that  in  the 


Mclal  and  solution 

Pb 

Sn 

r.ti 

N. 

0.5.W  Pb(CIO*)j. 
O.S.W  IlClOi 

0.5.W  SnCI;. 
0.5.U  HCI 

0.3.V  Cu(CIOs);. 
O.S.W  HCIOj 

m.w  xicis. 

0 .33M  HjUOj. 

PH  -31 

3.0 

2.5 

35 

786 

(110) 

3.0 

4.0 

30 

809 

(111) 

43 

819 

case  of  metals  of  low  overpolential  a  change  from  one  face  to  another 
causes  a  considerable  relative  change  of  overpotential.  For  example, 
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a  change  irom  the  (111)  face  lo  (110)  during  the  deposition  of  lead 
decreases  the  overpotential  from  4.4  to  3.0  mV,  i.e.,  almost  by 
one  and  a  half  times.  For  copper,  the  relative  effect  of  the  face  index 
is  less  pronounced,  and  the  maximum  difference  in  ovcrpolenlial 
docs  not  exceed  40  per  cent,  though  the  absolute  variation  of  overpo- 
lenlial  in  changing  from  one  face  to  another  is  here  much  wider 
than  in  the  previous  case.  When  nickel  was  deposited,  the  maximum 
difference  in  overpotential  was  observed  for  the  (111)  and  (100) 
faces,  where  it  reaches  80  mV.  The  nature  of  the  face  is  not  so  essen¬ 
tial  in  this  case  since  the  relative  variation  of  overpolcntial  is  only 
3  to  4  per  cent.  From  Table  22.2  it  also  follows  that  the  maximum 
value  of  metal  overpotcnlial  depends  on  the  type  of  metal  rather 
than  on  the  crystallographic  orientation  of  the  electrode  surface. 
No  matter  on  which  face  the  metal  is  deposited,  the  overpotcnlial 
is  always  higher  for  nickel  than  for  copper,  and  for  copper  than 
for  tin  and  lead. 

The  secondary  role  of  crystallization  factors  in  overpotcnlial 
phenomena  is  also  evidenced  by  data  on  the  kinetics  of  cathodic 
deposition  of  mercury-soluble  metals  on  corresponding  amalgams. 
The  results  obtained  by  kinetic  studies  of  reactions  of  exchange 
of  metallic  ions  between  diluted  amalgams  and  nitrate  solutions 
indicate  the!  ihe  exchange  current  decreases  in  the  following  order: 

Tl,  Pb,  Cd  >  Cu,  Zn  >  Ni 

The  potential-lime  curves  obtained  by  Hcyrovsky  by  means  of 
oscillograph!-'  polarography  show  that  the  degree  of  reversibility 
of  the  discharge  and  ionization  reactions  at  mercury  (more  precisely, 
amalgam)  (!  ■  irodes  decreases  in  (he  following  sequence: 

Tl,  Pb,  Cd,  Sn,  Bi,  Sb,  Zn,  Cu 

The  order  of  arrangement  of  metals  according  lo  the  degree  of  their 
irreversibility  and,  hence,  to  the  magnitude  of  metal  overpotential 
is  practically  independent  of  whether  a  metal  is  deposited  on  a  solid 
cathode  of  I  he  same  metal  or  on  a  diluted  amalgam  of  Ihe  correspond¬ 
ing  metal.  The  deposition  of  metals  of  the  iron  group  on  mercury 
is  also  accompanied  by  a  polarization  considerably  higher  than 
in  Ihe  case  of  all  Ihe  other  metals  listed  in  Table  22.1.  Here  it  pro¬ 
ceeds  still  less  reversibly  than  on  solid  cathodes.  These  metals  howe¬ 
ver  are  almost  incapable  of  forming  amalgams  and  they  are  deposited 
at  mercury  cathodes  onto  poorly  hound  small  crystal  islands. 

22.2.2.  THE  EFFECT  OF  SOLUTION  COMPOSITION 

Systematic  investigations  of  the  effect  of  the  solution  composition 
on  (he  kinetics  of  eleetrodeposilion  of  metals  were  begun  in  1917 
by  Izgaryshev.  It  was  found  that  the  cathodic  deposition  of  metals 
from  solutions  of  their  simplo  salts  is  affected  by  the  nature  of  the 
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salt  anion.  The  effect  of  the  anion  on  the  overpotenlial  and  on  the 
nature  of  the  deposits  formed  is  observed  for  many  metals  but  it 
reveals  itself  most  strongly  in  the  case  of  metals  the  deposition 
of  which  does  not  involve  high  polarization.  Usually  the  overpo¬ 
tential  decreases  from  anion  to  anion  in  (he  following  order: 

PO;-.  NO'  SOJ-,  CIO;  >  NH,SO;  >  Cl-  >  Br-  >  1- 
The  tendency  to  form  rougher,  coarse-grained  deposits  increases 
in  the  order  indicated.  The  effect  of  anions  is  quite  comparable 
with  the  effects  exerted  by  crystallographic  factors.  For  example, 
when  one  changes  from  perchlorate  solutions  to  sulphaminc  solutions 
an  almost  two-fold  decrease  of  the  overpotenlial  is  observed  in  the 
cloclrodeposition  of  lead,  while  in  changing  from  the  (111)  face 
to  (100)  it  decreases  by  less  than  one  and  a  half  times. 

The  presence  of  indifferent  cations  in  the  solution,  apart  from 
the  discharging  metallic  ions,  increases  the  metal  overpotenlial. 
Such  effects  have  been  observed  in  the  deposition  of  nickel,  zinc, 
copper,  and  other  metals.  Indifferent  cations  in  aqueous  solutions  are 
usually  hydrogen  ions.  As  a  general  rule,  the  metal  ovci potential  rises 
with  increasing  concentration  of  hydrogen  ions.  The  overpotenlial 
is  found  to  increase  considerably  in  the  presence  of  surface-active 
cations  of  the  tetrasubstiluted  ammonium  type. 

The  high  sensitivity  of  the  process  of  metal  clectrodcposition 
to  the  presence  of  impurities  in  solutions  indicates  that  the  addition 
of  any  substances  (not  only  electrolytes),  especially  those  having 
surface-active  properties,  is  essential  here.  By  way  of  example,  the 
introduction  of  a  negligible  amount  of  gelatine  (of  the  order  of  0.005%) 
into  a  plating  both  changes  the  cathode  polarization  and  the  nature 
of  tho  doposits  formed  (Izgaryshev.  Titov.  1017). 

The  addition  of  traces  of  molecular  and  ionic  substances  to  the 
solution  is  one  of  the  most  effective  ways  for  alleriug  the  course 
of  tho  elcclrodcposition  of  metals.  Many  predominantly  organic 
substances  arc  capable  of  enhancing  the  lustre  of  dull  deposits 
(brightoning agents),  levelling  out  their  surfaces  (smoothing  agents) 
and  modifying  other  properties,  c.g..  porosity,  hardness,  embrittle¬ 
ment,  ability  to  occlude  hydrogen,  etc.  (Kudryavtsev.  Matulis.  and 
others). 

A  new  type  of  polarization  for  the  cathodic  deposition  of  metals 
discovered  by  Loshknrcv  is  adsorption  polarization,  which  alters 
the  rate  of  metal  deposition  on  mercury  and  also  on  solid  cathodes 
after  addition  of  certain  surface-active  substances  (c.g.,  Iribenzyl- 
aniinc).  First,  the  deposition  rate  becomes  slower  than  before  addition 
of  surface-active  substances  and.  second,  it  becomes  independent 
of  tho  cathodic  potential  over  a  wide  range  of  potentials.  However, 
after  a  certain  (usually,  strongly  negative)  potential  is  reached, 
the  effect  of  the  additive  ceases.  The  rate  of  deposition  begins  to 
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increase  rapidly,  approaching  the  normal  value  under  given  condi¬ 
tions,  which  corresponds  to  the  diffusion  limiting  current.  A  compa¬ 
rison  of  the  results  obtained  from  polarization  measurements  on 
mercury  cathodes  with  elcclrocapillary  curves  and  differential  capa¬ 
city  curves  (traced  before  and  after  the  additive  is  introduced) 
has  shown  that  the  potential,  at  which  the  action  of  the  additive 
discontinues,  coincides  with  the 
potential  of  its  desorption  . 

(Fig.  22.4).  The  effect  of  the  ad-  ' 
dition  agent  is  specific  here.  One 
and  the  same  addition  agent  (or 
a  certain  combination  of  additi¬ 
ves)  has  a  different  retarding 
effect  on  the  discharge  of  diffe¬ 
rent  ions  on  a  mercury  cathode. 

The  phenomenon  of  adsorption 
polarization  is  used  to  improve 
the  quality  of  deposits  in  the 
electrolytic  production  of  alloys. 

All  those  data  refer  to  the 
deposition  of  metals  from  solu¬ 
tions  of  their  simple  salts.  If 
inorganic  or  organic  additives 
form  complex  compounds  with 
the  mol;. I  being  deposited  and 
convert  i-*  hydrated  ions  into 
complex  ones,  the  course  of  the 
cathodic  process  will  change 
markedly.  First  of  all.  the  for¬ 
mation  of  complexes  in  the  solu¬ 
tion  shifts  the  equilibrium  poten¬ 
tial  of  (lie  metal  in  the  negative 
direction  by  reducing  the  concentration  of  its  free  ions.  The  addition 
of  a  substance  M'A  (whose  anions  are  capable  of  forming  complex 
compounds  AIA,t  with  the  ions  of  the  metal  being  deposited.  M‘+) 
causes  a  complex  formation  reaction  in  the  solution: 

M-*  +  xk-  =  MA*-*  (22.4) 

where  (:  —  i)  is  the  charge  of  the  ions  formed.  Bead  ion  (22.4) 
is  characterized  by  the  complex-formation  constant  (or  formation 
constant): 

K  |MAj~*l  (22.;,) 

The  reciprocal  of  this  quantity  is  called  the  instability  constant: 


Fig. 


. ...  _  Diagram  illustrating  the 

phenomenon  ot  adsorption  polariza¬ 
tion  (alter  Losbkarev): 

•— polarization  curve*  In  the  eat- 
rpoaltlon  of  a  metal  under  ordinary 
ns  and  unitor  the  conditions  of 
in  of  an  adsorption  him:  3  anti 
trocaplllary  euro's  traced  In  a  pure 
and  In  a  solution  contalnlmr  aur- 
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The  instability  constant  characterizes  the  ability  of  a  complex 
to  dissociate  with  recovery  of  the  initial  ions  M:*  and  thus  determi¬ 
nes  their  equilibrium  concentration 

|M~'*|  —  A„  l*1*;',"1  (22.7) 

As  a  result  of  the  complex  formation  reaction  a  certain  fraction 
of  the  Mi+  ions  (which  is  the  greater,  the  lower  the  instability  con¬ 
stant)  will  be  present  as  complex  ions  ,M;“*  in  solution  and,  con¬ 
sequently,  the  concentration  of  free  metallic  ions  must  diminish. 
This  decrease  and,  hence,  the  shift  of  the  reversible  electrode  poten¬ 
tial  in  the  negative  direction  will  be  the  greater  the  lower  the  insta¬ 
bility  constant  and  the  higher  the  concentration  of  the  addition 
agent.  By  choosing  appropriate  complcxing  agents  and  their  concen¬ 
trations  one  can  change  the  equilibrium  potentials  of  different 
metallic  ions  present  in  the  solution  so  as  to  ensure  either  their 
codeposilion  to  produce  an  alloy  or  their  maximum  possible  separa- 

The  appearance  of  complexes  in  solution  affects  not  only  the 
equilibrium  potentials  of  metals  but  also  the  nmgniludc  of  overpo- 
lenlial  and  the  nature  of  cathodically  formed  deposits.  On  switching 
from  simple  electrolytes  to  complex  ones  the  overpolcntial  gene¬ 
rally  increases  and  the  grain  size  of  deposits  decreases;  simultaneou¬ 
sly,  the  tendency  toward  the  formation  and  growth  of  dendrites 
is  suppressed.  For  example,  silver,  which  is  deposited  at  the  cathode 
during  electrolysis  of  its  nitrate  solution  almost  without  polariza¬ 
tion  and  gives  course-grained  rough  deposits,  can  be  obtained  from 
complex  cyanide  electrolytes  in  the  form  of  smooth  fine-grained 
deposits. 

22.3.  THE  NATURE  OF  METAL  OVER  POTENTIAL 

The  electrode  polarization  observed  in  the  deposition  of  metals 
may  be  associated  either  with  phase  transformations  (see  Chapter  15), 
in  which  case  it  is  one  of  the  types  of  phase  overpolcntial  (the 
slow  formation  of  two-  and  three-dimensional  nuclei,  surface  diffu¬ 
sion  of  adatoms  or  adions),  or  with  the  slow  occurrence  of  the  electro¬ 
chemical  step  (sec  Chapter  16),  in  which  case  it  may  be  identified 
with  electrochemical  ovcrpolential.  In  thoelcclrodcposition  of  metals, 
hindrances  at  the  transport  and  chemical-transformation  stops  (see 
Chapter  16)  preceding  the  electrochemical  act  play  an  important 
role.  In  considering  the  cathodic  deposition  of  metals  (especially, 
from  complex  electrolytes)  it  is  therefore  necessary  to  lake  into 
account  concentration  polarization,  i.o.,  diffusion  overpotential  and 
chemical  (or  reaction)  overpotenlial.  And,  finally,  under  the  condi¬ 
tions  of  cathodic  deposition  of  metals,  the  energy  slate  of  the  ion 
in  the  deposit  formed  may  differ  from  its  stale  in  the  normal  crystal 
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lattice  of  llic  given  melnl  and  correspond  to  a  higher  energy  level. 
The  transformation  from  this  metastable  form  into  a  stable  form 
may  also  cause  the  appearance  of  a  special  type  of  phase  (crystal¬ 
lization)  over-potential. 

Tho  predominance  of  one  or  other  type  of  ovcrpolenlial  is  governed 
by  the  nature  of  the  metal,  solution  composition,  current  density, 
and  electrolyte  temperature.  Whon  simple,  noncomplex  electrolytes 
arc  used  at  ordinary  temperatures,  the  ovcrpolenlial  depends  on  the 
nature  of  the  metal  (see  Table  22.1).  Experimental  data  indicate 
that  the  deposition  of  metals  at  the  beginning  of  the  series  (Hg,  Ag. 
Tl,  I'b,  Cd,  Sn)  is  accompanied  by  insignificant  polarization  caused 
mainly  by  the  slow  formation  and  growth  of  a  new  phase.  The  slow 
rale  of  the  electrochemical  step  is  not  essential  here.  In  the  electro¬ 
chemical  literature  these  metals  characterized  by  phase  overpolenlial 
arc  often  called  normal  metals.  Conversely,  in  the  deposition  of  metals 
standing  a>  the  end  of  the  series  in  Table  22.1  (metals  of  the  iron 
group)  a  high  polarization  is  observed,  which  is  predominantly 
caused  by  the  slow  rale  of  the  electrochemical  slop.  These  metals, 
characterized  by  an  electrochemical  overpolenlial,  are  called  inert 
metals.  Metals  such  as  13i,  Cu,  and  Zn  occupy  an  intermediate  position 
with  respect  to  both  the  magnitude  of  polarization  and  the  nature 
of  overpolenlial  (here  the  superposition  of  several  types  of  overpo¬ 
tential  is  in-.'sl.  probable). 

According  to  Volmer,  the  different  nature  of  deposits  cathodically 
formed  by  normal  and  inert  metals  is  due  to  this  difference  in  the 
magnitude  mid  type  of  overpolential.  From  this  point  of  view, 
all  factors  responsible  for  the  slow  rate  of  the  discharge  step  must 
diminish  the  relative  role  of  crystallization  phenomena  and  encourage 
the  formation  of  uniform  and  fine-grained  deposits.  The  discharge 
reaction  rate  can  be  reduced  still  further  either  by  conversion  of 
simple  ions  into  more  stable  complexes  or  through  the  addition  of 
surface-nclive  substances  (if  their  adsorption  has  the  strongest  effect 
on  the  discharge  step).  This  point  of  view  is  supported  by  the  change 
in  the  structure  of  deposits  observed  in  going  from  simple  electroly¬ 
tes  to  cyanide  ones  and  also  by  the  character  of  cleclrodeposition 
under  the  conditions  of  adsorption  polarization. 


22./..  FACTORS  CONTROLLING  POLARIZATION 
IN  T1IE  CATHODIC  DEPOSITION  OK  VARIOUS  METALS 

22.4. 1 .  THE  ENERGY  OF  THE  ION  IN  A  METAL 
AND  ITS  STATE  IN  SOLUTION 

It  is  not  quite  clear  yet  why  there  is  such  a  marked  difference 
in  the  magnitude  and  nature  of  overpolenlial  of  normal  and  inert 
metals  and  which  properties  of  metals  (or  solutions)  are  responsible 
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for  il.  An  attempt  was  made  to  ascribe  these  phenomena  to  the 
difference  in  the  bond  strength  of  ions  in  solution  and  in  the  crystal 
lattice 'Of  normal  and  inert  metals.  This  assumption  is  tantamount 
to  postulating  that  the  ions  participating  in  the  discharge  are  in  the 
same  form  in  which  they  are  present  in  solution  and  that  the  discharge 
moves  the  ion  directly  to  its  final  position  in  the  metal  lattice. 
According  to  this  assumption  the  discharge  ad  coincides  with 
the  overall  electrode  reaction  of  metal  deposition,  and  the  energy 
changes  involved  correspond  to  the  Gurney  diagram  (see  Fig.  9.8, 
page  -W5).  rhe  minimum  of  the  left  potential  curve  represents  the 
stable  position  of  the  ion  in  solution  and,  in  the  case  of  simple  ions, 
is  determined  by  the  hydration  heat  H  of  the  ion.  The  minimum 
of  the  right  potential  curve  refers  to  the  stable  position  of  the  ion 
in  the  surface  layer  of  the  metal  lattice  and  is  determined  by  the 
work  of  its  removal  Y.  The  activation  energy  of  discharge  increases 
with  increasing  hydration  energy  of  the  ion  and  with  decreasing 
work  of  its  removal.  Thus  il  would  be  expected  that  for  normal 
metals  the  hydration  energy  of  their  ions  in  solution  is  lower,  and 
the  work  of  removal  of  the  ions  from  the  lattice  greater,  than  for 
inert  metals.  This  assumption  however  is  not  confirmed  by  experi¬ 
mental  data.  For  example,  from  Table  22.-'<  it  follows  'that  the 


TABLE  22.3 

Comparison  of  Clicmical  Energies  of  llvilrr 
of  Itcmovnl  of  Ions  from  the  Crystal  Latli 


av  i  I  li  Energies 
r  Some  Metals 


difference  II  —  Y,  as  well  as  the  absolute  values  of  the  hvdration 
onorgy  and  the  work  of  ion  removal,  is  almost  identical  for  zinc  and 
nickel,  though  zinc  is  deposited  with  a  much  lower  overpotential 
than  nickel. 

Ihc  inadequacy  of  such  a  simplified  picture  follows  from  more 
general  considerations  as  well.  Standard  electrode  potentials  vary 
along  with  tho  variation  of  the  difference  between  the  chemical 
hydration  energy  of  ions  in  solution  and  the  work  required  to  remove 
tho  ions  from  tho  crystal  lattice.  It  would  have  seemed  therefore  that 
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the  mclnl  ovcrpotenlial  must  vary  in  the  same  sequence  as  the  vol¬ 
tage  series  of  metals.  Hut  this  conclusion  is  in  discord  with  experi¬ 
ment.  For  example,  zinc,  whose  standard  potential  is  equal  to 
—0.76  V.  is  deposited  with  a  lower  ovcrpotenlial  than  iron,  the 
standard  potential  of  which  is  —0.44  V.  At  the  same  time  the  over¬ 
potential  in  the  deposition  of  zinc  is  approximately  the  same  as 
in  the  deposition  of  copper,  which  is  an  electropositive  metal 
(scuS/Cii =  V).  This  by  no  means  implies  that  the  ionic  bond 

strength  in  solution  and  in  the  metal  plays  no  part  at  all.  This 
factor  however  cannot  be  estimated  simply  by  comparing  tho  values 
of  11  and  Y. 

The  assumption  that  the  deposition  of  a  metal  proceeds  not  as 
a  multistep  consecutive  reaction  but  as  a  single  elementary  act  contra¬ 
dicts  all  data  obtained  in  studies  of  the  kinetics  of  various  electro¬ 
chemical  processes.  This  assumption  would  imply,  say  for  cathodic 
hydrogen  evolution,  that  the  hydrogen  ovcrpotenlial  is  independent 
of  the  nature  of  the  metal,  which  is  not  true.  In  order  to  explain 
the  relation  existing  between  the  metal  overpotential  and  the  nature 
of  the  metal  and  also  the  effect  of  the  solution  composition  on  over- 
potential,  it  is  necessary  to  lake  into  account  not  only  the  initial 
and  final  stales  of  metallic  ions  but  also  the  nature  of  elementary 
acts.  Here  one  should  reckon  with  the  state  and  properties  of  reacting 
particles  at  various  stages  of  the  overall  process. 

Many  investigators  attempted  to  improve  the  theory  of  metal 
clcctrodcposiiion  by  resorting  to  the  concepts  of  the  electronic  struc¬ 
ture  of  mcl  :iic  ions.  One  such  attempt  was  made  by  Lyons  (1954). 
According  to  ibis  author,  the  metal  ovcrpotenlial  depends  on  the 
electronic  structures  of  discharging  ions  and  of  the  calhodirally 
deposited  metal.  Here  the  ovcrpotenlial  is  assumod  to  be  especially 
high  in  two  cases.  First,  if  aquo-coinplcxcs  (or  other  complexes)  are 
formed  by  ions  at  the  expense  of  the  electrons  located  in  inner  orbitals 
(inner-orbital  complexes),  which  results  in  the  formation  of  thcslron- 
gest  ionic  bonds  in  solution.  Second,  if  the  difference  in  the  electronic 
structure  of  the  ion  and  the  metal  is  great;  in  this  case  a  considerable 
activation  energy  is  required  for  these  structures  to  be  rearranged 
during  discharge.  Discharging  ions  usually  have  a  different  structure 
than  the  ions  present  in  solution.  This  is  attributed  to  the  partial 
dissociation  of  a  simple  hydrated  or  a  complex  ion  on  the  electrode 
during  adsorption.  The  available  bonds  hold  the  ion  on  the  electrode 
surface,  while  the  electronic  structure  of  the  ion  is  further  rearranged, 
up  to  the  moment  of  discharge,  lending  to  assume  the  structure  of  the 
ion  in  the  metal.  This  is  followed  by  the  discharge  involving  either 
complete  dehydration  of  the  ion  or  decomposition  of  the  complex 
and  inclusion  of  the  metal  atom  into  the  crystal  lattice. 

All  the  metals  listed  in  Table  22.1  form,  according  to  Lyons, 
outer-orbital  aquo-complcxcs,  i.e.,  complexes  formed  with  the  parti- 
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cipalion  of  electrons  situated  iu  outer  orbitals.  This  makes  possible 
their  deposition  from  aqueous  solutions  in  contrast  to  such  metals 
as  titanium,  zirconium  and  others,  whose  ions  are  present  in  solution 
in  the  form  of  inner-orbital  complexes.  The  high  overpolcntial  of 
metals  belonging  to  the  iron  group  is  attributed  to  a  considerable 
difference  in  the  electronic  structure  of  discharging  aquo-ions  and 
the  corresponding  metal.  Conversely,  the  electronic  structure  of 
normal  metals  in  a  crystal  and  in  aquo-complcxcs  is  similar  and 
therefore  they  have  a  low  overpolcntial. 

Lyons  views  reflect,  to  some  extent,  certain  features  characteristic 
of  the  processes  of  cathodic  metal  deposition.  .No  doubt,  the  electronic 
structure  of  ions  has  some  share  in  these  processes.  At  the  same 
time  the  Lyons  theory  does  not  give  a  detailed  explanation  of  the 
nature  of  metal  cleclrodcposilion  processes.  This  is  associated, 
first  of  all,  with  the  lack  of  reliable  data  on  I  lie  structure  of  ions 
in  solution  and  at  the  electrode  surface,  which  makes  one  resort  to 
hypothetical  structures.  Further,  the  Lyons  theory,  though  making 
use  of  such  hypothetical  structures,  is  incapable  of  explaining 
certain  experimental  relations  concerning,  for  example,  the  deposi¬ 
tion  of  metals  of  the  platinum  group.  This  theory  does  not  lake 
into  account  the  effect  of  the  electrode  potential  and  of  the  double- 
layer  structure  on  the  cleclrodcposilion  of  metals.  And,  finally, 
it  cannot  explain  the  role  played  in  this  process  by  the  solution 
composition  and,  especially,  by  surface-active  substances.  The  con¬ 
cepts  of  the  role  of  the  structure  of  dischargin'.'  metallic  ions  in  the 
olectrodeposilion  of  metals  were  further  dove].. pod  by  Vlcek  (1957). 


22.4.2.  THE  ACTIVITY  OF  THE  CATHODE  SURFACE 
IN  METAL  DEPOSITION 

According  to  another  point  of  view  the  nature  and  magnitude 
of  molal  overpotential  depend  on  the  stale  of  the  cathode  surface, 
which  may  bo  different  for  different  metals.  One  of  the  causes  respon¬ 
sible  for  this  difference  is  associated  with  the  possibility  of  hydrogen 
evolution  and  its  influence  on  the  course  of  metal  deposition.  It  is 
known  that  electrolytic  deposits  of  iron,  nickel  and  cobalt  always 
contain  a  noticeable  amount  of  hydrogen.  The  presence  of  hydrogen 
may  be  regarded  as  one  of  the  possible  factors  causing  distortion  in  the 
crystal  lattice  of  deposits  of  these  metals,  internal  stresses,  embrittle¬ 
ment.  etc.  Deposits  of  copper  and  zinc  contain  less  hydrogen.  Hydro¬ 
gen  is  practically  undetectable  in  cleclrolytically  deposited  cad¬ 
mium  or  lead.  From  this  it  follows  lhat  the  metal  ovcrpolential 
increases  with  increasing  amount  of  hydrogen  included  in  a  metal 
deposit,  i.e..  lhat  hydrogen  probably  interferes  with  the  cathodic 
deposition  of  metals.  It  was  thought  that  hydrogen  has  an  inhibiting 
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effect,  on  llie  discharge  process  by  forming  a  surface  film  or  metal 
hydrides. 

In  connection  with  the  effect  of  hydrogen  on  the  kinetics  of  metal 
deposition  it  is  important  to  find  out  the  factors  responsible  for 
the  presence  of  different  amounts  of  hydrogen  in  different  metals 
and  hence  for  the  difference  in  the  inhibiting  effect.  It  has  been 
found  that,  in  a  general  case,  there  is  no  direct  relation  between 
the  fraction  of  the  total  current  consumed  for  hydrogen  evolution 
and  the  hydrogen  content  in  the  metal.  For  example,  in  the  electro- 
deposition  of  zinc  the  current  yield  of  hydrogen  is  usually  higher  than 
in  the  case  of  iron;  but  the  content  of  hydrogen  in  it  is  always  lower 
and  the  overpotential  at  which  hydrogen  is  evolved  on  it  is  also 
lower.  The  deposition  overpotenlial  of  metals  increases  in  the  same 
order  in  which  their  hydrogen  overpotenlial  decreases.  However, 
the  important  point  is  the  mechanism  of  hydrogen  evolution  on 
a  given  metal  rather  than  the  magnitude  of  hydrogen  overpotenlial 
(Antropov.  1052).  The  occlusion  of  hydrogen  by  a  metal  deposit 
is  the  more  probable  the  slower  the  removal  of  adsorbed  hydrogen 
atoms  from  the  metal  surface.  The  largest  amounts  of  hydrogen 
are  therefore  delected  in  cathodic  deposits  of  metals  belonging  to  the 
iron  group  since  in  this  case  the  recombination  of  hydrogen  atoms 
proceeds  at  a  slow  rale. 

The  presence  of  adsorbed  or  occluded  hydrogen  however  cannot 
be  considered  as  the  main  factor  determining  the  specificity  of  the 
cathodic  deposition  of  metals. 

The  difference  in  metal  overpotenlial  and  in  the  nature  of  cathodic 
deposits  might  be  attributed  to  the  different  tendency  of  metals 
towards  passivation  and  their  different  adsorption  capacity.  The 
appearance  of  foreign  substances  on  the  surface  of  a  growing  deposit 
impedes  the  discharge  of  metallic  ions  and  their  incorporation 
into  the  crystal  lattice.  This  retarding  effect  must  be  the  more  pro¬ 
nounced,  the  more  readily  a  given  metal  is  passivated.  The  role 
of  passivating  agents  can  be  played  by  dissolved  oxygen,  impurities 
of  organic  substances  and  catalytic  poisons,  certain  foreign  (indiffe¬ 
rent)  ions  which  do  not  participate  in  the  electrode  reaction,  and 
other  substances.  From  this  point  of  view,  the  special  position  of 
metals  of  the  iron  group,  in  particular  their  high  metal  overpotential, 
is  due  to  the  fact  that  these  metals  exhibit  a  stronger  tendency 
toward  passivation  (Samartsev,  Gorbunova,  Vagramyan). 

This  factor  however  does  not  seem  to  be  decisive  either  and  evi¬ 
dently  is  not  responsible  for  the  order  of  arrangement  of  metals 
according  to  their  overpotenlial.  The  difference  in  the  metal  over- 
potentials  of  inert  and  normal  metals  remains  large  even  when 
solutions  arc  most  thoroughly  freed  from  impurities  and  oxygen. 
Similarly,  lead,  which  is  passivated  much  more  readily  than  zinc, 
is  deposited  at  a  lower  overpotenlial. 
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22.4.3.  THE  CHARGE  OF  THE  METAL  SURFACE 
IN  CATHODIC  DEPOSITION 

The  occurrence  of  adsorption  phenomena  at  a  inclal-elcclrolyle 
interface  and,  consequently,  the  degree  of  their  effect  on  the  processes 
taking  place  there  largely  depend  on  the  potential  or,  more  exactly, 
on  the  charge  of  the  metal. 

In  the  past  it  was  taken  for  granted  that  the  cathode  surface  is 
always  negative,  and  the  more  negative  the  less  noble  is  the  electrode 
metal.  This  point  of  view,  which  has  survived  up  to  now,  is  incor¬ 
rect.  The  charge  ou  the  metal  surface  is  determined  neither  by  the 
role  played  by  the  metal  in  an  electrochemical  process  (i.e.,  whether 
it  is  the  cathode  or  the  anode)  nor  by  its  electrode  polcntial  under 
given  conditions.  The  charge  on  the  electrode  surface  can  be  evaluated 
by  using  the  correlative  or  <p-potcnlial  scale  proposed  by  Antropov. 
The  electrode  potential  on  the  9  scale  is  the  difference  between  the 
potential  of  the  electrode  under  the  particular  conditions  (o.g., 
in  the  clcclrodcposilion  of  metals)  and  the  corresponding  null  point: 

9  =  e  —  eN 

The  magnitude  of  the  electrode  potential  on  the  9  scale  serves  as 
a  measure  of  the  surface  charge,  making  it  possible  lo  predict  which 
ions  have  more  chance  to  be  adsorbed  under  given  conditions.  This 
can  be  illustrated  by  the  cathodic  deposition  of  nickel,  zinc,  cad¬ 
mium,  and  lead  from  solutions  of  their  simple  salt • .  All  these  metals 
are  deposited  at  negative  potentials  (on  the  hydrogen  scale),  which, 
under  ordinary  electrolysis  conditions,  arc  approximately  as  follows: 
—0.80  V  (Ni  and  Zn),  —0.45  V  (Cd)  and  -0.15  V  '1M>).  Their  poten¬ 
tials  on  the  correlative  scale,  i.e..  their  charges,  can  be  estimated  by 
using  data  on  the  null  points  of  these  metals  (see  Table  10.3): 

9.vi  =  -0.80  -  ( -0.2)  =  —O.G  V 
9zn  =  -0.80  -  (-0.5)  =  -0..I  V 
tea  =  -0.45  -  (-0.7)  =  +0.25  V 
fpb  =  —0.15  —  (—0.7)  =  -1-0.55  V 
From  these  values  of  9  potentials  it  follows  that  under  the  conditions 
of  elcclrodeposilion  nickel  has  the  most  negative  charge,  then  comes 
zinc,  which  is  also  negatively  charged,  while  cadmium  and  lead 
arc  charged  positively.  In  the  course  of  clcclrodcposilion,  predomi¬ 
nantly  cations  must  be  adsorbed  on  the  surface  of  nickel  and  zinc 
deposits  and  anions  on  the  surface  of  cadmium  and  lead  deposits 
These  conclusions  apply  only  to  solutions  containing  no  surface- 
active  substances  capable  of  being  adsorbed  also  on  a  like-charged 
metal  surface.  They  however  can  also  be  extended  to  solutions  contain¬ 
ing  surface-active  substances,  provided  that  the  specificity  of  adsorp- 
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lion  is  determined  by  Ihe  properties  of  their  particles  and  not  of  Ihc 
metal.  Then,  knowing  the  mechanism  of  adsorption  of  surface-active 
substances  at  least  on  one  metal,  c.g.  on  mercury,  one  can  find, 
by  means  of  the  correlative  scale,  the  most  probable  region  of  poten¬ 
tials  in  which  the  same  substances  may  be  adsorbed  on  the  surface 
of  any  other  metal.  This  allows  one  to  establish,  in  each  particular 
case,  the  possibility  of  their  influence  on  the  kinetics  of  cleclrodcpo- 
silion.  Suppose  a  substance  can  be  adsorbed  on  the  surface  of  mercury 
up  to  the  potential  Hg &de»  ~  — 1.0  V,  which  may  be  called  Ihe 
negative  desorption  potential  (the  value  of  desorption  potential 
on  mercury  can  easily  be  found  from  capacity  or  eleclrocapillary 
measurcmenls).  Since  Iho  null  point  of  mercury  is  —0.2  V.  the 
negative  desorption  potential  on  Ihc  if  scale  must  be:  ng<p.i<-<  ~ 
=  — 1.0  —  (—0.2)  =  —0.8  V.  Assuming,  as  a  first  approximation, 
that  desorption  always  begins  at  one  and  the  same  charge  and  using 
the  properties  of  the  q>  scale,  one  can  assert  that  for  any  metal  M 
desorption  will  occur  at  a  value  of  equal  to  hrI-ax  i.e., 

Mi<P</e»  =  Ms'Prfc.  —  IlgqPdM 

Hence,  the  given  surface-active  substance  will  cease  affecting  the 
kinetics  of  an  electrode  process  at  one  and  Ihe  same  <p  potential 
irrespective  «<1‘  the  nature  of  the  metal.  To  a  constant  <p  potential 
of  desorption  of  the  given  substance  there  will,  however,  correspond 
entirely  dil'icrenl  electrode  potentials  dependent  on  the  nature 
of  the  metal.  For  example,  the  substance  chosen  will  bo  desorbed 
from  the  zinc  surface  at  a  e  potential  equal  to  —1.3  V  and  not  to 
—0.8  V  (as  in  the  cose  of  mercury)  since 


and 


V.rSfdo  Hg<P,/cs  =  ZnCrfrl  —  Zn*X 
y.n^dcs  =  Zn<p ,/<•«  -i-  Zne.N  =  HnVdrt  —  Zn*N 


Analogously,  it  can  be  shown  that  the  desorption  potentials 
for  cadmium  and  lead  will  be  the  same  (—1.5  V).  In  just  Ihe  same 
way  one  can  find  the  potentials  at  which  adsorption  begins  or.  in 
other  words,  the  positive  potentials  of  desorption,  (laving  thus 
determined  the  range  of  e  potentials  within  which  the  adsorption 
of  the  given  substance  on  different  metals  is  probable,  one  can 
establish  whether  it  is  capable  of  affecting  a  particular  electrochemi¬ 
cal  reaction  proceeding  at  a  specified  electrode  potential. 

For  polycryslailinc  metals  the  region  of  reversible  adsorption 
may  be  wider  than  for  mercury  since  the  faces  of  the  same  crystal 
with  different  crystallographic  indices  are  characterized  by  different 
work  functions  and,  hence,  by  different  null  points.  In  practice, 
however,  the  opposite  effect  is  often  observed— the  region  of  poten¬ 
tials  in  which  adsorption  occurs  at  solid  metals  under  the  conditions 
of  their  eleclrodeposilion  is  found  to  be  narrower  than  that  deteroii- 
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ncd  from  the  data  of  electrocapillary  or  capacity  measurements 
on  mercury.  The  point  is  that  in  the  electrodeposition  of  metals 
surface-active  substances  arc  either  incorporated  into  the  cathodic 
deposit  or  subjected  to  chemical  change,  i.c.,  arc  consumed  in  some 
way  or  other  at  a  certain  rate  during  electrolysis,  and  their  adsorp¬ 
tion  ceases  to  be  reversible.  The  loss  of  the  surface-active  substance 
in  the  catholytc  must  be  constantly  compensated,  and  here  diffu¬ 
sion  becomes  important.  If  the  kinetics  of  adsorption  arc  partly 
controlled  by  diffusion  (diffusion-adsorption  control),  the  concentra¬ 
tion  of  surface-active  substances  near  the  cathode  will  be  lower 
than  that  in  the  bulk  of  the  solution.  In  this  case,  a  more  or  less 
correct  picture  of  the  adsorption  region  can  be  obtained  by  using 
the  elcclrocapillary  curve  traced  in  the  solution  and  the  bulk  con¬ 
centration  of  the  additive  equal  to  that  set  up  near  the  cathode  surface 
during  the  cleclrodcposition  of  a  metal. 

If  surface-active  substances  arc  supplied  to  the  growing  cathodic 
deposit  at  a  limiting  current  (pure  diffusion  control),  their  electro- 
capillary  behaviour  will  play  but  a  minor  role. 

Nonetheless,  the  considerations  based  on  the  correlative  scale 
of  potentials  may  he  useful  in  searching  for  effective  additives 
and  electrolytes  to  ho  used  in  plating  and  bydrocb  '.  tromclallurgical 
baths. 

Since  the  charge  of  the  metal  surface  determine*  the  conditions 
of  adsorption  at  the  metal-solution  interface,  it  must  also  he  associat¬ 
ed  with  the  magnitude  of  metal  overpotcnlial.  If  the  charge  of 
a  metal  is  positivo  (<p  >  0)  with  respect  to  the  solution,  then  the 
double-layer  sheet  on  the  solution  side  will  consist  primarily  of 
anions.  Conversely,  if  the  metal  is  charged  negatively  («p  <  0), 
predominantly  positive  ions  will  be  attracted  to  its  surface  from 
the  solution  side.  The  former  case  is  exemplified  by  silver  in  silver 
nitrate  solutions,  and  the  latter  by  zinc  in  zinc  sulphate  solutions. 
Indeed,  if  it  is  assumed  that  the  ionic  activity  of  each  of  these  metals 
is  equal  to  unity,  then  their  e  potentials  will  correspond  to  standard 
values  and  their  <p  potentials  will  be  as  follows: 

Ag<P  =  Ag<P°  =  Age®  —  AgeN  =  0.8  —  (—0.4)  =  1.2  V 
and 

zn<p  =  zn*P°  =  zne®  —  Z„ew  =  —0.76  —  (—0.5)  =  —0.26  V 

Suppose  that  corresponding  metals  arc  deposited  on  these  electrodes. 
In  the  first  case  (i.c.,  in  the  deposition  of  silver)  the  discharge  of 
positive  ions  is  facilitated  by  the  attractive  forces  operating  between 
these  ions  and  the  anions  adsorbed  on  the  cathode  in  the  same  way 
as  a  positively  charged  grid  accelerates  the  movement  of  electrons 
in  a  thrcc-clectrodo  valve.  At  a  small  shift  of  the  potential  to  the 
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negative  side  the  rale  of  discharge  will  be  considerable.  Therefore, 
even  at  high  current  densities  the  overpotential  remains  low.  In  the 
second  case  (i.c.,  the  deposition  of  zinc)  not  only  is  the  accelerating 
effect  of  anions  absent,  but  foreign  cations  may  even  exert  an  inhibit¬ 
ing  effect  if  they  arc  present  in  solution  together  with  zinc  ions. 
The  cause  for  the  appearance  of  this  inhibiting  effect  can  be  easily 
understood  if  one  lakes  into  account  that  at  the  moment  of  applica¬ 
tion  of  a  current  metallic  ions  and  foreign  cations,  c.g..  hydrogen 
ions,  are  present  iD  the  double  layer.  VVbcn  the  current  is  switched 
on,  the  ions  of  the  metal  (when  its  deposition  is  the  principal  cathodic 
process)  begin  to  discharge  and  their  concentration  in  the  double  layer 
will  diminish,  while  the  number  of  indifferent  cations  will  remain 
constant  because  they  arc  not  discharged.  The  loss  of  positive  charges 
must  be  compensated  by  the  supply  of  new  cations  to  the  double 
layer:  these  new  cations  may  be  either  metallic  ions  or  indifferent 
cations.  Thus,  when  the  potential  is  shifted  to  the  negative  side 
(i.e. ,  when  the  negative  charge  on  the  metal  surface  increases), 
the  fraction  of  discharging  cations  in  the  double  layer  will  be 
reduced,  wlnlc  the  quantity  of  indifferent  cations  and  the  net  posi¬ 
tive  charge  of  the  cationic  sheet  will  increase.  The  supply  of  metallic 
cations  will  thus  be  hampered,  and  a  higher  overpolcntial  will 
be  required  for  the  discharge  process  to  occur.  When  complex  anions 
arc  discharged,  which  is  probably  the  case  with  cyanide  electrolytes 
in  silver-  and  zinc-plating  processes,  the  situation  is  reversed. 
Merc  the  anionic  sheet  will  exert  a  retarding  rather  than  activating 
effect. 

The  exist'  nee  of  such  effects  is  confirmed  by  experimental  fads 
(decrease  of  metal  overpotential  with  increasing  surface  activity 
of  a  metal  sail  anion;  its  rise  with  increasing  concentration  of  hydro¬ 
gen  ions  and  upon  addition  of  surface-active  cations;  a  sharp  increase 
in  hydrogen  overpolcntial  in  going  from  a  positively  to  a  negatively 
charged  metal  surface,  etc.).  All  normal  metals  (Hg,  Ag,  Tl,  Pb,  Cd). 
which  are  deposited  at  a  negligibly  low  overpolcntial.  are  charged 
positively  with  respect  to  solutions  of  their  simple  salts  (<p>  0). 
and  all  metals,  the  deposition  of  which  is  accompanied  by  high 
ovcrpolenlial  (metals  of  the  iron  group)  arc  charged  negatively 
(<p  <  0).  That  is  why  in  the  eleclrodcposilion  of  metals  it  is  neces¬ 
sary  to  take  into  account  the  charge  on  the  electrode  surface,  even 
though  it  docs  not  determine  all  the  specific  features  of  these  proces¬ 
ses.  For  example,  the  large  difference  in  overpotential  in  the  deposi¬ 
tion  of  zinc  and  nickel,  metals  that  possess  approximately  equal 
negative  surface  charges  under  equilibrium  conditions,  has  not 
yet  been  accounted  for.  Similarly,  the  deposition  of  copper  should 
proceed,  judging  by  the  value  of  its  q>  potential,  just  as  easily 
as  the  deposition  of  cadmium  or  lead,  but  this  does  not  agree  with 
experimental  data. 


22/, A.  OTIIEU  POSSIBLE  CAUSES  OF  METAL 
0  V  E  1\  POTE  NT  I A  L 

Since  it  is  impossible  to  explain  nil  the  kinetic  peculiarities  of 
the  cleclrodcposilion  of  metals  from  a  single  general  point  of  view, 
one  has  to  search  new  ways  for  interpreting  this  process  and  make 
assumptions  specifically  for  describing  concrete  reactions.  For  exam¬ 
ple,  there  is  an  opinion  that  the  overpotential  in  metal  deposition 
is  associated  with  the  number  of  electrons  participating  in  the 
elementary  discharge  act  (Ileyrovsky).  It  is  assumed  here  that  one- 
electron  reactions  proceed  practically  unhindered.  In  all  cases  where 
only  one  electron  lakes  part  in  the  discharge  act  (or  when  the  process 
may  be  broken  down  into  a  number  of  successive  one-electron  steps) 
the  ovcrpolcnlial  must  be  low.  Conversely,  if  two  electrons  parti¬ 
cipate  simultaneously  in  the  discharge  of  metallic  ions,  a  high 
metal  ovcrpolcnlial  should  be  expected.  According  to  these  concepts, 
the  low  ovcrpolcnlial  observed  in  the  deposition  of  thallium  and 
silver  is  associated  with  the  fact  that  the  reduction  process  requires 
the  participation  of  one  electron: 

Tl*  -{-<>  =  Tl 
\g*  -i-  e  -=  Ag 

The  low  inclal  ovcrpolcnlial  characteristic  of  copper  and  zinc  is 
accounted  for  by  the  possibility  of  discharge  in  two  one-electron 

Cus+  -r  «  —  Cu  + 

Cu*  -}-  e  ==  Cu 

and 

Zir  *  ;  e  Zn* 

In*  --c  =  Zn 

For  metals  of  the  iron  group  the  discharge  proceeds  with  the  simul¬ 
taneous  addition  of  two  electrons 

Fe!*  -f  2e  =  Fc 

this  being  responsible  for  the  slow  rale  of  this  process  (the  proba¬ 
bility  of  simultaneous  addition  of  two  electrons  is  low)  and  the 
high  ovcrpolcnlial. 

It  has  long  been  known  however  that  the  rate  of  cleclrodcposilion 
and  also  of  clcctrodissolution  (see  Chapter  23)  of  metals  of  the  iron 
group  depends  on  the  solution  pH  and  the  presence  of  impurities. 
Burshtcin.  Kabanov  and  Frumkin  (1047)  postulated  the  direct 
participation  of  hydroxyl  ions  in  the  kinetics  of  those  processes. 
In  their  opinion,  OH*  ions  function  as  a  sort  of  a  catalyst.  The 
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mechanism  of  the  cathodic  deposition  and  anodic  dissolution  of  iron, 
cobalt  and  nickel  with  the  formation  of  intermediate  particles  of  (he 
type  FeOM,  FcOH*  or  I'e-FeOH*  was  discussed  later  by  Heisli-r. 
Bockris,  Fischer  and  Loren/.,  and  by  many  other  authors.  Several 
schemes  have  been  suggested  to  explain  experimental  data,  in 
particular,  the  pH  dependence  of  the  reaction  rate,  the  small  slope 
of  Tafel  lino  in  pure  solutions  of  sulphuric  acid,  its  increase  in  the 
case  of  hydrochloric  acid  solutions  and  on  addition  of  surface-active 
substances,  etc.  'J'bc  Bockris  scheme  is  given  below  by  way  of  illustra¬ 
tion. 

Fcs*  +  OH"  =  FeOH* 

FcOH*  -he  =  FcOH 
FeOlI  -f  e  =  Fe  +  OH' 

Ilcrc  the  entire  process  is  split  up  into  one  chemical  and  two  electro¬ 
chemical  steps,  the  rale  of  the  overall  reaction  being  determined 
by  (he  transport  of  the  first  electron  (the  second  step). 


CHAPTER  23 

Electrochemical  Dissolution 
and  Passivity  of  Metals 


Electrochemical  dissolution  of  metals  includes  two  basic  groups 
of  processes:  enforced  dissolution  on  application  of  a  current  (or 
anodic  dissolution  of  metals)  and  spontaneous  dissolution  as  a  result 
of  chemical  interaction  with  the  surrounding  medium.  The  spon¬ 
taneous  dissolution  of  a  metal  as  well  as  its  anodic  dissolution  are 
generally  called  corrosive  destruction  or  corrosion  of  metals  if  these 
processes  are  undesirable.  These  two  groups  of  processes  have 
both  common  and  specific  characteristics;  often  they  are  found  to 
occur  simultaneously. 

23.1.  ANODIC  DISSOLUTION  OF  METALS 
23.1.1.  GENERAL  DESCRIPTION  OF  THE  PROCESS 

.Metallic  anodes  arc  widely  used  in  the  electrochemical  industry. 
The  following  requirements  are  to  be  met  by  anodes  depending 
on  the  process  involved. 

1.  An  anode  must  dissolve  quantitatively  with  the  formation 
of  aquo-ions  (or  complex  ions)  of  only  one  valency.  These  require¬ 
ments  must  be  met  in  the  production  of  certain  electrodcpositcd 
coatings,  for  example,  in  copper-plating,  nickel-plating  or  zinc- 
plating  processes.  If  a  copper-plating  process  is  conducted  in  acidic 
baths,  it  is  necessary  that  copper  be  dissolved  and  pass  into  solution 
as  bivalent  ions.  The  reaction 

Cu  =  Cu*  H-  e 

is  undesirable  here  since  the  accumulation  of  univalent  ions  of  cop¬ 
per  in  excess  of  the  equilibrium  concentration  leads  to  the  deposi¬ 
tion  of  metallic  copper  in  the  form  of  powder  in  consequence  of  the 
disproportionation  process: 

2Cii*  =  Cu  -j-  Cu2* 

In  the  presence  of  such  powder,  which  finds  its  way  to  the  cathode 
surface,  rough  deposits  are  produced  instead  of  smooth  ones  (as  requi¬ 
red  for  electroplating). 
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2.  The  dissolution  of  anodes  must  be  selective,  i.o..  one  of  the 
components  of  the  anode  material  is  to  dissolve  quantitatively 
(often  in  the  form  of  definite  ions),  while  the  others  must  not  dissolve 
at  all.  An  example  is  the  electrolytic  refining  of  copper.  In  this 
process  copper  dissolves  ns  cupric  ions,  while  noble  metals  remain 
intact  and  accumulate  at  the  bottom  of  the  bath  in  the  form  of  so- 
called  sludge. 

3.  An  anode  must  dissolve  to  give  coherent  solid  products  of  tbc 
interaction  of  its  ions  with  the  other  ions  present  in  the  solution 
or  with  anodically  evolved  oxygen.  Examples  are  the  anodizing 
of  aluminium,  the  bluing  of  steel,  the  charging  of  the  positive  pole 
of  a  lead  accumulator,  phosphaling. 

4.  An  anode  must  dissolve  with  the  simultaneous  smoothing  and 
brightening  of  the  surface  (electropolishing).  It  need  not  dissolve 
quantitatively  in  this  case  and  part  of  the  current  may  be  consumed 
for  oxygen  evolution. 

5.  An  anode  must  not  dissolve  at  all.  and  the  only  electrode 
process  must  be  the  evolution  of  a  gas,  most  frequently  oxygen. 
This  requirement  must  be  met  in  the  electrolysis  of  water,  electro- 
winning  of  zinc,  chrome-plating,  and  also  in  the  electrolysis  of 
solutions  of  alkali  metal  chlorides.  In  the  latter  case,  the  anode 
must  provide,  apart  from  stability,  the  predominant  evolution 
of  chlorine,  and  impede  oxygen  evolution. 

If,  under  the  influence  of  an  external  current,  the  amount  of  dis¬ 
solved  metal  is  greater  than  would  be  expected  on  the  basis  of  Fara¬ 
day’s  laws,  it  will  mean  that  the  anodic  dissolution  of  the  metal 
is  accompanied  by  its  spontaneous  dissolution,  i.c.,  the  metal 
is  simultaneously  subjected  to  corrosion.  If  the  anode,  which  must 
be  stable  under  the  given  conditions,  in  fact  dissolves  as  a  result 
of  cither  the  application  of  an  external  current  or  the  interaction 
with  the  surrounding  medium,  this  will  indicate  the  simultaneous 
occurrence  of  anodic  dissolution  and  corrosion. 

Which  of  these  cases  of  the  anodic  behaviour  of  metals  will  actually 
occur  depends  on  the  nature  of  the  metal  itself  and  on  the  composi¬ 
tion  of  the  solution,  in  particular  on  its  pH.  Current  density  and 
temperature  are  also  important  here.  The  same  metal  may  behave 
either  as  a  soluble  or  as  a  stable  anode,  depending  on  the  particular 
conditions. 

The  probable  behaviour  of  each  metal  can  be  estimated  by  using 
polcnlial-pM  diagrams  ( Pourbaix  diagrams).  They  enable  one  to 
establish  the  thermodynamically  most  probable  regions  of  poten¬ 
tials,  pH  and  concentrations  of  metallic  ions  corresponding  to  the 
different  electrochemical  behaviour  of  a  given  metal.  For  example, 
from  the  potenlial-pH  diagram  for  zinc  (Fig.  23.1)  it  con  be  seen 
that  in  the  region  of  acidic  solutions  at  potentials  above  the  straight 
line  1  zinc  dissolves  to  yield  hydrated  ions  ZnJJ.  When  a  pH  value 

32* 
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of  6.5  is  reached,  sparingly  soluble  zinc  hydroxide  Zn(OII),  may 
be  formed  and  the  dissolution  of  zinc  is  hindered.  The  hydroxide 
region  is  limited  by  straight  lines  2.  3 ,  and  4.  At  pH  —  14  zinc 
will  again  readily  pass  into  solution,  this  lime  as  anions  Zn057„fl), 
which  are  readily  soluble  in  alkaline  solutions  and  do  not  impede 
the  anodic  dissolution  of  zinc  or  its  corrosion.  This  region  is  limited 
by  straight  lines  4  and  5  and  the  ordinate  axis.  Below  the  broken 
line  1-3-5  is  the  region  of  stability  of  zinc,  where  its  dissolution 


is  thermodynamically  improbable.  The  potcntial-pl I  diagram  in 
Fig.  23.1  refers  to  the  special  case  where  the  activity  of  zinc  ions 
in  solution  is  10's  mole  litre.  At  a  different  activity  t ho  disposition 
of  the  regions  will  change  somewhat.  I’ourbaix  and  his  colleagues 
plotted  potenlial-pll  diagrams  for  most  metals  and  a  number 
of  alloys  for  four  activities  of  metallic  ions  (1.  Ill  10~4.  and 
10_®  inole'litrc). 


23.1.2.  ANODIC  DISSOLUTION  OF  METALS 
WITH  FOllMATION  OF  HEADILY  SOLUBLE  COMPOUNDS 

The  anodic  dissolution  of  a  metal,  in  which  metal  passes  into 
solution  as  simple  hydrated  ions  or  as  complex  ions  is  in  many  respects 
the  reverse  of  the  cathodic  deposition  of  metals.  In  the  case  of  simple 
hydrated  ions,  the  overall  reaction  of  anodic  dissolution  may  be 
written  in  the  form  of  the  equation 

(Ml  -r  *11,0  =  +  ze  (23.1) 

and  for  complex  ions  the  overall  reaction  is 


(Ml  4-  xA-  4-  yll20  =  MAr*  »H,0  + 


(23.2) 
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In  contrast  to  the  cathodic  deposition  of  metals,  the  anode  process 
begins  with  the  destruction  of  the  crystal  lattice  of  a  metal  and 
ends  with  the  formation  of  metallic  ions  in  solution.  The  direction 
of  each  individual  step  is  also  reversed.  For  example,  the  destruc¬ 
tion  of  the  crystal  lattice  of  a  metal  replaces  its  formation,  and 
the  ionization  of  metal  atoms  replaces  the  discharge  of  ions.  etc. 

Metals  are  anodically  dissolved  usually  at  potentials  more  positive 
than  the  correspoding  equilibrium  potentials,  i.e.,  their  dissolution 
is  accompanied  by  anodic  polarization.  The  value  of  polarization 
can  be  determined  by  the  equation 

Ae  =  aei  ~  (23.3) 

where  ae{  is  the  potential  of  the  metal  under  the  conditions  of  anodic 
dissolution  at  a  current  density  i. 

Anodic  polarization  may  be  ascribed  to  the  slow  occurrence  of  the 
transport,  solid-phase  destruction  or  ionization  step.  In  (he  cathodic 
deposition  of  metals  the  slow  transport  step.  i.e..  the  insufficient 
initial  rate  of  transport  to  the  electrode  of  the  ions  to  be  discharged, 
shifts  the  electrode  potential  in  the  negative  direction.  In  the  anodic 
dissolution  process,  the  slow  rate  of  the  removal  step  results  in  the 
accumulation  of  the  formed  metallic  ions  near  the  electrode  and, 
accordingly,  displaces  its  potential  to  the  positive  side. 

An  analogous  situation  is  also  observed  when  any  other  step 
is  slow.  In  view  of  this,  at  not-too-large  deviations  from  the  equili¬ 
brium  si  ale.  a  certain  symmetry  is  observed  in  the  cathodic  deposi¬ 
tion  and  anodic  dissolution  processes.  For  example,  the  anodic 
polarizaiion  of  mercury,  silver,  thallium  and  cadmium  is  found 
to  be  close  in  magnitude  to  the  cathodic  polarization  of  the  same 
metals  at  equal  cathodic  and  anodic  current  densities,  i.e..  at  equal 
rates  of  deposition  and  dissolution.  Likewise,  the  variation  of  the 
anodic  and  cathodic  overpotenlials  with  increasing  current  density 
obeys  approximately  the  same  law  for  these  metals. 

A  similar  analogy  is  observed  in  the  character  of  change  of  the 
metal  surface  during  deposition  and  dissolution. 

The  energy  of  removal  of  a  single  structural  unit  of  the  crystal 
lattice  depends  on  the  site  which  it  occupies  on  the  crystal  surface 
(Fig.  23.2).  The  most  weakly  bonded  structural  units  are  those 
located  at  the  corners  of  the  crystal,  where  each  of  them  is  surround¬ 
ed  by  only  three  nearest  neighbours.  The  passage  of  such  a  structural 
unit  from  the  crystal  lattice  into  solution  is  effected  easily  al  so 
because  the  largest  number  of  water  molecules  can  approach  it  since 
three  of  its  sides  face  the  solution.  For  a  structural  unit  to  be  removed 
from  a  crystal  edge  the  bond  energy  of  four  nearest  neighbours 
has  to  be  overcome,  and  from  any  point  on  the  crystal  face,  five  neigh¬ 
bours.  The  possibilities  of  contact  with  water  molecules  and, 
hence,  of  attractive  forces  being  exerted  by  them  are  also  more 
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limited  in  these  cases.  The  anodic  dissolution  of  perfect  crystals 
begins  therefore  from  the  corners  and  edges  of  a  crystal  and  gives 
rise  to  surface  formations  similar  to  two-dimensional  nuclei.  Just 
as  in  the  case  of  cathodic  deposition  of  a  metal,  its  anodic  dissolu¬ 
tion  is  favoured  by  the  presence  of  defects  and  disturbances  in  the 
lattice  structure,  including  dislocations. 

The  similarity  in  the  behaviour  of  normal  metals  during  their 
cathodic  deposition  and  anodic  dissolution  is  also  revealed  with 
respect  to  effects  associated  with  the  composition  of  the  solution. 
The  activating  effect  of  surface-active  anions  and  the  inhibiting 


Fig.  23.2.  Model  ot  a  dissolving  crystal  face  showing  energi't Scatty  nonequiva- 
lcnl  positions  ol  a  .structural  unit  oi  lin'  lattice 


effect  of  foreign  cations  are  also  observed  in  the  anodic  dissolution 
process. f  Hut  in  this  case  the  effect  of  anions  is  slongcr  and  that 
of  cations  weaker  than  in  the  cathodic  process. 

For  metals  such  as  copper  and  zinc  the  symmetry  of  anodic  and 
cathodic  processes  is  manifested  in  a  lesser  degree.  Their  anodic 
dissolution  usually  proceeds  more  easily  than  their  cathodic  deposi¬ 
tion. 

A  still  larger  difference  is  observed  in  the  case  of  inert  metals. 
The  anodic  polarization  in  the  dissolution  of  the  Fe-group  metals 
is  appreciably  weaker  than  their  cathodic  polarization  (at  the  same 
current  density).  Nevertheless,  here  loo  it  reaches  several  tenths 
of  a  volt  and  considerably  exceeds  the  anodic  polarization  associated 
with  the  dissolution  of  intermediate  and  normal  metals.  The  sequence 
of  metals  arranged  according  to  increasing  metal  overpolenlial 
(see  Table  22.1.  page  481)  thus  reflects  also  the  order  of  increasing 
polarization  in  their  anodic  dissolution. 

The  behaviour  of  metals  during  anodic  dissolution  has  not  been 
studied  so  completely  as  their  cathodic  deposition.  The  experimental 
data  obtained  so  far  still  indicate  the  applicability  of  the  basic 
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concepts  of  liie  theory  of  electrochemical  overpolential  to  motuls 
of  the  Fe  group.  For  instance,  the  kinetics  of  anodic  dissolution 
of  iron  and  nickel  arc  described  by  Tafel's  formula: 


11a 


+  b„  log  i 


(23.4) 


which  can  easily  be  obtained  from  Eq.  (16.68)  if  the  rate  of  the 
discharge  reaction  is  ignored  compared  with  the  ionization  rate. 

Experimental  Tafel  slopes  arc  not  always  in  agreement  with 
the  theory  of  slow  discharge.  For  example,  the  coefficient  b,.  for 
the  dissolution  of  iron  in  sulphuric  acid  solutions  is  only  about 
0.03. 

If  it  is  assumed  that  iron  is  dissolved  anodically  as  ferrous  ions 
(the  most  probable  process),  then  the  coefficient  a,  calculated  from 
the  equation 


0.06 

2a 


is  found  to  be  equal  to  unity.  This  value  of  a  is  difficult  to  explain 
from  the  standpoint  of  the  slow-discharge  theory  without  assuming 
that  the  detachment  of  electrons  occurs  as  a  two-step  consecutive 
process. 

Apart  from  the  transfer  of  electrons,  the  overall  reaction  of  anodic 
dissolution  of  iron  and.  evidently,  of  other  metals  of  the  Fe  group 
includes  pure  chemical  steps  involving  anions,  primarily  hydroxyl 
ions,  which  catalytically  accelerate  the  anodic  process.  The  dissolu¬ 
tion  of  iron  in  concentrated  sulphuric  acid  solutions  may  be  described . 
for  example,  by  the  following  scheme: 

Fe  -r  Oil-  =  FoOH,„„  +  e 
FcOIIud,  =  FeOHirf,  +  e 
FeOIIji,  +  bII,0  =  Fe-nHjO**  ~  OH- 
wliere  the  second  step  determines  the  rate  of  the  ovcral.  process. 

There  are  a  large  number  of  experimental  data  which  indicate 
that  the  anodic  dissolution  of  other  metals  also  involves  OH’  ions, 
though  the  chemical  polarization  in  the  anodic  dissolution  of  normal 
metals  is  probably  determined  mainly  by  the  destruction  of  the 
crystal  lattice. 

The  kinetics  of  anodic  dissolution  of  metals  must  depeud  not 
only  on  the  concentration  of  hydroxyl  ions  but  on  the  anionic  com¬ 
position  of  the  solution  in  general.  It  was  usually  assumed  that 
other  anions  are  capable,  in  a  greater  or  lesser  degree,  of  displacing 
OH-  ions  from  the  surface  of  the  metal  being  dissolved  and  thus 
reducing  their  catalytic  effect.  This  point  of  view  is  borne  out. 
for  example,  by  the  fact  that  the  rate  of  iron  dissolution  decreases 
in  going  from  sulphate  to  chloride  solutions  with  the  same  pH  value. 
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The  surface  activity  of  Cl"  ions  is  higher  than  that  of  SOJ"  or 
HSOj  ions  and  Cl"  ions  displace  a  larger  number  of  OH"  ions, 
i.e.,  reduce  more  noticeably  their  catalytic  effect  on  the  dissolution 
process.  However,  it  was  shown  by  Kololyrkin  and  coworkers  that, 
in  a  more  general  case,  any  anions,  like  OH"  ions,  arc  capable  of 
catalyzing  the  anodic  dissolution  of  metals.  The  net  effect  is  there¬ 
fore  determined  by  the  particular  conditions  of  dissolution.  In  the 
region  of  small  pH  values,  where  the  concentration  of  hydroxyl 
ions  is  low  and  the  coverage  of  the  surface  of  the  metal  being  dis¬ 
solved  with  these  ions  is  insignificant,  other  anions,  say.  sulphuric 
acid  anions,  may  be  adsorbed  on  free  sites  of  the  surface  without 
reducing  the  surface  concentration  of  hydroxyl  ions.  Under  these 
conditions  the  rale  of  dissolution  must  increase  with  increasing 
total  concentration  of  anions.  At  high  pH  values  when  the  concentra¬ 
tion  of  OH"  ions  and  the  surface  coverage  are  high,  the  effect  of  displa¬ 
cement  of  hydroxyl  ions  by  other  anions  becomes  predominant  and 
the  dissolution  rate  may  decrease  with  increasing  total  concentration 
of  anions. 


23.2.  THE  PASSIVITY  OF  METALS 
23.2.1.  GENERAL  CHAR  ACTE  It  1STICS  OF  THE  PASSIVE 
STATE  OK  METALS 

A  metal  dissolving  under  the  influence  of  anodic  polarization 
may  lose  this  ability  if  the  conditions  arc  changed  and  thus  become 
an  insoluble  anode.  This  transformation  of  a  soluble  anode  to  an 
insoluble  one  is  a  special  case  of  the  passivation  (or  passivity)  of 
metals.  Hie  phenomenon  of  metal  passivation  was  discovered  by 
Lomonosov  and  described  in  ‘'Dissertation  on  the  action  of  chemical 
solvents  in  general”  (1738).  Lomonosov  noted  that  iron  acted  upon 
by  a  concentrated  solution  of  nitric  acid  ceased  to  dissolve.  Kver 
since  the  passivity  of  metals  is  understood  to  mean  their  ability 
to  assume  such  a  stale  in  which  they  no  longer  participate  in  proces¬ 
ses  which  arc  ordinarily  typical  of  and  thermodynamically  possible 
for  them. 

"1  he  passivation  of  a  metal  is  achieved  not  only  through  the  action 
of  corresponding  oxidizing  agents  (an  example  being  the  passivation 
of  iron  by  a  concentrated  solution  of  nitric  acid).  Metals  can  be 
passivated  by  other  methods  as  well,  for  example,  by  anodic  pola¬ 
rization.  I  his  phenomenon  is  most  readily  detected  on  potent ioslalic 
curves  of  anode  potential  versus  current  density.  One  typical  polcn- 
lioslalic  curve  is  given  in  Fig.  23.3.  In  the  region  of  potentials  not 
too  distant  from  the  equilibrium  or  stationary  potential  of  a  metal 
under  given  conditions,  the  rale  of  dissolution  of  the  metal  with 
the  formation  of  its  ions  is  found  to  increase  as  the  potential  is 
shifted  in  tho  positive  direction.  This  region  of  potentials  corre- 


Ch.  23.  Electrochemical  Dissolution  and  Passivity  0/  Metals 


sponds  lo  Uie  active  state  of  the  metal,  where  it  behaves  as  a  solublo 
anode.  When  a  certain  value  of  potential  (more  positive  than  tho 
initial  value)  is  reached,  the  current  density  falls  abruptly,  which 
indicates  that  the  dissolution  process  has  suddenly  become  sluggish. 
In  a  rather  wide  range  of  potentials  the  current  density  and.  hence, 
the  rale  of  dissolution  are  almost  constant  and  very  low.  This  region 
of  potentials  corresponds  lo  the  passive  state.  The  portion  of  the 
potenliostatic  polarization  curve  connecting  the  active-stale  region 


Fig.  23.3.  Anodic  potenliostatic  curve  for  a  metal  capable  of  passivation 

and  the  passivity  region  represents  the  transient  or  prepassivating 
state.  As  the  potential  becomes  still  more  positive,  the  current 
density  may  rise  again  and  the  dissolution  proceed  at  a  faster  rate. 
This  region  of  potentials  represents  the  transpassivily  condition. 
It  is  usually  characterized  by  the  dissolution  of  a  metal  with  the 
formation  of  ions  of  higher  valency  than  in  the  case  of  its  dissolution 
in  the  active  state.  Thus,  as  the  potential  is  shifted  to  more  positive 
values,  the  metal  passes  successively  from  the  active  state  through 
the  transient  (prepassivating),  and  passive  states  to  transpassivily. 
By  shifting  the  potential  from  positive  hack  to  negative  values  one 
can  make  the  metal  pass  through  the  same  states  in  reverse  order. 
The  points  of  transition  from  one  state  lo  another  are  the  most 
important  data  for  the  description  of  a  potentiostatic  curve.  The 
potential  e{,  at  which  the  metal  begins  to  change  from  the  active 
to  the  passive  state  is  called  the  passivation  potential.  At  a  potential 
eac  the  metal  is  already  passive.  But  when  this  potential  is  shifted 
to  the  negative  side  even  by  a  small  amount,  the  passive  metal 
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becomes  depassivated  or  activated.  The  poteulial  eoe  is  usually 
called  the  activation  potential  or  the  Flade  potential  (Flade  was 
the  first  to  describe  it);  the  last  term  is  also  often  used  to  describe 
the  passivation  potential  e,(.  The  next  characteristic  potential  is 
the  quantity  elp— the  depassivation  potential  at  which  the  metal 
passes  from  the  passive  state  to  transpassivity.  Each  of  the  regions 
of  the  potentiostatic  curve  lying  between  critical  points  is  characte¬ 
rized  by  its  own  law  of  variation  of  the  dissolution  rate  (the  anodic 
current  density)  with  potential.  In  the  active-state  region  the  shift 
of  the  potential  to  the  positive  side  increases  the  rate  of  dissolution, 
i.e..  the  slope  of  the  curve  dilde  is  greater  than  zero.  When  the  prepas¬ 
sivating  condition  sets  in,  the  rale  of  dissolution  diminishes  with 
increasing  positive  value  of  potential,  and  the  slope  di/de  is  negative. 
When  the  metal  is  insoluble  (passive),  the  rate  of  dissolution  is  prac¬ 
tically  independent  of  the  potential,  and  the  slope  dilde  may  be 
taken  equal  to  zero.  In  the  transpassivity  stale,  just  as  in  the  active 
state,  the  dissolution  rate  increases  with  potential,  but  the  slope 
is  different  in  absolute  value.  It  should  be  noted  that  the  transpassi¬ 
vity  region,  i.e.,  the  passage  of  the  metal  back  to  the  active  stale 
and  the  increase  of  its  rate  of  dissolution,  is  not  always  observed 
at  sufficiently  high  positive  potential.  Nonetheless,  in  this  case 
too,  the  current  density  is  observed  to  rise  after  a  certain  poten¬ 
tial  value  is  reached.  However,  here  it  does  not  mean  I  be  resump¬ 
tion  of  the  active  state,  but  rather  the  beginning  of  oxygen  evolu¬ 
tion.  There  are  also  cases  where  transpassivity  is  followed  by 
a  second  passivity  region,  which  may  then  be  replaced  by  a  new 
rise  of  current  density  associated  with  the  dissolution  of  the  metal 
(this  time,  with  the  formation  of  other  ions)  or  with  oxygen  evolu¬ 
tion. 

The  detailed  demarcation  of  the  regions  corresponding  to  different 
stales  of  a  metal  became  possible  owing  to  the  use  of  the  polentio- 
stalic  method  of  tracing  polarization  curves.  When  the  galvano- 
static  method  was  used,  many  features  of  the  anodic  behaviour  of 
metals  escaped  observation.  Only  abrupt  changes  of  the  potential 
could  be  delected,  which,  in  the  forward  (from  low  to  high  current 
densities)  and  reverse  (from  high  to  low  current  densities)  tracing 
of  polarization  curves,  occurred  at  different  current  densities,  indi¬ 
cating  the  existence  of  certain  hysteresis  phenomena  (shown  in 
Fig.  23.3  by  dash-and-dot  lines  with  arrowheads).  However,  long 
before  tbe  potentiostatic  method  was  developed,  Kistyakovsky 
(1010)  proposed,  on  the  basis  of  indirect  data,  a  scheme  of  possible 
states  of  a  metal,  which  largely  coincides  with  that  accepted  at 
present. 

The  basic  regularities  of  the  passage  of  metals  to  different  states 
were  sludied;and  described  almost  simultaneously  by  many  authors. 
Mention  should  be  made  of  the  work  by  Akimov,  Batrakov,  Toma- 
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shov,  Kolotyrkin,  I'razek,  Bonhoefler,  Franck,  Slern,  Edclanu, 
Okamoto,  and  other  scientists.  The  transpassivity  of  metals  was 
first  treated  in  detail  by  Batrakov  (1953)  and  Tomashov  (1954). 
Based  on  the  earlier  observations  by  Akimov  and  Batrakov,  Kolo¬ 
tyrkin  for  the  first  lime  traced  a  full  potentioslalic  curve  and  proved 
experimentally  that  all  state  transitions  of  the  metal  (Fig.  23.3) 
can  be  effected  either  by  its  polarization  or  by  introducing  into  the 
solution  various  oxidizing  agents  capable  of  providing  the  corre¬ 
sponding  potentials.  The  peculiarities  of  the  behaviour  of  metals 
under  the  conditions  of  their  anodic  polarization  appear  thus  to  be 
intimately  connected  with  the  phenomena  of  passivity  and  traus- 
passivity. 

23.2.2.  THE  FILM  AND  ADSORPTION  THEORIES 
OF  PASSIVITY 

Data  obtained  so  far  only  partly  characterize  the  active,  passive 
and  transpassive  stales  and  determine  the  conditions  where  each 
of  these  states  can  be  attained.  They  yield  no  information  concern- 
iug  the  cause  of  the  passage  of  a  metal  from  the  active  to  the  passive 
state  and  from  the  passive  to  the  transpassive  slate.  Two  theories 
have  been  suggested  to  account  for  the  phenomenon  of  passivity— 
the  lil in  theory  and  the  adsorption  theory.  In  the  film  theory 
(Kistyakovsky).  which  owes  its  origin  to  Faraday,  it  is  assumed 
that  the  passivation  of  a  metal  is  caused  by  the  formation  of  a  thin, 
usually  oxide,  lilm  on  the  surface  of  the  metal,  which  ceases  to 
interact  with  the  surrounding  medium  and  is  thus  protected  from 
dissolving.  This  oxide  film  has  a  thickness  of  several  molecular  layers 
and  it  may  be  regarded  as  a  phase  oxide.  The  more  perfect  the 
structure  of  the  oxide  film  and  the  less  the  number  of  cracks  and 
defects,  the  more  complete  is  the  passivation  and  the  lower  the 
rate  of  metal  dissolution.  The  validity  of  the  film  theory  is  proved, 
for  example,  by  the  fact  that  for  many  metals,  e.g.  copper,  lead, 
silver  and  platinum,  the  passivation  (ep)  and  activation  (e„c)  poten¬ 
tials  lie  on  cither  side  of  the  reversible  potentials  of  the  corre¬ 
sponding  metal-oxide  electrodes.  Likewise,  the  form  of  the  depen¬ 
dence  of  passivation  potential  on  the  solution  acidity  often  (for 
the  above  metals  as  well)  corresponds  to  the  pH  variation  of  the 
potential  of  a  metal  electrode  of  the  second  kind: 

ep  =  eJ,  -  0.06  pH 

There  are  many  cases,  however,  where  the  value  of  passivation 
potential  cannot  be  related  to  the  formation  of  auy  one  of  the  known 
oxides  of  a  metal.  For  example,  for  iron  the  passivation  potential 
ep  =  4-0.58  V,  whereas  the  most  positive  of  all  the  possible  poten¬ 
tials  of  iron-oxide  electrodes  corresponding  to  the  system  Fe,  FeO, 
FejOj  is  only  0.22  V.  Since  the  iron  electrode  is  here  the  anode. 
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this  difference,  one  would  think,  is  due  to  u  high  anodic  polarization. 
But  this  explanation  is  invalid  because  the  activation  potential 
of  iron,  eac,  is  also  close  to  +0.58  V,  though  in  this  case  the  iron 
electrode  is  polarized  calhodically.  In  this  connection  it  was  assumed 
that,  in  spite  of  the  fact  that  iron  dissolves  predominantly  as  biva¬ 
lent  ions,  an  oxide  film  may  be  formed  with  the  participation  of 
iron  ions  of  a  valency  higher  than  3.  This  is  possible  provided  that 
iron  is  gradually  oxidized  by  an  excess  of  oxygen  in  the  surface 
layer.  Therefore,  apart  from  the  oxides  FcO  and  Fe«03,  this  oxide 
layer  may  also  contain  higher  oxides,  say  FeOj,  which  arc  characte¬ 
rized  by  more  positive  potentials.  The  passivation  of  nickel,  for 
example,  is  explained  analogously. 

The  existence  of  surface  films  of  a  phase  nature  has  been  proved 
experimentally  by  Kislyakovsky,  Izgaryshev,  Akimov  and  their 
colleagues.  Evans  (1930),  who  used  specially  .selected  solutions 
attacking  only  the  metal  and  not  the  oxide  film  on  its  surface, 
succeeded  in  separating  the  film  by  carefully  dissolving  the  underly¬ 
ing  metal.  Naturally,  the  continuity  of  the  film  had  to  he  disturbed 
to  a  certain  extent  because  otherwise  the  metal  could  not  be  dis¬ 
solved.  The  data  of  electron-diffraction  and  optical  investigations 
also  confirm  the  existence  of  a  film  on  the  surface  of  a  passive  metal 
and,  in  a  number  of  cases,  permit  one  to  identify  its  composition 
and  structure. 

According  to  the  film  theory,  transpassivity  is  ascribed  to  the 
change  of  the  composition  and  structure  of  a  surface  oxide  duo  to  the 
formation  of  higher-valency  ions,  which  disturbs  the  continuity  of  the 
film.  The  protective  action  of  the  film  is  thus  reduced  and  the  metal 
can  dissolve  again,  this  time  at  more  positive  potentials  and  usually 
in  the  form  of  higher-valency  ions.  In  the  film  theory,  according 
to  which  passivity  is  caused  by  a  surface  oxide  layer,  much  atten¬ 
tion  is  paid  to  the  formation  and  growth  of  this  oxide  layer.  The 
main  factors  controlling  this  process  are  the  potential  of  the  metal 
and  also  the  concentrations  of  metallic  and  hydroxyl  ions.  The 
potential  of  the  metal  must  he  sufficiently  positive  to  provide  the 
stability  of  the  given  oxide.  The  concentrations  of  metallic  and 
hydroxyl  ions  must  be  sufficiently  high  for  the  corresponding  prin¬ 
cipal  salts  or  hydroxides  to  be  formed.  These  compounds  arc  then 
transformed  to  produce  passivating  oxides.  Passivity  will  set  in  the 
more  easily,  the  higher  the  electrode  polarization  in  anodic  metal 
dissolution  and  the  lower  the  rate  of  removal  of  metallic  ions  from 
the  electrode  surface. 

According  to  the  adsorption  theory,  passivity  is  not  necessarily 
connected  with  the  formation  of  a  polymolecular  oxide  film.  It  can 
be  achieved  through  the  retardation  of  the  metal-dissolution  reaction 
caused  by  adsorbed  oxygen  atoms.  Oxygen  atoms  may  appear  on  tho 
metal  surface  from  the  discharge  of  hydroxyl  ions  (or  water  molecules) 
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at  potentials  lower  than  those  at  which  oxygen  is  evolved  or  oxides 
arc  formed.  The  adsorbed  oxygen  atoms  passivate  the  metal  either 
by  forming  a  continuous  inonomolccular  layer  on  its  surface  or 
by  blocking  the  most  active  centres,  or  else  by  changing  the  effective 
potential  difference  across  the  metal-solution  interface.  The  sugges¬ 
tion  that  a  continuous  inonomolccular  layer  of  oxygen  atoms  is 
responsible  for  the  passivation  of  a  metal  offers  nothing  radically 
new  compared  with  the  lilm  theory,  the  more  so  that  such  a  layer 
is  scarcely  distinguishable  from  a  surface  oxide.  As  regards  the 
amount  of  oxygen,  a  monomolecular  layer  of  its  closely  packed 
adsorbed  atoms  or  molecules  is  equivalent  to  2-'i  molecular  layers 
consisting  of  a  surface  oxide. 

Of  much  greater  interest  is  the  possibility  of  passivation  by 
blocking  active  centres  on  the  surface  of  a  dissolving  metal  or  by 
retarding  the  dissolution  process  clcclrocheinically.  The  surface 
of  a  dissolving  metal  being  energetically  nonuniform,  the  passage 
of  its  ions  into  solution  from  the  various  parts  proceedsal  different 
rates.  If  a  certain  number  of  oxygen  atoms  or  molecules  (too  small 
to  cover  the  entire  surface)  are  adsorbed  on  sites  where  the  metal 
is  dissolved  most  easily,  this  will  result  in  an  abrupt  fall  in  the 
overall  rate  of  dissolution,  entirely  out  of  proportion  with  the 
surface  covered  with  oxygen.  This  decrease  of  dissolution  will 
increase  polarization,  i.c. ,  will  shift  the  anode  potential  to  the 
positive  side.  This  shift  of  potential  will  favour  further  oxygen 
adsorption  and  the  attainment  of  the  passive  state.  The  next  equal 
amount  of  oxygen  will  further  decrease  dissolution,  though  not 
so  markedly  as  previously  since  this  lime  less  active  centres  are  blo¬ 
cked,  etc.  If  the  difference  in  energy  between  the  various  parts 
of  the  surface  is  considerable,  this  mechanism  of  selective  adsorp¬ 
tion  will  decrease  dissolution  down  to  the  value  usually  observed 
in  the  passivity  region. 

Still  more  effective  is  the  adsorption-electrochemical  mechanism 
of  passivation  (Ershler,  Kabanov,  Kolotyrkiu,  and  others).  The 
validity  of  this  mechanism  is  confirmed,  for  example,  by  data 
on  the  dissolution  of  platinum.  The  rate  of  its  dissolution  in  livdro- 
chloric  acid  at  a  constant  potential  is  exponentially  dependent 
on  the  surface  concentration  of  oxygen. 

To  provide  a  four-fold  decrease  of  dissolution  it  is  sufficient 
to  deposit  an  amount  of  oxygen  capable  of  covering  about  i  per 
cent  of  the  electrode’s  visible  surface.  The  next  equivalent  amouui 
of  oxygen  will  lower  the  rale  of  dissolution  by  the  same  factor 
i  e.,  the  initial  value  will  be  reduced  16-fold;  still  another  portion 
°f  oxygen  will  bring  the  figure  down  to  1/6'ilh  of  the  initial  rate 
of  dissolution,  and  so  on  until  the  dissolution  of  platinum  sIods 
This  exponential  dependence  is  explained  by  Ershler  as  being  due 
to  the  displacement  from  the  double  layer  of  an  equivalent  number 
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of  anions  by  adsorbed  oxygen  atoms  (which  play  the  role  of  the 
negative  end  of  the  metal-oxygen  dipole).  The  decrease  in  the  number 
of  anions  in  the  double  layer  will  accordingly  lower  the  ionic  poten¬ 
tial  difference,  the  total  metal-solution  potential  difference  remain¬ 
ing  unchanged.  According  to  the  laws  of  electrochemical  kinetics 
this  must  result  in  an  exponential  decrease  of  the  rate  of  i on i /a lion, 
i.e.,  the  rate  of  metal  dissolution  will  drop  down  lo  the  value  obser¬ 
ved  experimentally. 

The  retardation  of  the  dissolution  process  by  the  adsorption 
mechanism  must  be  of  special  importance  at  the  stage  of  transition 
from  the  active  lo  the  passive  state. 

Irrespective  of  which  of  these  theories  is  considered  more  valid, 
the  occurrence  of  passivation  and  the  passive  stale  proper  must 
be  related  to  the  decrease  of  the  rale  of  metal  dissolul ion.  It  has 
therefore  been  suggested  that  passivity  lie  defined  as  the  slate  of 
the  increased  stability  of  a  metal  or  alloy  resulting  from  the  hindered 
anodic  process  (Tomashov). 


CHAPTER  24 

Electrochemical  Corrosion  of  Metals 


2U.  GENERAL  IIESCRUTION  OF  CORROSION 


Corrosion  of  metals  i«  ilofrned  ,,  th«  spo„, .oeoos  deetructioB 
of  motnls  in  the  course  of  their  chemical,  aleelrochemieal  or  bioehc- 
nucal  interaction  with  the  environment.  Corrosion  is  an  umlesirabie 
and  'indeliberate  process.  I  he  electrochemical  dissolution  of  blister- 
copper  anodes  in  copper-refining  baths  cannot  be  regarded  as  a 
corrosion  process  since  it  is  a  necessary  and  desirable  link  in  the 
purification  of  copper.  Al  the  same  time  the  electrochemical  dis¬ 
solution  of  an  iron  anode  in  a  water-electrolysis  bath  should  be 
included  in  the  category  of  corrosion  processes  since  it  is  undesirable 
in  this  citse.  The  erosion  of  the  walls  of  iron  tanks  in  which  sulphuric 
acid  is  transported  is  considered  corrosive  destruction,  whereas 
the  dissolution  of  iron  in  sulphuric  acid  for  the  purpose  of  producing 
pure  reactive  iron  sulphate  is  not  regarded  as  corrosion,  though 
both  processes  are  based  on  the  same  phenomena.  ~ 

Corrosion  is  n  spontaneous  process  occuiring  predominantly  with, 
out  application  of  an  external  current.  This  feature  of  forros;on 
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wastage  of  lime  and  materials,  clc.  The  associated  expenses  are 
much  higher  than  the  cost  of  replacement  material.  For  example, 
the  relatively  low  cost  of  an  underground  lead  cable  length  destroyed 
by  corrosion  stands  no  comparison  with  the  expenses  on  the  work 
required  to  locate  the  damage,  remove  the  ground  and  repair  the 
cable. 

24.2.  CLASSIFICATION  OF  CORROSION 
PROCESSES 

A  distinction  is  made  between  chemical,  biochemical  and  electro¬ 
chemical  corrosion  of  metals. 

Chemical  corrosion  of  metals  is  spontaneous  destruction  governed 
by  the  laws  of  ordinary  heterogeneous  chemical  reactions.  The 
destruction  of  metals  attacked  at  high  temperatures  by  aggressive 
gases  which  prevent  condensation  of  moisture  on  the  metal  surface, 
and  also,  evidently,  the  dissolution  of  metals  in  contact  with  non 
conducting  organic  media  belong  to  the  category  of  chemical  cor 
rosion  processes. 

Biochemical  corrosion,  or  biocorrosion,  is  caused  by  the  vital 
activity  of  various  microorganisms  using  a  metal  as  a  culture  medium 
or  evolving  products  which  attack  the  metal.  Biochemical  corrosion 
usually  accompanies  other  types  of  corrosion.  Soils  of  definite  compo¬ 
sition,  stagnant  waters  and  certain  organic  products  "really  favour 
the  progress  of  biochemical  corrosion. 

Electrochemical  corrosion  is  encountered  more  frequently  than 
other  types  of  corrosive  destruction  and  is  most  dangerous  to  metals. 
It  may  occur  in  a  gas  atmosphere,  when  moisture  condenses  on  the 
metal  surface  (atmospheric  corrosion),  in  soils  (soil  corrosion)  and 
in  solutions  (liquid  corrosion).  Electrochemical  corrosion  is  governed 
by  the  kinetics  of  electrochemical  reactions.  Its  rate  can  be  deter¬ 
mined  on  the  basis  of  Faraday's  law. 

A  special  case  of  electrochemical  corrosion  is  electrocorrosion, 
i.c.,  corrosion  caused  by  an  external  electric  current.  Apart  front 
the  destruction  of  insoluble  anodes,  elect rocorrosion  includes  the 
corrosion  of  pipelines  with  current-conducting  liquids  flowing 
through  them  and  also  the  dissolution  of  the  walls  of  electrolytic 
baths  and  underground  metal  structures  under  the  influence  of  a 
direct  current  from  bare  electric  lines  (stray-current  corrosion). 
The  stray  currents  may  set  up  a  potential  difference  between  two 
portions  of  a  metal  structure,  one  receiving  current  from  some  external 
source  of  electrical  energy  (cathodic  area)  and  the  other  acting 
as  the  anode  (anodic  area),  from  which  the  current  flows  into  the 
surrounding  ionically  conducting  medium,  the  anodic  portion  being 
destroyed. 

According  to  the  mode  of  destruction  accompanying  electroche¬ 
mical  corrosion,  a  distinction  is  made  between  general  corrosion, 
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aflocting  the  entire  surface  of  a  metal,  and  local  corrosion,  confined 
to  definite  parts  of  the  inelal  surface.  In  the  latter  case  corrosion 
■nay  result  in  stains  (slain  corrosion)  or  pits  (pitting).  This  cor¬ 
rosion  may  involve  grains  of  a  single  component  of  a  metal  alloy 
(selective  corrosion),  penetrate  all  grains,  thereby  forming  narrow 
cracks  (transcryslallinc  corrosion)  or,  linally,  concentrate  along 
grain  boundaries  (intergranular  or  intercryslalline  corrosion).  The 
rale  and  nature  of  electrochemical  corrosion  arc  largely  determined 
by  the  nature  of  the  inelal  and  its  environment.  According  to  the 
rate  of  corrosion  in  a  particular  medium  metals  are  classified  as 
stable  and  unstable.  Based  on  the  rale  with  which  a  given  medium 
corrodes  the  metal,  it  is  defined  either  as  aggressive  or  nonaggressive. 
Various  conventional  scales  have  been  suggested  to  estimate  the 
corrosion  resistance  of  metals  and  the  aggressiveness  of  media. 
The  rale  of  corrosion  is  expressed  in  several  ways.  The  weight  and 
current  indices  are  used  most  frequently.  The  first  shows  the  weight 
loss  (in  grains  or  kilograms)  per  unit  time  (second,  hour,  day.  year) 
referred  to  a  unit  area  (square  centimetre,  square  metre)  of  a  test 
specimen.  In  the  second  case  the  corrosion  rale  is  given  in  terms 
of  current  intensity  (in  amperes  or  inilliamperes)  per  unit  surface 
area  of  the  specimen. 

24.3.  CONDITIONS  FOR  THE  OCCURRENCE 
OF  A  CORROSION  PROCESS 

The  corrosion  of  metals  is  a  special  case  of  nonequilibrium  elec¬ 
trode  processes;  at  the  same  lime  it  has  its  own  specific  features 
distinguishing  it  from  other  irreversible  electrode  processes.  The 
application  of  an  external  current  is  not  a  necessary  precondition 
for  a  corrosion  process  and  nevertheless  the  dissolution  of  a  metal 
under  corrosion  conditions  proceeds  at  rales  comparable  to  those 
observed  in  the  dissolution  of  metallic  anodes  in  industrial  electro¬ 
lyzers.  For  example,  in  zinc-plating  processes  the  anodic  current 
density  ranges  from  50  to  500  A/ms,  depending  on  the  composition 
of  the  electrolyte  used,  and  the  rate  of  corrosion  of  technical  zinc 
in  l.V  1 1  *SO ;  is  equivalent  to  a  current  density  of  100  A/ms.  i.e., 
is  of  the  same  order  of  magnitude.  The  factors  responsible  for  such 
high  rates  of  metal  dissolution  in  the  absence  of  an  external  anodic 
current  are  hidden  in  the  specificity  of  the  corrosion  process. 

Suppose  that  a  piece  of  a  metal  M  is  brought  into  contact  with 
an  aqueous  solution  of  its  salt  MA;  after  some  time  a  potential 
will  be  set  up  at  the  metal-solution  interface,  which  will  then 
remain  practically  unchanged.  This  constant  (or  almost  constant) 
value  corresponds  either  to  an  equilibrium  between  the  metal  and 
the  solution  or  to  steady-state  conditions  of  an  electrode  process. 
Which  of  these  cases  is  actually  realized  is  determined  primarily 
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by  the  magnitude  of  the  electrode  potential.  If  the  thermodynamic 
eleclrode  potential  o(  the  metal  has  a  value  at  which,  under  the 
given  conditions,  all  processes,  other  than  the  exchange  of  metallic 
ions  between  the  metal  and  the  solution,  arc  excluded,  the  final 
value  of  the  potential  will  correspond  to  its  equilibrium  value  under 
the  given  conditions.  Under  equilibrium  conditions  t he  rate  of  ion 
transfer  in  two  opposite  directions  will  be  the  same  and  equal  to 
the  exchange  current: 

hi  =  7m  =  hi 

and  the  potential  attained  will  correspond  to  the  thermodynamic 
value.  An  example  of  such  a  system  is  silver  immersed  in  a  solu¬ 
tion  of  silver  nitrate. 

The  situation  is  changed  substantially  if  the  thermodynamic 
electrode  potential  of  the  metal  has  a  value  at  which,  apart  from 
the  ionization  and  the  discharge  of  metallic  ions,  at  least  one  addi¬ 
tional  electrode  process  is  possible.  In  this  case,  charges  are  transfer¬ 
red  across  the  metal-solution  interface  by  two  species  of  particles 
instead  of  one.  The  constant  potential  does  not  necessarily  imply 
here  the  attainment  of  the  equilibrium  stale.  It  only  indicates 
that  the  total  number  of  charges  crossing  the  interface  in  one  direc¬ 
tion  is  equal  to  the  total  number  of  charges  crossing  it  in  the  opposite 
direction,  i.e.,  that 

r«r  (24.i) 

If  it  is  assumed  that  the  additional  electrode  process  is  the  evolution 
and  ionization  of  hydrogen,  so-called  corrosion  with  hydrogen  depo¬ 
larization,  then  one  can  write  in  place  of  Eq.  (24. 1): 

hi  +  "h  =  hi  +  'n  (24.2) 

where  M  refers  to  a  metal  and  H  to  hydrogen.  If  the  rates  of  all 
partial  processes  are  comparable  and  none  of  these  rales  can  be 
ignored  in  Eq.  (24.2),  the  steady-state  mixed  potential  will  cor¬ 
respond  neither  to  the  potential  of  a  inolol  electrode  of  the  first 
kind  (or  a  metal  electrode  of  the  second  kind,  if  the  metal  is  covered 
with  a  layer  of  its  sparingly  soluble  compound)  nor  to  the  hydrogen 
electrode  potential.  It  will  be  a  certain  mixed  potential  dependent 
on  the  ratio  of  the  rales  of  all  the  partial  reactions  (Fig.  24.1).  It 
may  happen,  however,  that  the  potential  of  a  given  electrode  docs 
not  differ  markedly  from  cither  the  hydrogen  electrode  potential 
or  the  potential  of  a  corresponding  metal  electrode.  Indeed,  though 
the  partial  currents  in  Eq.  (24.2)  do  not  correspond  to  the  exchange 
currents  under  equilibrium  conditions,  they  must  still  vary  together 
with  exchange  currents.  Therefore,  if  the  exchange  current  of  the 
metal,  iii,  is  much  higher  than  that  of  hydrogen,  if,,  it  may  be 
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assumed,  to  a  certain  approximation,  that 


and 


>H 


Then,  in  place  of  Eq.  (24.2)  one  can  write 
'.m  »  «M 


Hence,  the  behaviour  of  a  corroding  electrode  corresponds  to  that 
of  a  reversible  metal  electrode,  and  the  steady-stale  mixed  poten¬ 
tial  is  close  to  the  equilibrium  potential  of  a  corresponding  metal 


electrode  (Fig.  24.2)  and  must  vary  with  the  concentration  of  metal¬ 
lic  ions  according  to  Nernst’s  formula.  The  variation  of  the  solution 
pH  docs  not  here  affect  markedly  the  stationary  potential.  Thus, 
the  stationary  corrosion  potential  e,*,  is  reduced  here  to  the  rever¬ 
sible  potential  of  the  metal,  uer,  i.e., 
tear  «  H&r 

Examples  of  such  systems  are  the  decomposition  of  amalgams  and 
the  electrochemical  dissolution  of  zinc. 

Conversely,  if  the  exchange  current  of  hydrogen  is  much  higher 
than  that  of  the  metal,  then 


'  w  €  *H 
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and,  to  a  certain  approximation, 

*n  ~  '11 

In  this  case  the  mixed  potential  is  close  to  the  hydrogen  electrode 
potential  under  the  given  conditions  (Fig.  24.3).  Its  value  varies 
regularly  with  pH  of  the  solution  and  is  almost  independent  of  the 
concentration  of  metallic  ions.  Thus, 
here  the  stationary  potential  is  redu¬ 
ced  to  I  he  hydrogen  electrode  poten¬ 
tial,  i.c., 

*«<■  ~  ner 

The  corrosion  of  iron  in  weakly  acidic 
solutions  is  an  example. 

The  necessary  condition  for  ele¬ 
ctrochemical  corrosion  is  the  simul¬ 
taneous  occurrence,  on  the  surface 
of  a  corroding  metal,  of  ionization 
and  discharge  of  its  ions  and  any  other 
electrode  reaction  proceeding  predo¬ 
minantly  in  the  cathodic  direction. 
In  aqueous  media  containing  no  oxi¬ 
dants  other  than  hydrogen  ions  and 
dissolved  oxygen,  this  condition  is 
met  only  if  the  equilibrium  potential 
of  the  metal  is  more  negative  than 
the  equilibrium  potential  of  the 
hydrogen  or  oxygen  electrode  in  a  solution  of  a  given  compo¬ 
sition.  The  introduction  into  the  solution  of  other  oxidants  with 
a  more  positive  equilibrium  potential  increases  the  number  of 
corrodible  metals1*.  For  example,  silver,  which  is  stable  in  aqueous 
solutions  of  nonreducible  acids,  corrodes  on  addition  of  an  oxidant 
with ;  a  potential  more  positive  than  the  equilibrium  potential 
of  a  silver  electrode. 

24.4.  THE  KINETIC  THEORY  OF  CORROSION 
AND  ITS  APPLICATION  TO  PURE  METALS 
The  possibility  of  the  dissolution  of  a  metal  indicates  that  under 
given  conditions  the  rale  of  ionization  is  higher  than  the  rate  of 

»  Though  the  presence  of  a  stronger  oxidant  in  the  solution  increases  the 
thermodynamic  probability  of  corrosion,  it  docs  not  necessarily  increase  its 


1 

X, 

Fig.  24.3.  Scheme  for  the  mixed 
(stationary)  corrosion  potenti¬ 
al  ecor  being  attained  when  the 
exchange  current  for  a  metal  is 
lower  than  that  for  hydrogen: 


'St » 'fr  * 


“  '11:  * 


SSH*, 
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discharge  of  its  ions 

<M  <  'M 

In  the  absence  of  externally  applied  current  and  with  the  potential 
remaining  unchanged  this  ratio  of  the  rates  is  possible  if  the  rate 
of  discharge  of  hydrogen  ions  exceeds  the  rate  of  the  reverse  process 
by  the  same  amount,  i.c., 


The  corrosion  rate  teo,  may  be  represented  as  the  difference  between 
the  rale  of  ionization  and' the  rate  of  discharge  of  metallic  ions 

ieor  =  fM  -  Xu  <*«> 

Since  Eq.  (24.2)  is  valid  for  the  corrosion  process,  one  can  also 
write  in  place  of  (24.3) 

icor  =  ‘H  —  ‘H  <-',,.4) 

and  define  the  corrosion  rate  as  the  difference  between  the  rate 
of  discharge  of  hydrogen  ions  and  that  of  ionization  of  hydrogen 
molecules.  This  permits  calculating  the  rate  of  corrosive  destruction 
of  a  metal  from  data  on  the  kinetics  of  the  evolution  and  ionization 
of  hydrogen  in  corrosive  conditions. 

The  application  of  these  principles  to  the  calculation  of  the  rale 
of  self-dissolution  of  metals  may  be  illustrated  by  the  corrosion 
of  zinc  and  iron  in  a  solution  of  pi  I  =  0  and  unit  activities  of  the 
corresponding  metallic  ions.  Under  the  conditions  chosen  the  poten¬ 
tial  of  zinc  (assuming  that  only  the  exchange  of  its  ions  between 
metal  and  solution  is  taking  place)  must  correspond  to  its  standard 
potential,  i.e.,  —0.76V.  At  this  potential,  however,  the  exchange 
of  zinc  ions  is  not  the  only  possible  process.  The  value  of  this  poten¬ 
tial  is  considerably  more  negative  than  the  potential  of  the  equili¬ 
brium  hvdrogen  electrode,  which  is  ±0.0V  in  a  solution  of  pH  =  0. 
Therefore  in  this  case  the  evolution  of  hydrogen  is  also  possible, 
proceeding  at  a  rale  determined  by  the  kinetics  of  Ibis  reaction 
on  a  zinc  electrode. 

The  steady-state  value  of  the  potential  will  be  intermediate 
between  the  zinc  potential  and  the  hydrogen  potential,  i.e..  it 
must  lie  somewhere  between  zero  and  —0.76V  on  the  hydrogen 
scale.  Its  actual  position  between  these  two  values  depends  on  the 
exchange  currents  of  the  competing  reactions.  The  exchange  current 
on  zinc  is  about  10’5  A/cm*.  and  that  on  a  zinc  electrode,  about 
10-'°  A/cm2.  From  this  ratio  of  exchange  currents  it  follows  that 
the  stationary  potential  of  the  zinc  electrode  under  the  condilims 
in  question  may  be  reduced  to  its  equilibrium  potential,  i.e..  it  must 
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nol  diflcr  markedly  from  —0.70V.  At  I  lie  same  lime  the  steady-slate 
potential  is  shifted  far  to  the  negative  side  from  the  potential  of 
the  reversible  hydrogen  electrode.  It  will  correspond  to  the  hydrogen 
overpot cnlial.  which  is  close  to  —0.70V,  since 

’In  =  ei  —  nc,  =  —0.70  —  0.00  -  —0.70V 

At  this  deviation  from  equilibrium  the  rale  of  hydrogen  ionization 
may  he  ignored,  in  which  case  Kqs.  (24.2)  and  (24.4)  may  be  rewritten 
in  the  form 

i,or  =  'm  —  »m  =  'll  (24.5) 

Knowing  the  stationary  potential  and  the  corresponding  hydrogen 
ovcrpotcnliai,  one  can  easily  calculate  the  rale  of  hydrogen  evolu¬ 
tion  in  and,  hence,  the  metal  corrosion  rate  <cur.  In  the  case  under 
consideration  both  the  stationary  potential  of  zinc,  Znecor,  and 
the  hydrogen  ovcrpotenlial  z„i|n  are  equal  to  — 0.70V.  Substituting 
into  Tafel’s  formula 

q  — -  a  •  b  log  i 

the  values  of  a  and  6  (sec  Table  19.1.  page  415)  for  hydrogen  evolu¬ 
tion  at  zinc  from  acidic  solutions  (at  pH  —  (I)  and  the  value  of 
hydrogen  overpotenlial  at  the  stationary  corrosion  iiolential,  one 
has 

-0.7C  =  -1.24  -  0.12  log  i|| 
in  —  10  =  KHAcm* 

Thus,  the  rate  of  corrosion  of  pure  zinc  under  the  chosen  condi¬ 
tion  is  10"*  A/cm2  or  1  A/ms.  This  value  is  in  good  agreement  with 
experimental  data  on  the  corrosion  of  pure  zinc.  At  the  same  lime 
it  is  considerably  lower  than  the  rate  of  corrosion  of  technical  zinc. 

In  the  case  of  iron  the  standard  electrode  potential  is  —0.44V. 
Therefore,  as  with  zinc,  one  should  reckon  with  hydrogen  evolution 
and.  hence,  the  steady-state  conditions  will  be  given  by  Kq.  (24.2). 
But.  in  contrast  to  zinc,  the  ratio  of  exchange  currents  here  is  entirely 
different.  The  exchange  current  of  iron  is  of  the  order  of  !()■•  A/cm2, 
and  for  hydrogen  on  an  iron  electrode  in  acid  solutions  it  reaches 
10-0  A 'cm*.  It  can  therefore  be  expected  that  the  stationary  poten¬ 
tial  of  iron  under  the  conditions  of  acidic  corrosion  must  differ 
markedly  from  its  reversible  potential;  it  will  be  shifted  to  the  side 
of  negative  values,  i.o.,  in  the  direction  of  the  equilibrium  poten¬ 
tial  of  the  hydrogen  electrode.  This  conclusion  agrees  with  expe¬ 
rimental  evidence  and  is  additionally  confirmed  by  the  fact  that  iron 
behaves  like  a  hydrogen  electrode  within  certain  ranges  of  pH  values. 
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Tlio  rule  of  iron  corrosion  cun  also  lie  calculated  provided  its  station¬ 
ary  potential  and  the  ovorpolcnlinl  at  which  hydrogen  is  evolved 
on  it  are  known. 

The  phenomena  of  electrochemical  corrosion  were  first  kinelically 
interpreted  hy  l,'ntmkin  (1!)32),  who  noted  that  the  decomposition 
of  alkali-metal  amalgams  obeys  the  laws  of  electrochemical  kinetics. 
This  idea  was  treated  quantitatively  by  Wagner  and  Trand  (IU3&). 
who  succeeded  in  obtaining  good  agreement  between  theory  und 
experimental  data  on  the  rales  of  decomposition  of  zinc  amalgams. 
Similar  views  were  expressed  hy  Shiillin.  Dunlin,  and  a  number 
of  other  authors.  The  usefulness  of  the  laws  of  electrode  kinetics 
for  quantitative  description  of  the  corrosion  of  solid  metals  was 
proved  by  Kololyrkin  and  also  by  Scorcellclli.  Crin.  and  others. 
The  works  of  these  scientists  have  exerted  a  considerable  influence 
on  the  formulation  of  modern  concepts  of  corrosion  processes  and 
contributed  to  the  establishment  of  a  link  between  electrochemical 
science  and  the  theory  of  mctul  corrosion.  The  kinetic  theory  of 
corrosion  is  often  called  incorrectly  the  "homogeneous-electrochemi¬ 
cal  theory"  or  “homogeneous-electrochemical  mechanism"  of  cor¬ 
rosion.  The  term  “homogeneous"  should  not  lie  applied  to  the  corro¬ 
sion  process,  which  always  lakes  place  at  the  interface  between  two 
phases  at  least  and  is  therefore  a  typical  heterogeneous  process  by 
its  nature.  It  would  be  more  correct  to  call  it  the  kinetic  theory. 


24.5.  CORROSION  OF  TECHNICAL  METALS 
All  the  considerations  expressed  above  concerning  the  corrosion 
process  and  the  calculations  based  on  them  referred  to  the  electro¬ 
chemical  dissolution  of  a  pure  metal  with  a  surface  completely 
homogeneous  in  its  properties.  In  practical  situations,  it  is  technical 
metals  that  are  usually  subject  to  corrosion,  i.e.,  metals  containing 
impurities  of  other  metals  and  nonmetallic  substances.  Inclusions 
of  foreign  metals  can  always  be  delected  on  the  surface  of  these 
metals.  Upsides,  the  surface  of  technical  metals  is  usually  covered 
with  products  of  their  interaction  with  the  environment,  various 
contaminations,  etc.  Naturally,  the  heterogeneity  of  a  metal  surface 
and.  primarily,  the  presence  on  it  of  foreign  metals  having  different 
electrochemical  properties  must  affect  the  rale  of  corrosion  and  its 
mode  of  occurrence.  Technical  zinc,  for  example,  usually  contains 
lead,  silver,  and  iron  impurities.  As  follows  from  the  values  of  stan¬ 
dard  potentials,  all  these  metals  are  more  electropositive  than  zinc. 
It  may  therefore  be  supposed  that  zinc  alone  is  undergoing  corrosion 
while  the  impurities  remain  intact.  This  assumption  agrees  with 
experimental  data.  Suppose  that  in  each  of  these  cases  an  impurity 
metal  is  present  in  such  an  amount  that  it  occupies  1  per  cent  of 
the  entire  surface  of  a  zinc  specimen  in  contact  with  an  acid  solution. 
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If  the  conditions  arc  the  same  as  in  the  case  of  pure  zinc  (pi I  -  o 
and  azns*  =  1),  l he  corrosion  of  zinc  must  involve  hydrogen  depo¬ 
larization  and  its  rate  is  determined  by  the  kinetics  of  hydrogen 
evolution  on  the  corroding  metal.  In  contrast  to  nllrapure  zinc, 
in  this  case  hydrogen  can  be  discharged  not  only  on  zinc  but  also 
on  an  impurity  metal.  The  overall  rate  of  hydrogen  evolution  and. 
hence,  the  overall  rate  of  zinc  dissolution  arc  therefore  determined 
by  the  kinetics  of  hydrogen  evolution  at  the  principal  metal  and 
at  impurity  inclusions.  Using  the  data  of  Table  19.1  and  substituting 
them  into  Tafcl's  formula,  we  can  write  the  following  equations 
for  the  overpotentials  at  which  hydrogen  is  evolved  at  the  principal 
melal'>  and  at  its  impurity  inclusions: 


zo’Ih  =  —1.24  —  0.12  log  Zn/H 

(24.6) 

PblH  =  —1.56  —  0.12  log  pbtji 

(24.7) 

Ag'ln  =  —0.95  —  0.12  log  Agin 

(24.8) 

FelH  =  —0.70  —  0.12  log  pel  |i 

(24.9) 

where  m‘h  is  the  rate  of  hydrogen  evolution  on  a  given  metal  at 
the  overpotential  mIh;  for  ultrapuro  zinc  it  is  denoted  bv  Zn'n- 
Hydrogen  evolves  at  this  rate  on  99  per  cent  of  the  surface’ of  the 
metal,  namely,  on  zinc.  On  the  remaining  part  of  tin-  surface  (1  per 
cent)  occupied  by  an  impurity  the  evolution  of  lmUogen  proceeds 
at  the  rate  jdii  determined  by  the  hydrogen  »v ^potential  on 
a  given  metal.  Hence,  the  overall  rale  of  hydrogen  evolution  on  the 
entire  surface  of  the  technical  metal  may  be  written  as 


•cor  =  t'n  =  0.99  Zni 


r  O.Olj, 


(24.10) 


Suppose  tbc  surface  of  a  technical  metal  is  equipolenlial  under 
corrosion  conditions;  the  quantity  M,„  for  any  impurity  metal 
can  then  be  expressed  in  terms  of  the  rale  of  hydrogen  evolution 
F°r  ®xa,nPl<:>  from  Eqs.  (24.6)  and  (24.7)  it  follows 
that  in  the  case  of  lead  inclusions 


PlflH  =  Zi.»Ih  =  Zne,-„,  —  ,(C, 

-1.24  -  0.12  log  stn(H  =  -1.56  -  0.12  log 


»  The  values  of  Tafcl  constant  b  for  all  metals 


are  rounded  to  0.12. 
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Substituting  the  value  of  pntH  into  Eq-  (24.10)  for  one  obtains 
*cor  =  *11  =  0.99  Znht  "T  0.01  X  10~!-7  zn'H  = 

=  (0.99  ~  0.00002)  zd«h  «  0.99*niH  (24.12) 

Thus,  the  presence  in  zinc  of  impurities  of  lead,  a  metal  with  the 
higher  overpotcnlial,  does  not  increase  the  rale  of  corrosion  but 
reduces  it  somewhat.  Different  ratios  result  if  silver  is  present 
as  an  impurity.  In  this  case  the  rate  of  hydrogen  evolution  at  one 
and  the  same  value  of  overpolenlial  is  higher  on  silver  than  on 
zinc,  and  the  ratio  of  the  rales  is 


Using  this  ratio,  one  can  easily  determine  the  change  of  the  corro¬ 
sion  rate  in  going  from  ultrapure  zinc  to  technical  zinc  containing 
1  per  cent  of  silver 

t’cor  =  *H  =  0.99  Zo*H  +  0.01  X  102-4  Zo'H  = 

=  (0.99  -r  2.5)zn<H  «  3.5zniH  (24.13) 
Hence,  the  presence  of  silver  in  zinc  must  increase  its  rate  of  corro¬ 
sion.  Under  the  conditions  chosen  this  rate  increases  by  a  factor 
of  3.5.  The  increase  of  the  rate  of  dissolution  however  is  not  the 
only  result  of  contamination  of  zinc  with  silver.  The  nature  of 
corrosion  also  changes.  Indeed,  whereas  in  the  previous  case  all 
hydrogen  evolved  on  the  zinc  surface,  i.o.,  on  the  same  surface 
where  the  dissolution  (ionization)  of  zinc  look  place,  here,  as  can 
easily  be  determined  with  the  aid  of  Eq.  (24.13).  only  26  per  cent 
of  hydrogen  is  evolved  on  zinc,  the  remaining  74  per  cent  being 
evolved  on  silver.  Silver  will  not  dissolve  since  it  has  an  electroposi¬ 
tive  potential:  only  the  cathodic  process— hydrogen  evolution  — 
is  possible  on  it.  When  containing  inclusions  of  silver,  zinc  behaves 
as  an  anode  and  is  the  scene  of  the  whole  process  of  dissolution. 
Besides,  zinc  also  plays  the  role  of  a  cathode,  providing  the  evolu¬ 
tion  of  one-fourth  of  the  total  amount  of  discharging  hydrogen. 

A  still  higher  increase  of  the  corrosion  rate  and  a  more  complete 
separation  of  the  metal  surface  into  the  anodic  and  cathodic  parts 
should  be  expected  when  zinc  is  contaminated  with  iron.  In  this 

iCor  =  in  —  0.99  zn'H  "r  0.01  x  10*-*  zn'ii  — 

--=  (0.99  -f-  531)  z„«h  w  352z„i|,  (24.14) 

and  the  corrosion  rate  must  increase  by  350  times'*.  The  amount 

1 1  The  actual  increase  of  the  corrosion  tote  will  not  be  so  high  since  iron 
forms  with  zinc  intormetallic  compounds  on  which  the  overpotential  is  higher 
than  on  iron. 


the  anodically  dissolving  zinc,  the  negative  one.  On  this  basis 
llie  corrosion  of  a  metal  with  inclusions  of  other  metals  is  the  result 
of  the  operation  of  local  cells. 

This  concept  of  metal  corrosion  was  advanced  more  than  iUt> 
years  ago  by  de  la  Rive  on  the  basis  of  observations  of  hydrogen 
evolution  in  the  dissolution  of  zinc  in  an  acid,  l.ater,  owing  to  tbe 
works  of  many  scientists  (Sluginov,  Evans,  Hoar.  Moars,  Palmier, 
Akimov,  Tomashov,  and  others),  these  views  were  developed  mlo 
the  first  electrochemical  theory  of  corrosion,  the  so-called  local- 
cell  theory  of  corrosion. 

According  to  the  local-cell  theory  of  corrosion  the  corrosion  ra  e 
(or  (he  corresponding  electric  current  produced  by  local  voltaic 
couples)  depends  not  only  on  the  electrochemical  properties  of  tne 
electrodes  of  these  couples  but  also  on  the  ohmic  resistance  of 
medium  in  which  the  corrosion  process  occurs  and  which  separa  e 
the  anode  from  the  cathode.  The  relation  for  the  corrosion  rate 
can  be  conveniently  expressed  with  the  aid  of  so-called  corrosion 
diagrams  (Evans  diagrams).  Figure  24.4  shows  a  corrosion  diagram 
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whore  the  anode  and  cathode  potentials  or  the  potentials  of  the 
anodic  and  cathodic  processes  arc  given  as  a  function  of  the  current. 
When  there  is  no  corrosion  and  the  current  is  equal  to  zero,  the 
initial  values  of  the  anode  and  cathode  potentials  must  correspond 
to  the  reversible  potentials  of  the  anodic  (,e,)  and  cathodic  irer) 
reactions  under  given  conditions.  The  potential  difference  between 
the  anode  and  cathode  potentials  gives  rise  to  a  current  in  the  system. 
At  a  current  /  the  anode  potential  is  shifted,  due  to  polarization, 
to  more  positive,  and  the  cathode  potential  to  more  negative  values. 
Let  these  quantities  he  equal  to  08|  and  eet.  respectively.  The  diffe¬ 
rence  between  these  potentials  with  a  current  flowing  is  smaller 
than  that  between  the  reversible  potentials.  With  increasing  current 
the  difference  between  the  anode  and  cathode  potentials  decreases 
continuously,  in  the  limit  it  is  equal  to  zero  and  the  surface  of  the 
corroding  inelal  is  cquipolenlial.  The  current  now  corresponds  to  the 
maximum  possible  rale  of  corrosion  m„xIror  under  the  given  condi¬ 
tions  and  the  potential  of  the  metal  becomes  equal  to  e„„  which 
lies  between  „e,  and  cer.  This  maximum  current  can  be  attained 
provided  only  that  the  resistance  of  the  system  is  either  zero  or 
negligibly  small.  Hut  if  the  ohmic  potential  drop  is  not  zero,  the 
corrosion  rale  will  be  equal  to  /cor,  which  is  smaller  than 
Under  these  conditions  the  ohmic  potential  drop  -\e„; ,m  is  numeri¬ 
cally  equal  to  the  length  of  section  ab.  During  the  corrosion  process 
the  anode  potential  will  be  Ae0/,,„  more  negative  than  the  cathode 
potential.  Thus,  the  corrosion  rale  is  a  function  of  the  difference 
between  the  reversible  potentials  of  the  anodic  and  cathodic  reac¬ 
tions.  eieelrodc  polarizability  and  the  ohmic  resistance  of  the  cor¬ 
rosive  medium.  The  effect  of  each  of  these  factors  on  the  corrosion 
rate  is  represented  graphically  in  Fig.  24.5  in  the  form  of  simplified 
■corrosion  diagrams.  The  corrosion  rate  decreases  if  the  reversible 
potentials  of  the  anodic  and  cathodic  reactions  become  close  to  each 
other  at  a  given  resistance  and  constant  polarizability  of  the  electro¬ 
des  (Fig.  24.5u),  i.c.,  /eor  varies  along  with  the  quantity  (fe-  —  ,*.)• 
The  corrosion  rate  decreases  with  increasing  total  resistance  in  the 
system  corroding  metal 'corrosive  medium  (Fig.  24. 56).  It  also 
diminishes  as  the  anodic  or  cathodic  polarization  increases  (Fig.  24.5c 
and  1 1.  respectively).  Polarization  increases  when  the  anodic  and 
cathodic  reactions  arc  additionally  hindered  or  when  the  anodic 
and  cathodic  areas  become  smaller.  When  the  surface  area  of  a  given 
electrode  is  reduced  at  a  constant  current,  the  current  density  at  this 
electrode  increases  and  so  docs  its  polarization. 

In  the  local-cell  theory  it  was  originally  assumed  that  the  cathodic 
and  anodic  processes  arc  spatially  separated  and  each  of  these  reactions 
proceeds  only  on  a  definite  part  of  the  corroding  metal  surface. 
It  was  concluded  on  this  basis  that  ideally  pure  metals  with  a 
highly  homogeneous  surface  are  not  subject  to  corrosion.  This  conclu- 
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sion  however  is  erroneous  both  from  the  thermodynamic  and  kinetic 
points  of  view.  A  necessary  precondition  for  corrosion  is  a  difference 
between  the  reversible  potential  of  the  metal  and  the  potentials 
of  the  anodic  and  cathodic  reactions  possible  under  given  condi¬ 
tions  and  not  the  spatial  separation  of  cathodic  and  anodic  areas. 
Depending  on  the  extent  of  homogeneity  of  the  metal-medium 
interface,  the  anodic  and  cathodic  reactions  may  proceed  on  one 


i  d> 


Fig.  24.5.  Corrosion  diagrams  illustrating  the  cflocl  of  various  fact 


and  the  same  surface  or  on  its  different  areas.  The  simultaneous 
occurrence  of  cathodic  and  anodic  reactions  during  corrosion  is 
typical  of  pure  metals  and  amalgams;  a  more  or  less  complete  spatial 
separation  of  these  reactions  is  characteristic  of  the  corrosion  of 
technical  metals.  The  low  stability  of  technical  ntelals  as  compared 
with  pure  ntelals  and  also  the  change  of  the  mode  of  corrosion  are 
largely  associated  with  the  operation  of  galvanic  microcells  basis 
metal-inclusion. 

Corrosion  diagrams  (potential-current  curves)  constructed  on  the 
basis  of  the  local-cell  theory  are  convenient  for  qualitative  treatment 
of  the  corrosion  process  and  for  estimation  of  the  possible  effects 
of  various  factors  on  this  process.  At  the  same  lime  the  use  of  these 
diagrams  in  quantitative  calculations  of  the  corrosion  rale  entails 
considerable  difficulties.  The  corrosion  rate  is  determined  by  the 
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change  in  the  weight  of  a  metal  specimen  per  unit  time  referred 
to  unit  area  of  its  surface  or  (in  electrical  units)  by  the  current 
density  te„r.  The  corrosion  diagrams  presented  in  Figs.  24.4  and 
24.5  are  plotted  in  the  potential-current  coordinates,  i.e.,  they  do 
not  include  the  current  density,  which  is  a  direct  characteristic 
of  the  corrosion  rale.  Additional  data  are  therefore  needed  to  cal¬ 
culate  (lie  current  density.  It  is  necessary  to  know  the  qualitative 
composition  of  a  corroding  metal  in  order  to  find  out  which  compo¬ 
nents  of  the  metal  will  act  as  the  cathode  and  which  as  the  anode. 
One  has  to  find  out  the  fraction  of  the  surface  represented  by  each 
cathodic  and  anodic  area  in  order  to  determine  the  current  density 
on  any  of  these  areas.  Further,  anodic  polarization  curves  must  be 
traced  for  all  the  anodic  components  and  cathodic  polarization 
curves  for  all  the  cathodic  components.  All  this  allows  one  to  find 
the  overall  rale  of  the  cathodic  and  anodic  reactions  and  to  identify 
the  most  effective  anodic  and  cathodic  components.  Knowing  the 
stationary  potentials,  one  can,  by  summing  up  all  the  cathodic  and 
anodic  curves,  plot  a  net  corrosion  diagram  and  use  it  to  determine 
the  maximum  possible  current.  Assuming  the  ohmic  potential  drop 
to  be  small  and  knowing  the  proportion  between  the  anodic  and 
cathodic  areas,  one  can  calculate  the  rote  of  corrosion.  This  compli¬ 
cated  method,  which  does  not  always  yield  unambiguous  data 
(because  cathodic  and  anodic  reactions  may  occur  simultaneously 
on  one  and  the  same  surface  area)  is  rarely  used  for  quantitative 
estimation  of  the  corrosion  rate. 

The  rale  of  corrosion  can  bo  more  conveniently  determined  with 
the  aid  of  the  kinetic  theory  of  corrosion.  In  this  case  cathodic 
and  anodic  polarization  curves  arc  traced  directly  on  the  metal 
whose  corrosion  is  studied.  The  overall  rate  of  corrosion  is  expressed 
in  terms  of  the  current  referred  to  unit  area  of  the  entire  metal 
surface  without  separating  it  into  anodic  and  cathodic  areas.  At 
the  stal ionary  potential  the  corrosion  rate  expressed  in  terms  of  the 
metal-dissolution  current  referred  to  the  entire  surface  area  (i.e.. 
including  cathodic  areas)  must  be  equal  to  the  rate  of  the  cathodic 
process,  o.g.  hydrogen  evolution.  If  the  cathodic  polarization  curve 
is  traced,  the  rate  of  the  cathodic  reaction  will  be  equal  to  the  cur¬ 
rent  divided  by  the  total  surface  area  of  the  test  specimen,  including 
the  anodic  areas.  Thus,  if  the  potential  is  stationary,  the  current 
densities  for  the  anodic  and  cathodic  processes  must  be  equal  if 
polarization  curves  arc  traced  by  the  method  indicated.1'  The  ohmic 
potential  drop  is  ignored  here  and  hence  the  surface  of  the  corroding 


>•  The  actual  cathodic  and  anodic  current  donsilics  may  be  different  if  the 
surface  of  the  corroding  metal  has  areas  on  which  either  only  a  cathodic  or  only 
an  anodic  reaction  may  occur.  This  is  not  essential  however  when  determining 
the  overall  rate  of  corrosion. 
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melal  is  assumed  to  be  equipolcnlial."  The  form  of  combined  pola¬ 
rization  curves  obtained  by  this  method  is  shown  in  Pig.  24.6  (solid 
lines).  The  point  of  intersection  of  the  anodic  and  cathodic  polari¬ 
zation  curves  yields  the  corrosion  rale  on  the  abscissa,  and  the  sta¬ 
tionary  potential  on  the  ordinate.  Since  near  the  stationary  poten¬ 
tial  the  polarization  data  cease  to  fall  within  a  scmilogarilhmic 
plot,  the  corrosion  rale  is  found  from  the  point  of  intersection  of  the 


Fig.  24.6.  Polarization  diagram  (or  corrosion  with  hydiogr:.  depolarization. 
The  solid  lines  are  combined  polarization  curves,  and  tin-  dol-aml-dasli  lines 
arc  extrapolated  curves 

extrapolated  straight-line  portions  of  the  polarization  curves  (see 
dashed  lines  in  Fig.  24.6).  A  comparison  of  corrosion  rates  calcu¬ 
lated  on  the  basis  of  polarization  measurements  with  those  obtained 
directly  from  the  weight  loss  (or  from  the  volume  of  hydrogen  evolved 
in  acid  media)  for  lead,  nickel  and  iron  has  shown  that  both  rows 
of  data  coincide  within  experimental  error.  That  is  why  the  method 
of  polarization  measurements  is  w’idely  used  in  quantitative  studies 
of  corrosion  processes. 

The  stationary  corrosion  potential  teo,  lies,  as  a  rule,  between 
the  reversible  potentials  of  the  anodic  and  cathodic  processes  causing 
corrosion.  It  is  always  more  positive  than  the  equilibrium  potential 
of  the  anodic  reaction  and  more  negative  than  the  potential  of  the 
cathodic  reaction.  Therefore,  at  the  corrosion  potential  the  rate 
of  ionization  iM  of  a  metal  is  higher  than  the  rate  of  discharge  of 

■*  The  validity  of  this  assumption  for  most  processes  of  electrochemical  cor¬ 
rosion  follows  from  the  experimental  data  obtained  by  Tomashov  and  Akimov 
together  with  Golubev  and  also  from  the  theoretical  calculations  carried  out 
by  Frumkin  and  Lcvicli. 
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metallic  ions  7M,  and  llie  rale  of  discharge  of  hydrogen  ions 
is  higher  than  the  rale  of  ionization  of  its  molecules  tH-  These  ratios 
persist  until  the  corresponding  equilibrium  potentials  are  attained. 
In  this  case  the  partial  currents  for  each  of  the  two  processes  will 
become  equal  to  the  corresponding  exchange  currents  i'm  and  ij(. 
The  continuation  of  the  cathodic  and  anodic  polarization  curves 
from  the  stationary  potential  to  the  reversible  potentials  of  the 
electrode  reactions  is  shown  in  Fig.  24.(5  by  dot-and-dash  lines. 
The  rale  of  corrosion  is  a  function  of  the  exchange  current  of  the 
cathodic  and  anodic  reactions.  It  rises  with  increasing  exchange 
current  (at  the  same  equilibrium  potentials),  /lie  corrosion  rate 
must  vary  along  with  the  transfer  coefficient  «.  Thus,  corrosion 
diagrams  enable  one  to  relate  the  rale  of  corrosion  to  the  kinetic 
parameters  controlling  its  basic  electrode  reactions.  Jliis  relation 
can  also  be  expressed  analytically.  At  the  stationary  potential 
the  corrosion  rale  must  be  equal  to  the  rale  of  metal  dissolution 
and  also  to  the  rate  of  the  cathodic  reaction  (in  the  case  under  con¬ 
sideration.  to  the  rate  of  the  cathodic  hydrogen  evolution).  On  this 
basis  one  can  write  the  following  equation 


(24.15) 


where  ni).  and  >iq„  =  cathodic  polarization  for  hydrogen  evolution 

and  anodic  polarization  for  metal  dissolu¬ 
tion.  respectively 

cc  and  a'.  =  transfer  coefficients  for  hydrogen  evolution 
and  metal  dissolution,  respectively 
s  =  valency  of  the  metal. 

During  corrosion  the  hydrogen  overpolenlial  is  equal  to  the  difference 
between  I  he  corrosion  potential  and  the  reversible  potential  of 
the  hydrogen  electrode  under  the  given  conditions: 

i)  =  ecor  -  i,er  (24.16) 

An  analogous  equation  is  valid  for  the  anodic  polarization  of  the 
metal: 

q&i  =  e«r  —  >i6r  (24.17) 

Solving  Eqs.  (24.15),  (24.16)  and  (24.17)  simultaneously  yields 
the  following  expression  for  the  stationary  corrosion  potential  teor'- 


‘H  ■  m 

F  0g  t°M  "r  ai+Ot*  H 
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Substituting  this  value  of  eco,  into  Eq.  (24.15)  leads,  after  some 
transformations,  to  the  equation 


log/ror  =  log (&)»■+«»••  (ftp'TW  +  23u3  nf  (».e,-ue,) 

(24.19) 

In  Eqs.  (24.18)  and  (24.19).  for  simplicity,  the  subscripts  a  and 
II  in  ,t)m  and  ijn  are  omitted  and  the  quantity  (I  —  a'.)  is  denoted 
as  Oj.  Equations  (24.18)  nnd  (24.19)  arc  valid  if  the  equilibrium 


Fig.  24.7.  Simplified  polarization  diagram  for  corrosion  with  oxygen  depola¬ 
rization 


potential  of  the  metal  m«,  is  more  negative  Ilian  the  hydrogen 
equilibrium  potential  ne.r.  Equations  (24.18)  and  (24.19)  permit 
calculating  the  potential  of  a  metal  undergoing  corrosion  and  also 
the  rate  of  corrosive  destruction  provided  only  that  the  exchange 
currents,  transfer  coefficients  and  the  equilibrium  potentials  of  the 
anodic  and  cathodic  reactions  are  known. 

The  polarization  diagram  in  Fig.  24. 6  and  also  Eqs.  (24.18)  and 
(24.19)  refer  to  the  case  where  the  corrosion  rale  is  determined  by 
purely  kinetic  limitations,  i.e.,  by  activation  polarization.  This 
corresponds  to  corrosion  with  hydrogen  depolarization.  Another 
important  case  of  electrochemical  destruction  of  metals  is  their 
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corrosion  with  oxygen  depolarization.  Since  the  solubility  ol  oxygen 
in  aqueous  media  is  low  and  its  diffusion  coefficient  is  much  smaller 
than  that  of  hydrogen  ions,  the  rale  of  corrosion  with  oxygen  depo¬ 
larization  is  usually  limited  by  diffusion.  A  typical  polarizaliou 
diagram  for  corrosion  with  oxygen  depolarization  is  presented  in 
a  simplified  form  in  Fig.  24.7.  in  this  case  the  corrosion  rate  is 
equal  to  the  limiting  current  for  diffusion  of  oxygen  to  the  surface 
of  the  corroding  metal: 

icor  =  0,1.1  (24.20) 

The  rate  of  corrosion  with  oxygen  depolarization  is  therefore  almost 
independent  (within  certain  limits)  of  the  nature  of  the  dissolving 
metal,  in  particular  on  its  equilibrium  potential  and  the  anodic 
polarization.  This  can  easily  be  seen  from  corrosion  diagrams  con¬ 
structed  for  three  dissimilar  metals  M,  Mi  and  M-  (dot-and-dash 
lines  in  Fig.  24.7).  Corrosion  with  oxygen  depolarization  may  be 
accompanied  by  corrosion  due  to  hydrogen  evolution  if  the  equili¬ 
brium  potential  of  the  hydrogen  electrode  in  a  given  solution  is 
more  positive  than  that  of  the  corroding  metal  (cf.  dashed  lines 
/.  2,  and  -V  in  Fig.  24.7).  The  limiting  current  is  determined  by  the 
solubility  of  oxygen  and  by  its  diffusion  coefficient,  but  it  docs  not 
depend  on  the  nature  of  the  metal  on  which  oxygen  is  reduced. 
As  a  result,  the  rale  of  corrosion  with  oxygen  depolarization  depends 
on  the  purity  of  the  metal  to  a  lessor  extent  than  the  rale  of  corrosion 
with  hydrogen  depolarization,  and  it  varies  more  widely  with 
the  rate  of  agitation  of  the  solution  and  the  mode  of  oxygen  transport 
to  the  metal. 


24.6.  METHODS  OF  CORROSION  PROTECTION 

Various  methods  of  corrosion  protection  arc  used  depending  on  the 
mode  of  corrosion  and  the  conditions  under  which  it  occurs.  The 
choice  of  the  method  is  governed  by  its  effectiveness  in  each  particular 
case  and  also  by  economic  factors.  Any  protective  method  alters  the 
course  of  the  corrosion  process  either  by  reducing  its  rate  (corrosion 
inhibition)  or  by  suppressing  it  completely.  Polarization  (corrosion) 
diagrams,  which  characterize  the  corrosion  process  most  comprehen¬ 
sively.  must  also  reflect  changes  in  corrosion  observed  under  the 
conditions  of  metal  protection.  These  diagrams  can  therefore  be 
used  to  work  out  possible  ways  for  preventing  metals  from  corrosion. 
They  serve  as  a  basis  for  ascertaining  the  specific  features  of  pro¬ 
tective  methods.  In  considering  existing  methods  of  protection 
we  shall  uso  polarization  diagrams  in  a  somewhat  simplified  form 
(Fig.  24.8).  On  such  diagrams,  a  linear  relation  between  the  current 
density  and  the  potential  of  each  partial  reaction  is  postulated. 


530 


Part  Six.  The  Kinetics  of  Some  Electrode  Pr 


This  simplification  is  justified  in  qualitative  estimation  or  the 
peculiarities  of  most  of  tho  protective  methods. 

The  effectiveness  of  protection  is  expressed  hv  the  inhibition 
coefficient  7  or  the  degree  of  protection  Z.  The  inhibition  coefficient 


Fig.  24.8.  Simplified  polarization  diagram  for  corrosion  with  hydrogen  depo¬ 
larization 


indicates  the  total  decrease  in  the  corrosion  rale  achieved  by  the 
method  used: 

7  =  -^-  (24.21) 

where  icor  and  i'nr  arc  the  rales  of  corrosion  before  and  after  pro¬ 
tection.  The  degree  of  protection  indicates  to  what  extent  the  cor¬ 
rosion  is  suppressed  by  the  method  used: 


or 


(24.22) 


Z  —  ■r"ri  ,,or  100  percent  (24.23) 

All  methods  of  corrosion  protection  arc  divided  into  four  groups 

1.  Electrical  methods. 

2.  Methods  based  on  changing  the  properties  of  a  corroding  metal. 

3.  Methods  based  on  changing  the  properties  of  a  corrosive  medium . 

4.  Combination  methods. 
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Electrical  methods  of  corrosion  protection  are  based  on  modifying 
the  electrochemical  properties  of  a  metal  under  the  influence  of 
a  polarizing  current.  The  protection  of  metals  against  corrosion  by 
imposing  a  culhodic  polarization  is  most  widely  used.  When  the 
potential  of  a  metal  is  moved  to  more  electronegative  values  (with 
respect  to  the  stationary  corrosion  potential),  the  rate  of  the  callmdic 
reaction  increases,  and  that  of  the  anodic  reaction  falls  (see  Fig.  24.8). 
At  the  corrosion  potential  ef„,  the  equality 


was  fulfilled;  at  a  more  negative  value  e'  this  equality  holds  no 
longer: 


i'e  being  greater  than  i'n. 

The  decrease  in  the  rate  of  the  anodic  reaction  upon  cathodic 
polarization  is  equivalent  to  the  decrease  of  the  corrosion  rate. The 
inhibition  coefficient  at  the  potential  chosen  e'  (sec  Fig.  24.8)  will 
be  equal  to  2: 


and  the  degree  of  protection  reaches  fit)  per  cent: 

2 _  ‘ear-- x  100  =  'r°r~‘-  X  100  =  —  X  100  -  50  per  cent 

The  external  current  i„ ,  required  to  move  the  potential  to  the 
value  e'  is  the  difference  between  the  cathodic  and  anodic  currents: 


fils  value  in  Fig.  24.8  is  expressed  by  line  ab).  As  the  external  current 
rises  the  potential  is  moved  Is  more  negative  veloes  .ml  the  eorro»e» 
rale  must  tall  continuously.  When  the  potenlml  oMhe  eorroduy 
metal  become,  equal  to 

ri, lid  , “'achieve  lull  cathodic 

current  Its  value  in  rig.  - '•  ,||c  specific  features  of  a  given 

protection  current  is  independent  "  Uu(kl  of  lhc  po|arjza,ion 

anodic  reaction,  in  particular,  oi  »  |elclv  determined  by  the 
accompanying  this  reaction;  it  mpie,  in  changing  from  hydrogen 
cathodic  polarization  curve.  For  c‘X|“ciio,»  current  falls  and  becomes 
to  oxygon  depolarization  the  pro'  ■  ,  (|jne  d'  j„  Fig.  24.8). 

equal  to  the  diffusion  limiting  c -thodic  polarization  is  used  to 
The  protection  of  metals  by  c  ,  and  underwater  metal  slruclu- 
increa.se  the  stability  of  undergroB  agressiVe  chemical  media, 

res  and  also  of  structures  in  contac 
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It  is  economically  justified  in  those  cases  where  the  corrosive  medium 
possesses  a  high  electrical  conductivity  and  the  voltage  drop  (associat¬ 
ed  with  the  (low  of  the  protection  current)  and,  hence,  the  power 
consumption  arc  relatively  low.  The  cathodic  polarization  of  the  metal 
to)  be  protected  is  achieved  either  by  imposing  a  current  from  an 
external  source  (cathodic  protection)  or  by  setting  up  a  macrogal vanic 
couple  with  a  less  noble  metal  (usually,  aluminium,  manganese,  zinc 
or  their  alloys).  This  auxiliary  metal  acts  as  the  anode  and  dissolves 
at  a  rate  sufficient  to  produce  the  required  current  in  the  system. 
An  auxiliary  metal  which  is  made  to  dissolve  (corrode)  in  place 
of  the  metal  to  be  protected  is  often  called  the  sacrificial  anode. 

A  method  of  protection  of  metals  against  corrosion  has  recently 
been  developed,  which  is  based  on  imposing  anodic  polarization. 
This  method  is  applicable  only  to  metals  and  allows  capable  of 
passivation  when  their  potential  is  shifted  in  the  positive  direction, 
i.e.,  to  metals  whose  anodic  polarization  curve  is  similar  to  the 
one  given  in  Fig.  23.3.  When  the  passive-slate  region  is  attained, 
the  rate  of  dissolution  of  the  metal  may  fall  abruptly  and  become 
lower  than  its  rate  of  self-dissolution  in  the  absence  of  external 
polarization. 

Electrical  methods  of  corrosion  protection  also  include  so-called 
electrical  drainage  used  to  protect  buried  metal  structures  against 
the  destructive  effect  of  stray  currents.  In  this  method,  anodic 
areas  which  cause  corrosion  are  detected  on  a  buried  metal  structure 
and  connected  by  metallic  conductors  to  sources  of  stray  currents 
(e.g.  tramway  rails,  d-c  cables).  All  the  current  will  then  flow  through 
the  metallic  conductor  and  the  danger  of  an  anodic  reaction  will 
be  eliminated. 

The  protection  of  metals  based  on  altering  their  properties  is 
achieved  by  special  treatment  of  their  surface  or  by  alloying. 

The  treatment  of  the  surface  of  a  metal  to  decrease  its  corrosion 
is  carried  out  by  any  one  of  the  following  methods:  (I)  coating 
a  metal  with  surface  passivating  films  of  its  sparingly  soluble 
compounds  (oxides,  phosphates,  sulphates,  tungstates  used  separa¬ 
tely  or  in  combination):  (2)  covering  the  metal  surface  with  protec¬ 
tive  coats  of  oils,  greases,  bitumens,  paints,  enamels,  etc.;  and 
(3)  applying  coatings  of  other  metals  which  are  more  stable  under 
given  conditions  than  the  metal  to  be  protected  (tinning,  plating 
with  zinc,  copper,  nickel,  chromium,  lead,  rhodium,  etc.). 

The  protective  action  of  most  of  the  surface  films  is  achieved  by 
mechanical  separation  of  the  metal  from  its  corrosive  environment. 
According  to  the  local-cell  theory,  their  effect  is  due  to  the  increase 
of  electrical  resistance  (Fig.  24.no).  From  the  standpoint  of  the 
kinetic  theory  of  corrosion  it  should  be  ascribed  to  the  setting  up  of 
an  additional  energy'  barrier,  which  increases  the  polarization  of  the 
anodic  and  cathodic  processes  (Fig.  24.96). 
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The  increased  stability  of  iron  and  steel  articles  coated  with 
other  metals  is  due  to  mechanical  isolation  of  the  surface  and  to 
the  alteration  of  its  electrochemical  properties.  In  this  mode  of 
protection  the  reversible  potential  for  the  anodic  reaction  is  shifted 
to  more  positive  values  (coating  with  copper,  nickel,  rhodium) 
or  the  polarization  of  the  cathodic  reaction  is  increased,  i.c.,  the 
hydrogen  overpotcnlial  is  raised  (zinc,  tin,  lead).  As  follows  from 
the  diagrams  of  Fig.  24.5  and  also  from  Eq.  (24.18)  all  these  changes 
reduce  the  rate  of  corrosion. 

The  surface  treatment  of  metals  is  aimed  at  preventing  corrosion 
of  machines,  equipment,  apparatus  and  household  articles  during 


tb) 


Fig.  24.9.  The  decrease  of  the  corrosion  rate  in  the  presence  of  a  protective 
surface  layer  due  to  increased  ohmic  resistance  (a)  and  increased  energy 
barrier  (6) 


transportation  and  storage  (oils,  greases,  passivating  films)  and 
at  long-term  protection  in  service  (varnishes,  paints,  enamels, 
metallic  coatings).  A  common  drawback  of  these  methods  is  that 
when  the  surface  layer  wears  out  or  is  damaged  the  intensity  of 
corrosion  may  sharply  increase,  and  a  new  coaling  sometimes  cannot 
be  applied.  In  this  respect  alloying  is  considerably  more  effective 
in  increasing  the  corrosion  resistance  of  metals,  although  it  is  usually 
more  expensive.  An  example  is  the  alloying  of  copper  with  gold 
To  protect  copper  reliably  against  corrosion  it  is  necessary  to  ad<i 
to  it  a  considerable  amount  of  gold  (not  less  than  52.5  al.%).  Gold 
atoms  mechanically  protect  copper  atoms  from  interaction  with 
the  environment.  Incomparably  less  alloying  component  is  needed 
to  increase  the  stability  of  the  metal  if  this  component  is  capable 
ot  combining  will,  oxygen  m  torn  ,  protective'  pessivniing  film. 
For  example,  the  addition  of  several  percent  of  chromium  sharplv 
enhances  the  anticorrosive  stability  of  steels.  Of  theoretical  and 
practical  interest  is  the  increase  of  tho  corrosion  resistance  of  metals 
bj  alloying  them  with  cathodic  additives  (Tomashov).  To  elucidate 
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the  principles  on  which  this  method  is  based,  we  will  consider 
polentiostatic  curves  after  Kolotyrkin.  In  the  absence  of  externally 
applied  polarizing  current  a  metal  is  at  a  stationary  potential  e„'r 
(Fig.  24.10)  lying  in  the  region  of  its  active  dissolution  (before 
alloying).  The  rale  of  ^corrosion  is  determined  here  by  the  point 
of  intersection  of  the  fa  and  (l)(n  curves  and  corresponds  to  the 
current  tror.  Upon  addition  of  a  small  amount  of  palladium  (or 


U*CloP‘«r  l«gt 


Fig.  24. 10.  Polarization  diagram  showing  the  possibility  ot  protecting  a  metal 
against  corrosion  by  incrcusing  the  rate  ot  the  cathodic  process  amt  shifting 
the  steady-state  potential  to  the  passivity  region 

any  other  metal  of  low  hydrogen  overpolential)  to  the  parent  metal 
the  polurization  curve  for  hydrogen  evolution  will  correspond  to  the 
straight  line  (S)fa,  which  intersects  the  anodic  curve  already  in  the 
passivity  region.  As  a  result,  the  stationary  corrosion  potential 
is  shifted  to  the  positive  side  up  to  a  certain  value  e'ce,  and  the 
corrosion  rale  drops  down  to  i',cr.  which  corresponds  to  the  rale 
of  dissolution  of  the  metal  in  the  passive  stale.  Thus,  the  corrosion 
rate  is  reduced  here  by  decreased  retardation  of  the  cathodic  process. 
Such  a  mechanism  of  corrosion  protection  is  possible  only  where  the 
reversible  potential  of  the  hydrogen  electrode  is  more  positive 
under  the  given  conditions  than  the  Fladc  potential  and  the  point 
of  intersection  of  the  cathodic  and  anodic  polarization  curves 
lies  iu  the  region  of  the  passive  state  of  the  metal  (Fig.  24.10). 
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The  corrosion  rate  can  also  he  decreased  by  altering  the  properties 
of  the  corrosive  medium.  This  is  achieved  cither  by  special  treatment 
of  the  medium  with  a  view  to  depress  its  aggressiveness  or  by 
introducing  into  it  small  amounts  of  special  substances,  so-called 
corrosion  inhibitors. 

The  treatment  of  the  corrosive  medium  is  carried  out  by  any 
methods  which  lower  the  concentrations  of  its  aggressive  constituents. 
For  example,  in  neutral  salt  solutions  and  in  fresh  water  one  of  the 
most  aggressive  components  is  oxygen.  It  is  removed  by  deaeration 
(boiling,  distillation,  bubbling  with  an  inert  gas)  or  by  binding 
it  with  appropriate  reagents  (sulphates,  hydrazine,  etc.).  The  lowering 
of  the  oxygen  concentration  diminishes  almost  linearly  its  reduction 
limiting  current  and  hence  (sec  Fig.  24.7)  the  rale  of  corrosion  of 
the  metal.  The  aggressiveness  of  the  medium  can  also  be  depressed 
by  alkalization,  decreasing  the  total  content  of  salts  and  replacing 
more  aggressive  ions  with  less  aggressive  ones.  In  the  anticorrosive 
treatment  of  water  aimed  at  depressing  its  scale-forming  tendency 
it  is  very  often  purified  with  ion-exchange  resins. 

Corrosion  inhibitors  are  classified  as  liquid-phase  and  vapour-phase 
or  volatile,  depending  on  the  conditions  of  their  use.  Liquid-phase 
corrosion  inhibitors  arc  subdivided  according  to  their  utilization 
(in  neutral,  alkaline  or  acidic  media).  The  inhibitors  most  often 
used  for  neutral  solutions  arc  inorganic  compounds  of  the  anionic 
type.  Their  inhibiting  effect  is  evidently  associated  cither  with 
tiie  oxidation  of  the  metal  surface  (nitrites,  chromates)  or  with  (he 
formation  of  a  film  of  a  difficultly  soluble  compound  between  the 
metal,  the  given  anion  and.  possibly,  oxygen  (phosphates,  hydro- 
phosphates).  An  exception  is  benzoates,  whose  inhibiting  effect  is 
mainly  associated  with  adsorption  phenomena.  All  corrosion  inhibi¬ 
tors  used  for  neutral  solutions  slow  down  predominantly  the  anodic 
reaction,  causing  a  shift  of  the  stationary  potential  in  the  positive 
direction  (see  Fig.  24.5).  No  effective  corrosion  inhibitors  have 
been  found  so  far  for  protection  of  metals  in  alkaline  solutions. 
Only  higli-molecular-weighl  compounds  possess  some  inhibitivo 
properties. 

Corrosion  inhibitors  for  acidic  solutions  are  almost  exclusively 
organic  substances  containing  nitrogen,  sulphur  or  oxygen  in  the 
form  of  amino,  imino,  and  lliio  groups  and  also  as  carboxyl,  carbonyl 
and  some  other  groups.  It  is  commonly  held  that  the  inhibiting 
action  of  organic  substances  is  due  to  their  adsorption  at  the  metal- 
acid  interface  which  retards  cathodic  and  anodic  reactions,  thereby 
reducing  the  corrosion  rate.  In  connection  with  the  predominantly 
adsorptive  effect  of  organic  inhibitors  of  acid  corrosion  the  magnitude 
of  the  surface  charge  of  the  corroding  metal,  i.c.,  the  value  of  its  <p 
potential,  is  of  special  importance  for  understanding  the  mechanism 
of  their  inhibiting  action  and  for  a  rational  approach  to  the  deve- 
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lopinenl  of  new  inhibitors.  The  application  of  the  correlative  scale 
of  potentials  allows  one  to  use  data  of  olcclrocapillary  measurements 
on  mercury  in  solutions  containing  organic  substances  in  order 
to  estimate  their  cflicicncy  as  corrosion  inhibitors  for  iron  and 
other  metals  in  contact  with  acidic  media.  Knowing  the  9  potential 
of  the  metal  subjected  to  corrosion,  one  can  calculate  the  inhibi¬ 
tion  coefficients  as  well  as  predict  which  substances  will  act  as  corro¬ 
sion  inhibitors.  Experimental  values  of  the  inhibition  coefficients 


Fig'  rl.1.1.-  Co“P?rine  experimental  and  calculated  (straight  line)  coefficients 
ot  inhibition  of  tho  acid  corrosion  of  iron  on  addition  of  different  amounts  of 
(iietuyiamine.  tilled  and  empty  circles  represent  experimental  data  obtained 
by  different  authors 


for  retarding  the  corrosion  of  iron  in  acidic  media  in  the  presence 
of  different  amounts  of  diethylaminc  are  given  in  Fig.  24.11  along 
with  the  theoretical  straight  line  plotted  according  to  the  equation 
log  v  =  const,  +  const,,  -!-  0,  log  c  (24.24) 

where  const.,  is  a  quantity  constant  for  any  member  of  the  homolo¬ 
gous  series  of  amines  and  pyridincs,  and  const,  and  B,  are  found 
from  olcclrocapillary  measurements  on  mercury.1' 

However,  adsorption  is  only  a  necessary  precondition  for  the 
manifestation  of  the  inhibiting  effect  of  organic  substances,  and  it 
docs  not  determine  completely  the  actual  effect  of  inhibitors.  This 
actual  effect  depends  also  on  many  other  factors,  viz.  the  clcclroche- 
mical  characteristics  of  a  particular  corrosion  process,  the  nature 

lionof  U.einhiwKqVa'l  ft  molK'Ind  al  £on?eulrp; 

line  in  the  equation  log  Ao  1  const  '  +S  log/'”  9,0pc  of  lhc 
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uf  (lie  culhodic  reaction,  the  magnitude  and  nature  of  hydrogen 
overpotential  (in  corrosion  with  hydrogen  depolarization),  possible 
chemical  transformations  of  inhibitors  during  corrosion,  etc.  In 
certain  cases  the  effects  of  these  factors  may  prevail,  in  which  case 
simple  relations  like  Kq.  (24.24)  cease  to  operate.  But  even  then 
they  arc  useful  becuusc  they  allow  one  to  judge  the  mechanism  of 
inhibition  on  the  basis  of  deviations  observed. 

The  effect  of  most  of  corrosion  inhibitors  used  in  acidic  media 
is  reinforced  by  the  addition  of  surface-active  anions:  halides, 
sulphides  and  rhodanidcs. 

Vapour-phase  inhibitors  are  used  for  corrosion  protection  ol 
machines,  apparatus  and  other  metal  articles  during  their  service 
in  the  air  medium,  during  transportation  and  storage.  Vapour- 
phase  inhibitors  arc  sprinkled  as  a  solid  in  a  container  or  packing 
case,  or  placed  in  a  muslin  bag  close  to  the  surfaces  to  be  protected. 
Owing  to  the  sufficiently  high  vapour  pressure  volatile  inhibitors 
reach  the  metal-air  interface  and  dissolve  in  the  moisture  film 
covering  the  metal.  Then  they  are  adsorbed  from  the  solution  on  the 
metal  surface.  The  inhibiting  effects  in  this  case  are  similar  to  those 
observed  with  liquid-phase  inhibitors.  The  compounds  commonly 
used  as  vapour-phase  inhibitors  are  amines  of  low  molecular  weight 
to  which  corresponding  groups  (e.g.  NO-  or  CO.)  are  added.  In 
connection  with  the  specific  conditions  of  their  use  the  toxicity 
of  vapour-phase  inhibitors  should  be  kept  to  a  minimum. 

To  protect  metals  against  corrosion,  combination  methods  are 
often  used.  Tor  example,  to  prolong  the  service  life  of  underground 
pipelines,  mechanical  means  of  corrosion  protection  (insulating 
materials,  bitumen  compositions,  etc.)  are  used  in  combination  with 
cathodic  protection,  which  prevents  the  metal  from  corrosion  at 
spots  unprotected  by  the  insulating  layer.  Paints  used  to  prevent 
metals  from  corrosion  contain  a  corrosion  inhibitor;  thus  mechanical 
protection  is  combined  with  electrochemical  protection.  The  imposi¬ 
tion  of  cathodic  polarization  enhances  the  retarding  effect  of  inhi¬ 
bitors  in  neutral  and  acidic  media.  In  the  first  case  the  effectiveness 
of  corrosion  protection  is  increased  mainly  by  alkalizing  the  solution 
near  the  metal  surface,  which  facilitates  the  formation  of  difficultly 
soluble  compounds.  In  acid  media  an  increase  in  the  efficiency 
of  protection  results  from  the  increase  in  the  adsorbability  of  organic 
cations  when  the  potential  of  tho  metal  is  shifted  in  the  negative 
direction,  i.c..  when  its  negative  charge  is  increased.  Some  organic 
substances  which  do  not  affect  the  corrosion  of  iron  in  neutral  media 
become  efficient  inhibitors  when  the  cathodic  polarization  is  applied. 

The  net  effect  of  combined  protective  methods  is  usually  higher 
than  the  separate  effect  of  the  corresponding  individual  methods. 


CHAPTER  25 
Some  Problems  of  Modern 
Electrochemistry 


1‘rosenl-day  electrochemistry  has  not  only  .solved  many  old  pro¬ 
blems  of  classical  electrochemistry  hut  also  formulated  new  problems 
and  developed  novel  trends  called  forth  by  the  general  progress 
of  science  and  technology. 

Mention  should  primarily  be  made  of  such  new  trends  as  the 
-electrochemistry  of  semiconductors,  chcmolronics,  and  fuel  cells. 

Semiconductor  electrochemistry  as  a  new  branch  of  theoretical 
electrochemistry  owes  its  origin  to  two  main  factors,  l-'irsl,  many 
electrochemical  processes  taking  place  at  the  electrode-electrolyte 
interface  actually  occur  on  a  surface  exhibiting  the  properties  of 
semiconductors  and  having  all  the  intrinsic  features  of  this  type 
of  material.  The  conductivity  of  these  surface  layers  -metal  oxides 
and  hydrides,  intermclallic  compounds,  etc.— lies  between  the 
conductivities  of  metals  and  dielectrics.  It  is  sensitive  to  the  presence 
of  traces  of  impurities  and  increases  with  temperature,  in  contrast 
to  the  conductivity  of  metals.  The  passage  of  a  current  through 
semiconductors  is  accomplished,  in  a  general  case,  bv  electrons 
(w-type  conductivity)  or  by  holes,  i.c.,  vacancies  left  after  electrons 
have  moved  to  another  energy  band  (/>- type  conductivity).  I  n  contrast 
to  metals,  in  semiconductors  there  is  a  wide  space-charge  layer 
near  their  contact  with  other  phases,  which  complicates  the  picture 
of  the  electric  double  layer.  Interpretation  of  the  kinetics  of  many 
electrochemical  reactions  (processes  in  chemical  sources  of  elec¬ 
tricity,  anodic  dissolution  of  metals,  etc.)  is  therefore  impossible 
without  elaboration  of  the  electrochemistry  of  semiconductors. 
Second,  an  important  role  in  the  technology  of  production  of  semi¬ 
conducting  materials  used  to  fabricate  electronic  devices,  solar 
batteries,  etc.,  is  played  by  processes  which  are  electrochemical 
in  nature.  Among  these  processes  are  the  anodic  and  ordinarv  etching 
of  semiconductors,  the  deposition  of  thin  layers  of  a  metal  on  the 
surface  of  semiconductors,  etc. 

C.hemolronics,  which  has  emerged  only  recently,  is  concerned 
with  electrochemical  systems  capable  of  functioning  as  individual 
components  and  even  assemblies  in  intricate  electronic  and  cybernetic 
circuits.  Relatively  simple  electrochemical  cells  (and  their  combi¬ 
nations)  can  be  used  as  diodes,  pressure  pickups,  integrators,  multi- 
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pliers,  memory  devices,  etc.  The  specific  feature  of  chemolronic 
devices  is  that  they  are  mast  convenient  for  measurements  and 
control  of  processes  involving  comparatively  low  frequencies  (usually 
below'  1000  Hertz)  at  which  electronic  and  semiconductor  devices 
are  almost  inapplicable.  This  feature  of  chemotronics  arises  from 
the  fact  that,  in  distinction  to  radio  valves  and  semiconductors, 
in  which  the  electrons  and  holes  are  charge  carriers,  in  chemolronic 
devices  this  role  is  played  by  ions,  i.e..  particles  having  a  considera¬ 
bly  larger  mass  and  interiaand.  therefore,  moving  at  a  lower  velocity. 
Another  specific  feature  of  chemolronic  devices  is  that  the  flux 
of  charged  particles  can  be  controlled  not  only  by  imposing  an 
electric  field,  as  in  radio  valves  and  semiconductors,  but  also  by 
mass  transfer,  i.e..  changing  the  conditions  of  diffusion  and  cou- 
vcclion.  Thanks  to  this  property  chemolronic  devices  are  more 
universal  than  electronic  and  semiconductor  devices. 

Still  another  feature  of  chemolronic  devices  is  the  nature  of  the 
medium  in  which  charge  carriers  migrate.  The  medium  presently 
used  in  chemolronic  devices  is  a  solution  (usually  aqueous)  of  a  cor¬ 
responding  electrolyte  (commonly  potassium  iodide  with  a  small 
amount  of  iodine).  In  radio  valves,  the  electrons  move  in  a  vacuum, 
ami  in  semiconductors,  in  crystal  lattice  interstices.  According 
to  Lidorenko,  who  outlined  the  prospects  of  practical  application 
of  chemolronic  devices,  most  diverse  materials  may  be  used  as 
working  media  in  chemolronic  devices. 

The  third  trend  in  the  progress  of  electrochemistry  is  liuked  with 
the  development  of  so-called  fuel  cells.  This  problem  is  of  special 
topical  importance  and  deserves  a  more  detailed  consideration. 

A  fuel  cell  (or  an  electrochemical  energy  producer)  is  an  electro¬ 
chemical  device  intended  for  direct  conversion  of  chemical  energy 
contained  in  the  system  "fuel  —  oxidant"  into  electrical  energy. 

At  present,  the  most  widespread  method  of  utilizing  the  chemical 
energy  of  a  fuel  is  to  burn  it  up  in  steam  boilers  or  in  internal-com¬ 
bustion  engines.  Here  the  chemical  energy  of  the  fuel  is  transformed 
into  the  heal  energy  of  the  reaction  products: 

fuel  -f-  oxygen  =  reaction  products  —  (heat  energy) 

Since  the  ultimate  purpose  of  operation  of  any  engine  is  to  perform 
some  work,  the  transformation  of  chemical  energy  into  heat  is 
followed  by  the  conversion  of  this  heat  into  mechanical  energy 
and  then,  if  required,  into  electrical  energy.  Thus,  the  following 
energy-conversion  cycle  is  accomplished: 

chemical  energy  -i-  heat  mechanical  energy 

electrical  energy 

All  the  three  stages  of  energy  conversion  involve  losses.  However, 
while  at  stages  1  and  111  these  losses  may  in  principle  be  reduced 
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to  a  negligible  value  (depending  merely  on  llu>  perfection  of  the 
design),  stage  II  involves  losses  which  cannot  be  avoided  by  any 
improvement  of  the  engine  design.  The  reason  lies  in  the  specific 
nature  of  heal  as  a  form  of  energy. 

Heal  is  the  energy  of  chaotically  moving  molecules.  The  transfor¬ 
mation  of  heat  into  the  energy  of  oriented  movement  of  macroscopic- 
bodies  (mechanical  energy)  or  into  the  energy  of  an  oriented  flux 
of  charged  particles  (electrical  energy)  is  possible  only  if  there 
are  two  heal  reservoirs:  a  source  at  a  higher  temperature  and 
asink  at  a  lower  temperature  7V  The  degree  of  conversion  of  heat 
Q  into  work  A  depends  on  the  ratio  of  these  temperatures  and  cannot, 
even  under  the  most  favourable  conditions,  exceed  the  value  defined 
by  Carnot's  theorem: 


In  practice,  the  efficiency  of  steam  engines  is  i-S  per  cent,  that 
of  powerful  heat-and-power  stations  up  to  30  per  cent,  and  of  power¬ 
ful  stationary  internal-combustion  engines  from  ill  to  50  per  cent. 
Thus,  in  present-day  heat  engines  50  to  95  per  cent  of  the  original 
chemical  energy  of  a  fuel  is  wasted,  the  greater  part  of  these  efficiency 
losses  being  unavoidable. 

In  contrast  to  heal  engines,  in  fuel  cells  the  chemical  energy  is 
directly  converted  into  electrical  energy  without  an  intermediate 
heat  stage: 

chemical  energy  electrical  energy 
Thus  the  limitations  imposed  by  the  second  law  of  thermodynamics 
do  not  apply  here,  and  theoretically  an  efficiency  close  to  100  per 
cent  can  be  achieved. 

In  a  fuel  cell,  the  overall  chemical  reaction  of  fuel  combustion 
fuel  -f-  oxidant  =  reaction  products  —  Q 
is  split  up  into  two  interconnected  partial  electrochemical  reactions 
taking  place  at  electrodes  and  involving  electrons: 

(1)  at  anode:  fuel  =  fuel  oxidation  products  —  ze 

(2)  at  cathode:  oxidant  -r  ze  =  oxidant  reduction  products 

When  passing  through  the  external  circuit  from  the  anode  to  the 

cathode  the  electrons  can  perform  useful  work.  In  other  words, 
the  chaotic  movement  of  electrons  between  the  reacting  particles, 
accompanied  by  the  evolution  of  heal  (ordinary  combustion),  is 
replaced  by  an  ordered  transfer  resulting  in  useful  work  (electroche¬ 
mical  combustion). 

In  a  fuel  cell,  as  in  any  other  galvanic  cell,  the  amount  of  energy 
that  can  be  converted  to  work  corresponds  to  the  change  of  free 
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energy  (or  Gibbs  frec-energy  change)  in  the  reacting  system: 

Amax  =  zFE  =  —  AG  (25.2) 

J  he  total  change  of  the  chemical  energy  stored  in  the  reacting  system 
corresponds  to  the  enthalpy  (heat-content)  change  or  to  the  thermal 
effect  of  the  reaction 

Q  =  -A//  (25.3) 

The  difference  between  AH  and  AG  is  called  the  bound  energy' 
of  the  system:  when  a  galvanic  cell  is  operating,  this  energy  can 
be  converted  only  to  beat  but  not  to  work: 

A//  -  AG  =  TAS  (25.4) 


lhe  thermodynamic  efficiency  of  a  fuel  cell  is  determined,  as  in  the 
case  of  a  heat  engine,  by  the  ratio  of  the  work  which  can  be  obtained 
from  the  cell  to  the  heat  effect  of  the  reaction. 


sFE  SC  _  .  TAS 
Q  ~  AH  ~  ~SH~ 


(25.5) 


.As  can  be  seen  from  Eq.  (25.5),  the  thermodynamic  efficiency  of 
.a  fuel  cell  depends  on  the  magnitude  and  sign  of  the  entropy  change 
•during  the  reaction.  It  is  usually  a  small  value  and  the  efficiency 
is  as  a  rule  dose  to  unity  (to  100  per  cent);  it  may  be  smaller  or 
greater  than  unity.  In  the  latter  case  not  only  the  entire  internal 
•energy  of  the  system  (  —  AH)  is  converted  to  useful  work  but  also 
a  certain  amount  of  beat  absorbed  by  the  cell  from  the  environment. 
■Conversely,  if  A 5  <  0,  then  the  efficiency  will  be  smaller  than 
W  aml  ,!lu:  corresPonding  part  of  the  thermal  effect,  equal  to 
TAS.  is  dissipated  as  heal. 

If  the  reaction  involves  gaseous  substances,  their  contribution 
to  the  total  entropy  is  greatest  since  the  gas  state  is  the  least  ordered 
one.  Accordingly  when  gaseous  substances  are  consumed  in  the 
course  of  the  reaction  the  entropy  of  the  system  mav  be  expected 
to  decrease,  and  the  theoretical  efficiency  will  be 'smaller  than 
Uni,,y:  _'vh?":SaSe°Ur  js“b_s,an“s  .'?re  f°rm*d.  the  opposite  ef£ 
increase  and  the 


the  entropy  of  the  system  will 


efficiency  will  be  greater  than  unity.  For  example  at  room  t!m„  th* 
lure  the  reaction  of  coal  combustion  P  ’  r00m  tcmP°ra' 


Sr-t  XI  """" 

C  4-  V,Oj  =  CO 
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under  the  same  conditions  gives,  respectively.  1.25  and  0.7V.  For 
a  reaction  in  a  hydrogen-oxygen  fuel  cell  (An  -■  —1.5) 

II,  -f  '/.Os  =  II ,0  (liquid) 
one  has  0.83  and  1.23V. 

Technical  data  for  some  combustion  reactions  which  can  he  used 
in  fuel  cells  are  listed  in  Table  25.1. 


Technical  Data  for  Some  Combustion  Reactions 


Reaction 

3im*K 

1 . . . * 

« 

Efficiency 

- 

Efficiency 

C-rO.=  CO, 

2C  +  0.  =  2C0 

4 

-H 

1.02 

!;” 

■;£ 

1.02 

CHa  4-  2(3,  =  CO*  -i-  211.0 

8 

;  o 

lift?  , 

V'i*Ir,|  I 

Hs+O^HjO 

4 

-1 

1.18 

094 

I.IB  | 

The  practical  efficiency  of  the  existing  fuel  cells  is  much  lower 
than  theoretical  (50-80  per  cent),  but  greatly  exceeds  ihn  efficiency 
of  heal  engines. 

Thus,  the  foremost  feature  of  fuel  cells  is  the  possibility  of  direct 
conversion  of  chemical  energy  into  electrical  at  a  high  efficiency. 
It  should  be  noted  that  this  specific  feature,  as  well  as  all  the  above 
thermodynamic  regularities,  refers  not  only  to  fuel  ceils  but  also 
to  conventional  chemical  sources  of  electricity— galvanic  cells  and 
storage  butteries.  In  these,  as  mentioned  earlier,  tin-  chemical 
energy  of  active  substances  is  also  directly  converted  into  electrical 
energy.  Fuel  cells  differ  from  ordinary  electrochemical  energy  pro¬ 
ducers  in  that  the  reactants  (fuel  and  oxidant)  arc  not  incorporated 
into  the  electrodes  beforehand,  but  arc  continuously  fed  to  them 
during  operation.  This  is  the  reason  why  fuel  cclis  can  operate 
continuously  for  an  indefinite  period  of  time  while  the  reactants 
arc  supplied  and  the  reaction  products  removed.  Continuous  opera¬ 
tion  is  the  second  distinctive  feature  of  fuel  cells. 

Fuel  cells  possess  other,  less  unique  features,  owing  to  which 
they  are  preferred  in  a  number  of  special  fields  of  application.  These- 
include  the  absence  of  moving  parts,  constant  readiness  for  operation, 
high  effectiveness  over  a  wide  range  of  loads,  silent  operation  and. 
for  some  types  of  fuel  cells,  the  absence  of  harmful  waste  products. 

A  clearcut  formulation  of  the  advantages  offered  by  the  electro¬ 
chemical  burning-up  of  a  fuel  in  comparison  with  ordinary  chemical 
combustion  reactions  was  first  given  by  Yablochkov  in  the  1880's. 
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and  al  the  same  lime  lie  received  lii.s  first  palcnl  for  llie  invention 
of  the  fuel  cell.  Later  the  idea  of  the  fuel  cell  was  developed  bv 
Oslwuld .  However,  attempts  at  constructing  a  fuel  cell  .suitable 
for  practical  use  faced  considerable  difficulties  al  the  very  outset 
due  primarily  to  the  electrochemical  inertness  of  coal.  Kven  at 
temperatures  of  the  order  of  1000'C  the  rale  of  the  electrochemical 
buriiiiig-iip  of  a  solid  fuel  remains  loo  low.  Besides,  a  cell  using 
a  solid  fuel  soon  becomes  inoperative  because  of  the  accumulation 
of  ash.  Fuel  cells  in  which  a  solid  fuel  is  used  indirectly  as  a  reducing 
agent  have  proved  somewhat  more  effective.  In  these  cells,  the 
electrochemical  I  y  active  substances  arc  appropriately  selected  redox 
systems.  For  example,  the  following  processes  can  be  used: 
at  the  negative  electrode 

Sn*4  -*•  Sn44  2e 
at  the  positive  electrode 

Br2  -r  2e-*-  2Br" 

The  lelravalenl  stannic  ions  formed  arc  reduced  externally  by 
a  primary  fuel  (coal)  and  the  bromide  ions  arc  oxidized  by  atmo¬ 
spheric  oxygen  and  then  fed  hack  to  the  cell  to  complete  the  cycle. 
Redox  fuel  cells,  as  they  arc  called,  have  not  yet  found  practical 
application,  but  work  along  these  lines  is  in  progress. 

Al  present  all  attempts  al  using  solid  fuels  in  fuel  cells  have 
been  abandoned  and  attention  is  mainly  focused  on  the  use  of  gaseous 
and  liquid  fuels,  which  exhibit  a  higher  chemical  activity  and  arc 
technologically  more  convenient.  The  most  promising  liquid  fuels 
arc  methyl  and  ethyl  alcohols,  formaldehyde,  and  hydrazine; 
efficient  gaseous  fuels  include  ethylene,  butane,  propane  and  other 
hydrocarbon  gases,  vapour-phase  gasoline,  carbon  monoxide,  and 
hydrogen.  I  he  oxidant  is  predominantly  oxygen  (pure  oxygen  or 
air),  but  other  oxidants  (e.g.,  hydrogen  peroxide,  chlorine  and  nitric 
acid)  arc  also  used  for  special  purposes. 

The  development  and  construction  of  efficient  fuel  cells  is  a  highly 
complicated  engineering  problem,  and  its  solution  has  become  possible 
only  within  the  last  10-15  years  due  to  the  latest  achievements  in 
electrochemistry.  Fuel  cells  have  to  meet  a  number  of  rather  stringent 
and  sometimes  contradictory  requirements.  The  basic  requirement 
is  to  provide  sufficiently  high  rales  of  electrode  processes  for  a  long 
period  of  lime.  To  put  it  differently,  the  electrodes  of  a  fuel  cell 
must  possess  a  high  electrochemical  activity,  i.e.,  provide  high 
current  densities  at  low  polarization.  The  second  requirement  refers 
to  the  electrolyte.  It  must  possess  a  high  ionic  conductivity  and 
stability,  i.e.,  its  composition  must  remain  unchanged  during  its 
interaction  with  the  fuel,  oxidant  or  reaction  products.  At  the 
same  lime  the  electrolyte  should  not  cause  corrosion  of  the  electrode 


344  Part  Six.  The  Kinetics  of  Some  Electrode  Processes 

-or  other  parts  of  the  cell.  Fuel  cells  have  to  meet  other  requirements 
as  well.  They  include  a  continuous  and  uniform  supply  of  active 
substances  to  the  working  surfaces  of  the  electrodes,  removal  of  the 
reaction  products  from  the  cell,  compactness  and  lightness  of  the 
construction,  and  a  long  service  life. 

This  set  of  requirements  is  very  difficult  to  meet  and  therefore 
•only  a  few  constructions  of  fuel  cells  suitable  for  practical  use  arc 
known  at  present,  though  intensive  research  is  being  carried  on  in 
a  number  of  countries. 

The  high  electrochemical  activity  of  electrodes  of  fuel  cells  is 
achieved  by  various  methods:  increase  of  the  temperature,  use 
of  catalysis  and  of  electrodes  with  a  large  surface  area,  etc.  A  con¬ 
siderable  increase  in  temperature  (up  to  400-900°C  and  higher) 
is  usually  resorted  to  in  cases  where  clcclrochomically  inactive 
substances,  c.g.,  hydrocarbon  gases  and  carbon  monoxide,  arc  emplo¬ 
yed  as  fuels.  A  device  working  at  such  temperatures  is  called 
a  high-temperature  fuel  cell-,  an  important  contribution  to  the  develop¬ 
ment  of  this  type  of  fuel  cell  was  made  by  Davtyan  ( l!M(>).  The 
electrolytes  used  in  high-lcmpcralure  fuel  cells  arc  cither  molten 
carbonates  (or  metal  hydroxides)  or  solid  electrolytes  possessing 
a  sufficient  ionic  conductivity  at  high  temperatures.  The  advantages 
of  such  fuel  cells  arc  the  possibility  of  using  low-activity  and  rela¬ 
tively  contaminated  fuels  and  the  high  intensity  of  the  process.  Their 
disadvantages  are  the  difficulties  associated  with  operation  at  high 
temperatures  and  with  selecting  stable  materials,  high  consumption 
of  energy  for  heating  and  compensation  of  heat  losses. 

There  are  fuel  cells  with  aqueous  electrolytes  operating  at  slightly 
elevated  temperatures  (180-250"C)  and  a  pressure  of  5  to  50  atm. 
They  are  called  moderate-temperature  fuel  cells.  This  category  includes 
first  of  all  the  hydrogen-oxygen  cell  designed  by  Bacon,  in  which 
an  alkaline  electrolyte  and  porous  nickel  electrodes  arc  used.  Modera¬ 
te-temperature  fuel  cells  with  concentrated  phosphoric  acid  as  the 
electrolyte  may  prove  suitable  for  electrochemical  burning  of  gaseous 
hydrocarbon  fuels. 

Much  attention  is  focused  at  present  on  low-temperature  fuel 
cells  operating  at  temperatures  up  to  KXFC.  Such  cells  are  simpler 
in  design  and  considerably  more  convenient  in  operation  than 
high-  and  moderate-temperature  ones.  The  electrode  processes  in 
low-temperature  cells  arc  accelerated  by  using  catalysts  of  maximal 
activity.  However,  since  such  catalysis  arc  highly  sensitive  to  con¬ 
taminations,  only  sufficiently  pure  substances  may  bo  used  as  fuels 
and  oxidants. 

Present-day  low-temperature  hydrogen-oxygen  fuel  cells  have 
a  current  density  of  up  to  300  mA/cm*  and  a  specific  power  of  up 
to  200  W/kg.  In  fuel  cells  operating  on  a  liquid  fuel  (alcohol)  these 
characteristics  are  approximately  one  order  of  magnitude  lower. 
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In  low-temperature  hydrogen-oxygen  fuel  cells  so-called  gas-diffu¬ 
sion  electrodes  arc  widely  employed.  These  arc  porous  metallic  (most 
frequently  nickel)  plates  consisling  of  two  layers.  One  layer,  in 
contact  with  the  electrolyte,  has  small  pores  and  faces  the  other 
electrode;  this  layer,  called  the  electrolyte  retainer,  is  backed  up 
with  another  layer  in  contact  with  the  gas  phase  and  having  larger 
pores  (the  supporting  or  working  layer).  This  electrode  structure, 
originally  developed  by  Bacon,  provides  a  large  interface  between 
the  gas  and  the  electrolyte  and  ensures  their  intimate  contact.  The 
interface  is  here  in  the  immediate  vicinity  of  the  surface  of  the  solid 
phase  on  which  the  electrochemical  reaction  takes  place.  The  gas 
is  prevented  from  bubbling  through  the  electrode  by  the  capillary 
pressure  of  the  liquid  contained  in  the  small  pores  of  the  retaining 
layer.  Thus  a  full  utilization  of  the  combustible  gas  and  oxygen 
is  achieved. 

A  catalyst  is  introduced  into  the  supporting  layer.  The  catalyst 
used  for  a  hydrogen  electrode  is  finely  divided  nickel  (Haney  nickel) 
produced  by  leaching  aluminium  out  of  its  alloy  with  nickel.  The 
remaining  nickel  has  a  distorted  crystal  lattice  and  a  large  surface 
area  reaching  100  nr/g.  It  is  therefore  a  very  active  catalyst  for  the 
ionization  of  hydrogen.  It  was  first  used  in  the  fuel  cells  invented 
by  Justi".  The  oxygen  electrode  usually  contains  silver  as  an  active 
ingredient  which  serves  as  catalyst  for  decomposition  of  hydrogen 
peroxide,  the  primary  product  of  the  cathodic  reduction  of  oxygen 
in  the  all  . dine  solution. 

Porous  chi  trodcs  are  the  scene  of  complex  and  interrelated  proces¬ 
ses,  which  may  briefly  be  described  as  follows.  The  gas,  penetrating 
through  t in  liquid-free  pores  into  the  supporting  layer  of  the  elec¬ 
trode.  dissolves  in  the  electrolyte  film  covering  the  inner  surface 
of  the  pon  and  then,  diffusing  through  the  film  to  the  metal  surface, 
is  adsorbed  on  it.  Then  follows  ionization  of  the  adsorbed  gas. 
i.o..  the  eh  ctrochcmical  process,  which  is  accompanied  by  the  gene¬ 
ration  of  electricity.  Ihe  products  of  the  electrode  reaction  diffuse 
through  tiie  electrolyte  film  frem  the  supporting  layer  into  the 
space  between  the  electrodes. 

The  directly  measured  electrochemical  parameters  of  porous  electro¬ 
des  (their  macrokinetic  characteristics)  are  determined  by  the  super¬ 
position  of  the  processes  described  above,  which  are  associated  both 
with  the  nature  of  the  elementary  eleclrcde  reaction  (microkinetics) 
and  with  Ihe  transfer  of  the  substance  and  electricity  inside  the 
electrode  pores (inacrofactors).  The  intoiplay  of  Ihe  micro-  and  macro- 
factors  results  in  Ihe  intensity  of  the  discharge  process  being  distri¬ 
buted  unevenly  over  the  inner  surface  of  the  porous  electrode.  The 
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highest  intensity  is  usually  observed  on  the  electrolyte  side  of  the 
electrode,  to  which  the  current  passes  easily  through  the  liquid 
contained  in  the  small  pores.  The  intensity  of  the  process  gradually 
decreases  in  the  bulk  of  the  electrode.  Therefore  the  efficient  operation 
of  gas-dillusion  fuel  cells  requires  not  only  the  use  of  a  highly  active 
catalyst  but  also  a  rational  choice  of  the  porous  structure  of  the 
electrode  to  ensure  optimum  conditions  for  supply  of  reactants 
to  the  inner  surface. 

Apart  from  porous  nickel  electrodes,  carbon  electrodes  activated 
by  small  amounts  of  metals  of  the  platinum  group  (o.g.  Kordesh 
cells)  are  also  used  in  some  types  of  low-temperature  fuel  cells. 
In  carbon  electrodes,  the  necessary  separation  of  the  gas  from  the 
liquid  in  the  bulk  of  the  supporting  layer  is  achieved  by  partial 
hydrophobization  of  the  carbon  material. 

All  hydrogen-oxygen  (oxyhydrogen)  fuel  cells  with  a  liquid  electro¬ 
lyte  operate  almost  exclusively  on  alkaline  solutions.  These  electro¬ 
lytes  have  some  shortcomings.  First  of  all,  they  are  carbonized 
when  the  air  is  blown  through  them.  Besides,  even  when  no  current 
is  drawn  from  the  cell,  the  potential  of  the  positive  electrode  is  found 
to  be  lower  than  the  reversible  potential  of  the  oxygen  electrode 
under  given  conditions.  This  is  attributed  to  the  fact  that  the  reduc¬ 
tion  of  oxygon  in  alkaline  solutions  may  lead  to  the  formation  of 
hydrogen  peroxide  instead  of  water  with  the  resulting  decrease  in  the 
electrode  potential  and  the  number  of  electrons  participating  in  the 
reaction.  The  electrode  material  must  therefore  he  catalylically 
active  with  respect  to  the  reaction  of  hydrogen-peroxide  decomposi¬ 
tion. 

Acid  electrolytes  arc  free  from  these  shortcomings,  but  their 
use  requires  electrode  materials  of  sufficiently  high  corrosion  resi¬ 
stance.  The  host  results  have  so  far  been  obtained  by  using  acid 
fuel  cells  with  ion-exchange  membranes.  In  find  cells  of  this  type 
tho  electrodes  are  made  of  silver  gauze  (for  the  oxygen  electrode) 
and  of  platinum  or  palladium  gau/.o  (for  the  hydrogen  electrode), 
and  the  electrolyte  is  a  thin  film  of  an  ion-exchange  resin,  in  which 
tho  current  is  carried  practically  by  a  single  species  of  ions. 

Tho  development  of  fuel  cells  is  closely  linked  with  the  problem 
of  utilization  of  the  chemical  energy  of  by-products  from  chemical 
and  electrochemical  processes  for  generating  electricity.  For  example, 
eloctrical  energy  can  be  obtained  through  decomposition  of  sodium 
amalgam,  which  is  an  intermediate  in  the  mercury  method  of  produc¬ 
ing  chlorine  and  caustic  soda.  A  number  of  other  chemical  transfor¬ 
mations  can  also  he  effected  in  principle  via  electrochemical  processes 
to  produce  electricity  as  a  by-product. 

And,  finally,  fuel  cells  might  be  used  in  the  future  in  combination 
with  biochemical  agents  for  rational  utilization  of  organic  waste 
and  also  of  marine  flora  and  fauna  cast  in  tremendous  amounts  onto 
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sea  and  ocean  shores.  In  such  biochemical  fuel  cells,  the  organic 
substrate  t*tta<l  w.H  lb.  „d  .1  enayms 
microorganisms.  A  number  of  such  substances  have  already  been 
found  It  has  been  established  that  they  may  produce  either  direct 
or  indirect  effect,  fn  the  direct  mechanism  the  fuel  and  enzymes 
(or  corresponding  microorganisms)  are  to  be  in  direct  contact  with 
the  negative  pole  of  the  fuel  cell,  fn  the  case  of  the  indirect  mecha¬ 
nism  the  effect  of  bacteria  consists  in  splitting  off  hydrogen,  which 
is  then  supplied  to  the  electrode  and  is  oxidized  to  produce  water 
Bacteria  capable  of  functioning  in  biochemical  fuel  cells  include 
for  example,  Pseudomonas  melhanica.  For  their  vital  activity  these 
bacteria  make  use  of  the  carbon  from  methane  or  methyl  alcohol 
with  the  simultaneous  liberation  of  hydrogen.  In  the  presence  of 
these  microorganisms  either  direct  or  indirect  activation  of  the 
organic  fuel  is  possible.  A  somewhat  higher  potential  is  produced 
in  the  first  case,  evidently  due  to  the  evolution  of  atomic  hydrogen. 

Properly  organized  large-scale  research  and  engineering  work  on 
the  development  of'efficicnt  fuel  cells  carried  on  in  many  countries 
creates  the  necessary  prerequisites  for  their  utilization  in  the  various 
branches  of  technology.  The  principal  field  of  application  of  fuel 
cells  at  presenl'is  the  power  supply  of  communication  systems  and 
airborne  equipment  (in  spacecraft).  It  may  be  expected  that  fuel 
cells  will  li'id  wide  use  as  a  source  of  power  in  transportation  (electric 
automobiles,  electric  locomotives,  and  other  means  of  transportation 
which  do  i".:  contaminate  the  atmosphere  with  harmful  combustion 
gases),  for  the  storage  of  energy  from  wind-driven  generators,  etc. 
The  application  of  fuel  cells  instead  of  turbogenerators  at  large 
electric  stations  is  now  considered  hypothetical  because  of  their 
low  efficiency  when  conventional  fuels  are  used  and  because  of  the 
short  service  life  of  the  existing  fuel  cells. 
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Hiickol,  60 

Poisson  oquation,  56,  57,  58 
Polarimotric  titrations,  402 
Polarizability,  78 
Polarization,  oloctrode,  309,  336 
activation,  316 
adsorption,  484 
concentration,  315 
curvos,  310,  388,  445,  505 
emf  of,  309 

factors  controlling,  in  cathodic 
deposition  of  metals,  487 
phenomena,  classification  of,  313-6 
in  redox  reactions,  452 
Polarization  curve  method,  388-90 
Polarization  diagrams,  528,  529,  534 
for  corrosion  with  hydrogen  depola¬ 
rization,  530 

for  corrosion  with  oxygen  depolari¬ 
zation,  528 

Polarization  resistance,  325,  367 
Polarization-time  curve,  480 
Polarograms,  396,  397,  403 
differential,  408.  409 
Polarograpbic  cell,  395,  396 
Polarographic  curve,  397 
Polarographic  maxima.  403-8 
of  the  first  kind,  408 
nogative,  404,  405 
positivo,  404,  405 
of  the  second  kind,  407 
suppression  of,  406 
Polarographic  wave,  396,  397 
basic  equation  of,  399 
Polarography,  395IT 
with  amalgam  electrodes,  402 
classical,  395-402 
differential,  403 
further  development  of,  408-10 
oscillographic,  409,  410 
with  solia  microolectrodes,  402 
Polycrystallino  deposits,  358 
Porous  olectrodes,  545 
Positivo  hydration,  94 
Potential(s),  162,  220 
chemical.  29.  101,  151,  212 
contact,  213,  214,  216,  219,  222 
depassivation,  506 
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Potential  .  _ 

diffusion,  29,  145,  1501,  212 
dipole,  221 

of  electrocapillary  maximum,  2b4, 

electrochemical,  210,  212 
electrode,  157,  162,  213,  216 
electrokinctic,  245,  282 
external  |(outer),  211,  212 
Flade,  506 
Galvani,  212,  213 
internal  (inner),  211,  212 
of  ion,  59 

of  ionic  atmoapherc,  60 
liquid  junction,  212,  220 
mediators,  176 
Nernst,  212,  213,  216 
normal,  230 
passivation,  505 

phi  (q>),  267,  287,  471-4,  492,  536 
real.  212,  223 
redox-kinetic,  392 
sedimentation,  243 
standard,  268 

stationary  (steady-state),  296,  310, 
514,  515 
streaming,  243 
surface,  211,  212 
of  uncharged  surface,  265,  266,  269 
Volta,  212 
seta,  245,  282 
of  sero  charge,  219,  265 1 
Potential-current  curves,  310,  522,  524 
Potential-curve  method,  426 
Potential-determining  jions,  184,  169, 

Potential  difference,  145,  209,  218,  219 
contact,  |214,  265 
development  of,  219-21 
equilibrium,  236 
metal-electrolyte,  282 
metal-solution,  228,  239,  265 
Nernst,  214 
single,  214 

at  vacuum-liquid  interface,  220 
Volta,  217 

Potential  electrolytes,  137 
Potential  gradient,  electric,  320 
Potential  mediators,  176 
Potential  of  sero  charge,  265 
Potential-pH  diagrams,  499,  500 
Potential-time  curves,  390,  409,  410 
Potentiometric  titration  curves,  207 
Potentiometric  titrations,  205-8 
Potentiometry,  205-8 
Potentiostatic  ((  vs.  e)  curve,  390 
Potentiostatic  method,  390 
Pourbaix  diagrams,  499,  500 


Prandtl  layer,  330,  329 
Precipitation  potential,  243 
Preparation  of  solutions  and  electro¬ 
des,  394 

Primary  hydration  shell  (solvent 
sheath),  80,  81,  89 
Primary  reference  electrode,  1(J5 
Production  of  nitrous  acid  from  nitric 
acid.  339-40 
Protection  current,  531 
Protolysis  constant,  99 
Protolytic  reaction.  99 
Protolytic  theory  «f  acids  and  bases. 
96-8 

Proton-acceptor.  97 
Proton-donor,  97 
Proton  jumps,  133 
Proton-transfer  reaction,  97-8,  133 
Purity  of  solutions,  394 


)a ternary  electrolytes,  34 
juinhydrono  electrode,  176 
juinone-hydroquinone  system,  175 


Radioactive  isotopes,  392 
Radiotracer  technique,  272 
Radiowavc  polarography,  392 
Rate  constant,  99.  393 
Rate-determining  step  (rds),  310,  315 
Rational  scale  of  potentials  269 
Reaction  rate,  371 
Reaction  layer,  337 
thickness  of,  338 

Reaction  limiting  current,  337,  339 
Reaction  overpotential,  315 
Real  potential,  223 
Recharging  of  iron  ions,  311 
Recharging  of  surface,  246,  248 
Recombination,  341 
Recrystallisation,  343,  344 
Redox  electrodes,  173 
Redox-kinetic  effect,  391 
Redox-kinetic  potential,  392 
Redox  reactions,  kinetics  of.  452ff 
effect  of  electrode  material  and 
potential  on,  455 

effect  of  solution  composition  on,  458 
Reduction,  360 

of  ferric  to  ferrous  ions,  310,  319, 
342,  361,  375 

of  iodine  to  iodide  ions,  384-5 
of  persulphate  ions,  456,  458 
of  quinono  to  hydroquinone,  460 
of  vanadate  to  vanadyl,  361 
Reference  electrodes,  165 
Reference  ion,  57 
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Reference  stale,  88 
Rchbindcr-Wcnstrom  mothod,  273 
Relaxation  cllcct,  12C,  149 
Relaxation  force,  130,  131 
Relaxation  time,  126 
Removal  of  hydrogen  atoms,  420-2, 435 
Repulsion  coefficient,  70 
Repulsive  forces,  50,  65 
Resistance  polarization,  390 
Resistivity,  102 

Reversible  electrode  potential,  295 
Reversible  systems,  25lt 
Richardson  constant,  224 
Richardson  equation,  224 
Robinson-Slokes  formula,  95 


Sacrificial  anode,  532 
Salt  bridge  method,  154 
Samoilov's  theory,  of  electrolytic 
solutions,  93-4 
Scale  of  potentials 
absolute,  84,  159,  264,  267,  268 
correlative,  267,  268,  269,  474, 
492,  536 

hydrogen,  159,  267,  268 
rational,  269,  270 
Scblicren  microscopy,  319 
Screw  dislocations.  353 
Secondary  cells,  200 
Secondary  hydrogen  evolution,  412 
Secondary  reference  electrodes,  165 
Secondary  solvent  sheath,  89 
Second-class  conductors,  23,  102 
Sedimentation  potential,  243 
Selective  adsorption  of  ions,  220 
Selective  reduction  of  organic  com¬ 
pounds,  457 
Semiconductors,  538 
Shedlovsky  formula,  128 
Short-circuit  electrolysis,  304 
Short-range  interaction,  93 
Silver  halide  crystals,  141 
Silver-silver  chloride  electrode,  166-7 
Silver-zinc  cell,  200 
Simple  redox  electrodes,  173,  174 
Single  electrode  potentials,  157 
Slipping  plane,  246 
Slow-dischargo  overpotential,  360 
Slow-dischargo  theory,  360,  465,  503 
Slow-ionization  overpotontiol,  360 
Slow-recombination  theory,  430-4 
Smoothing  agents,  484 
Soil  corrosion,  512 
Solid  microelectrodes,  402 
Solid  salts,  141 
Solubility  product,  167 
Solvated  electrons.  386-7 


Solvation  of  ions,  69fl 
entropy  of,  88 
Solvation  hcat(s),  69.  91 
of  alkali  metal  halides,  80 
chemical,  92 

Solvation  energy,  69,  76,  91 
calculation  of 

Izmailov  method,  91 
Mishchenko  method,  91 
chemical,  92 
Solvation  number,  89 
Solvent  sheath  (shell),  89 
Space  current  density,  453 
Specific  adsorption.  269 
Specifically  adsorbed  ions,  250,  266 
Specific  conductance  (conductivity), 
102 

Specific  resistance,  102 
Spontaneous  dissolution,  498 
Slain  corrosion,  513 
Standard  buffer  solutions,  41 
Standard  chemical  potential,  54 
Standard  electrode  potentials,  158, 
1800 

in  diOcrcnt  solvents,  233 
table  of,  181-2 

Standard  exchange  current,  366 
Standard  half-cells,  165 
Standard  hydrogen  electrode,  159 
Standard  Weston  cell,  173,  198 
Standard  potentials,  of  some  metals 
(table),  268 

Standard  (rcforencc)  state,  88 
Stationary  potential,  296,  310,  515, 
518,  526,  527 

Steady-state  diOusion,  143,  146,  149, 
150,  402 

Step  site,  350,  351,  355 
Stem  equation,  290 
Stem  theory  of  double  layer,  288-92 
Stockholm  convention,  159,  162 
Stoichiometric  number,  386 
Stray-current  corrosion,  512 
Streaming,  mercury,  405,  407 
Streaming  potential,  243,  244 
Sublimation,  343,  344 
Substance  producer.  308,  309 
Subsidiary  reference  electrodes,  165 
Supporting  electrolyte,  398 
Superposition  of  potentials,  law  of,  80 
Surface-tension  decrement,  471,  472 
Surface-active  ions,  417,  418 
Surface-active  substances,  227,  406, 
408 

Surface  concentration,  256 
Surface  coverage,  260 
Surface  diffusion,  355,  357 
Surface  hardness  method,  273 
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Tafel  constants,  3&S,  Ml,  414,  415, 
434,  445.  449,  503.  518 
Tafel's  equilion,  388,  M3,  415,  433, 
444.  503,  518 

Tafel-Horuiti  mechanism,  of  hydro¬ 
gen  evolution,  422 
Tangential  motions,  407 
Temperature  coefficients) 
isothermal,  181-2 
thermal,  181,  183 

Temperature-kinetic  method,  394 

Texture,  358  ...  ... 

Theory  of  double  sulphalion,  200 
Thoory  of  completo  dissociation,  62 
Theory  of  electrolytic  dissociation, 


...nt,  224 

_ il  olfects,  28,  36 

Thormogalvanic  cell,  183 
Thomson  formula.  344  ,  349 
Thomson  principle,  28.  27  ,  28 
Three-dimensional  nucleation,  343, 
344,  348, |347,  351 


conductomotric,  12 
306 


high-frequency,  122 
oscillomotric.  122 
potentiomotric,  205-8 
Transcrystallino  corrosion,  513 
Transfer  coefficient,  364,  380,  381, 
382,  383,  391,  448,  527 
Transference  numbor,  see  Transport 

Transmission  coefficient,  371 
Trauspassivity,  505 
Transport  numbers,  106,  110,  131-3 
oppnront  (Hittorf),  132,  133 
and  concentration,  117 
determination  of 
Hittorf's  method,  107-10 
moving  boundary  method,  110 
and  temperature,  I  8 
true,  132 
Washbora,  132 

Transition  (electron-transfer)  over- 
potential,  316 
Triplo  ions.  137,  138 
Two-dimensional  nucleation,  351,  354 


Ulich  method,  89 
Unit  cell,  348 


Van  Arkel  and  de  Boer’s  method,  80-1 
Van  der  Waals  equation,  45 
Van  der  Waals  forcos,  63,  252 
Van’t  HoB's  factor,  36 
Vapour-phase  inhibitors,  535,  537 
Vibrating  [boundary  mothod,  273 
Vibrating  electrodes,  402 
Viscosity,  113,  1 10,  135 
kinematic,  329 
Visual  polarography,  396 
Volatile  inhibitors,  535 
Volatility,  45 

Volmer-Prumkin  mechanism,  of  hyd¬ 
rogen  evolution,  376 
Volmer-Heyrovsky  mechanism,  of 
hydrogen  evolution,  422,  435 
Volmer-Tafel  mechanism,  of  hydrogen 
evolution,  422 

VoltaJ|otential,  212,  213,  215,  222 

and  Galvani  potential,  222 
across  solution-metal  interface,  239 
Volta  series,  182 
Volta  theory  of  electrochemical 
systems,  210-8 


Walden's  rule,  76,  77 
Washbom  transport  numbors,  132 
Water  i 

anomalous  properties  of,  82 
association,  82 
dissociation  constant  of,  38 
electrochemical  stability  of,  188 
electrolytic  decomposition  of,  443 
electrolytic  dissociation  of,  37-41 
ionic  product  of,  38,  168 
structure  of,  82 
Weak  {electrolytes,  125 
Webb  theory,  77-9 
Weston  cell,  173,  198-9 
Wien  efiect,  128-31 
Wood  alloy,  179 

Work  function,  223,  224,  225,  238, 
239,  240,  278,  279,  280,  281 
Working  (test)  olectrode,  388 


Zero-charge  potentials),  265 
of  motals,  276 

Zeta  potential,  245,  246,  247,  428 


